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Abstract: Accurate Calcium Oxalate Monohydrate (COM) solubility measurements are essential for
elucidating the physiochemical mechanism behind the formation of kidney stones, nephrolithiasis.
Yet the reported solubility values of COM in ultrapure water, arguably the simplest solvent relevant
for nephrolithiasis, vary significantly depending on implemented method. To address this variation,
we present an experimental study of the solubility of COM validated by a model based on the
Debye–Hückel theory describing the solution chemistry and the complex formation. We also carefully
monitor potential pseudopolymorphic/hydrate transitions during the solubility measurements with
in-situ and ex-situ methods. Our results indicate that the solubility of COM in ultrapure water is
a weak function of temperature. However, the measured solubility varies significantly in buffer
solutions across physiologically relevant pH values at body temperature. The proposed model
explains observed trends as a combined effect of ionic strength, protonation reactions, and soluble
complex formation. Moreover, it predicts solubility of COM in buffer solutions remarkably well
using our measurements in ultrapure water as input, demonstrating the consistency of presented
approach. The presented study parleying experiments and modelling provides a solid stepping stone
to extend the physiochemical understanding of nephrolithiasis to more realistic solutions laden with
biological complexity.

Keywords: kidney stone; nephrolithiasis; solubility of calcium oxalate monohydrate; temperature
and pH effects on solubility of sparsely soluble salts; Debye–Hückel; whewellite

1. Introduction

Nephrolithiasis can be seen as the crystallization of inorganic salts and their consequent aggregation
in the presence of biological complexity in the human kidney. This disease affects about 12% of the
world population and its prevalence is increasing [1,2]. The driving force behind nucleation, the first
step in formation of kidney stones, is the supersaturation of urine concerning the stone constituents such
as calcium, oxalate, and phosphate ions [3,4]. Patient-specific information such as patient age, genetic
effects, medical treatment history, fluid intake, diet habits, urine pH, and environmental conditions
have also been reported as significant factors in formation of kidney stones [5–7]. To prevent kidney
stone disease and its recurrence, first of all a better understanding of the underlying physiochemical
mechanism of stone formation in the kidney is needed. Such an investigation should shed light on the

Crystals 2020, 10, 0924; doi:10.3390/cryst10100924 www.mdpi.com/journal/crystals

http://www.mdpi.com/journal/crystals
http://www.mdpi.com
https://orcid.org/0000-0001-6230-0269
http://www.mdpi.com/2073-4352/10/10/0924?type=check_update&version=1
http://dx.doi.org/10.3390/cryst10100924
http://www.mdpi.com/journal/crystals


Crystals 2020, 10, 0924 2 of 19

questions such as why some people under normal physiological conditions form kidney stones in the
urinary tract, while others do not.

There are three main types of stones: Calcium oxalate, calcium phosphate, and uric acid [8–10].
Calcium oxalate (CaOx) comprises 80% of the kidney stones, which is found in the form of
hydrates [11–14]. It occurs as dihydrate (weddellite) or monohydrate (whewellite) [5,6]. Calcium
Oxalate Monohydrate (COM) is the most commonly seen and the most stable form with very low
water solubility [5,9,15,16]. It is attributed mostly to idiopathic hypercalciuria. Hypercalciuria stones
are caused due to a high calcium level in urine [5,17].

Urine is a waste product of our body consisting of a complex aqueous solution of urea, containing all
kinds of organic and inorganic salts, soluble nitrogen products, and various biomolecules. The presence
of these compounds influences the pH of the urine solution and has a strong influence on the
crystallization of calcium oxalate, the main component of kidney stones [8]. Clinical studies indicated
that pH values between 4.5 and 5.5 form the highest risk for forming kidney stones [8,18]. Even though
the average pH of urine is 6.0, it can range between 4.0 and 8.0 [19]. Prediction of the crystallization
behavior of COM crystals in such an environment therefore required precise knowledge on the
influences of the composition and pH of the urine solution in the kidney on the solubility as well as on
the nucleation and growth kinetics of these crystals. In this study, we concentrate on the solubility
of COM while carefully monitoring the potential polymorphic transitions. The solubility of COM is
reported to be strongly influenced by solution properties—the pH and ionic strength—emphasizing
the presence of electrolytes, the speciation of the different ions as well as the formation of ionic pairs in
the solution [20–22].

The solubility of calcium oxalate (CaOx) in pure water has been previously reported in the
literature [23–27]. However, the stated values vary significantly as shown in Table 1. This large
variation among reported values might be related to either the accuracy of the detection techniques
used to determine the calcium or the oxalate concentrations, or different preparation methods used
to create a saturated COM solution i.e., dissolution or precipitation, potentially resulting different
polymorphic forms of COM. More importantly, standard deviation was not reported in most of reported
measurements making it difficult to pinpoint the origin of this variation [23–29]. This inconsistency
calls for a systematic experimental study comparing different methods.

Table 1. The solubility of CaOx in pure water at 25 ◦C. In reports provided below, hydrate form of
dissolved CaOx has not been reported or characterized hence we can refer them as CaOx solubility
unless hydrate form is explicitly mentioned.

Authors Year Solubility
10−4 [M]

Measurements
Method

Gutzow et al. [26] 1993 0.57
Atomic

absorption
spectrometry

Molzon [23] 1976 1.329
Dielectric
constant

measurements

McComas et al. [24] 1942 0.455 Titration

Shehyn and Pall [25] 1940 0.60 Titration

Hammarsten [28] 1929 0.466 Titration

Herz et al. [27] 1903 2.33 Titration

Singh et al. [20] 1989 0.564 Ion Chromatography

More recent studies have focused on solubilities in more physiologically relevant solutions for
formation of kidney stones, such as urine-like or artificial urine solutions. Those studies revealed
that background electrolytes like NaCl [22,30,31], lead to an increased solubility, which has been
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attributed to the influence of the electrolyte solution on the activity coefficient of the Ca2+ and C2O4
2−

ions [22,31]. In addition, it was shown that the pH of the solution affects the speciation of the different
components and thus the formation of ionic pair complexes of calcium and oxalate ions. As such the
pH can have a strong influence on the solubility of COM and the crystallization kinetics [22,30–32].
In more complex solutions, the ratio of Ca and oxalate ions can vary considerably, stressing the need
to express the solubility in terms of the thermodynamic solubility product [21,22,33]. Streit et al.
compared their own and literature values of the thermodynamic solubility product Ksp and reported a
value of Ksp of 1.7 × 10−9 mol2·L−2 for COM at 25 ◦C [22]. However, he also noted an inconsistency
between solubility measurements using atomic absorption spectroscopy and those using the calcium
electrode measurements.

The interpretation of solubility experiments in more complex solutions requires precise estimation
of the composition effects on the activity of the relevant components. Besides, a detailed analysis of the
possible reactions and complex formation is essential to understand the behavior of these solutions
as a function of pH and composition. A number of attempts have been made to interpret solubility
and crystallization results in different solutions with varying complexity ranging from the water with
background electrolytes up to urine samples of stone-forming patients [22,24,30,31,33–35]. However,
the previous studies did not consistently cover physiologically relevant pH and temperature ranges
while considering composition effects on the activity of the relevant components. The aforementioned
variation in reported the solubility measurements of COM in ultrapure water and the lack of a
systematic study on pH dependency of this solubility hampers modeling efforts.

This work describes a coupled experimental and modeling study on the solubility of the calcium
oxalate monohydrate as a function of temperature and pH, monitoring the polymorphic form of
the crystalline phase to rule out possible transformations into other hydrates of CaOx. To select the
most appropriate analytical method to measure the solubility of this sparsely soluble compound,
we first conducted a comparative study of the solubility measurements using a number of analytical
methods as a function of temperature. Once the most appropriate analytical method was identified,
we proceeded to measure the solubility of COM as a function of pH in buffer solutions at body
temperature. Moreover, we developed a solution chemistry model based on Davies extension of
Debye-Hückel theory and compared the theoretical predictions to experimental results. The influence
of the pH on the solubility of COM is quantified at body temperature in two different buffer solutions,
i.e., citric acid-disodium phosphate and glycine-sodium hydroxide chosen to stabilize the pH between
3.2–7.55 and from 9.0 to 10.6, respectively. Finally, we used the developed a solution chemistry model
to elucidate the effects of the process conditions, ionic strength, and complex formation on the solubility
of COM [36]. The proposed model coupled with the Van’t Hoff equation enabled the calculation of
the solubility product of COM, Ksp from the solubility measurements as a function of temperature.
These Ksp values implemented in the developed model provided excellent predictions for the soluble
Ca2+ ion concentration measurements at different pH values in two different buffer solutions kept at
body temperature. This excellent prediction without fudge factors highlight the consistency of the
presented study parleying experiments with modeling. We believe our combined study provides a
solid stepping stone to extend the developed physiochemical understanding to more realistic and
complex solutions relevant for nephrolithiasis.

2. Materials and Methods

As mentioned previously, solubility measurements of sparsely separated compounds are
challenging due to minute amounts of material involved. To identify the ideal measurement method
for this task, we systematically tested the following methods: (i) gravimetric method to isolate
non-volatile components saturated COM, (ii) the turbidity-based solubility method using multiple
reactor systems Crystal16 and Crystalline (Avantium Technologies, Amsterdam, The Netherlands),
(iii) UV-VIS Spectrophotometry, (iv) Focused Beam Reflectance Measurement (FBRM D600L, Mettler
Toledo, Columbus, OH, USA), (v) in situ Infrared spectroscopy (ReactIR iC10 Mettler Toledo,
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Columbus, OH, USA) coupled to temperature-controlled and well-mixed vessel, EasyMax [37–39],
(vi) titration, (vii) Inductively Coupled Plasma Optical Emission Spectroscopy (ICP-OES, SPECTRO
Analytical Instruments, Kleve, Germany), and (viii) Inductively Coupled Plasma Mass Spectroscopy
(ICP-MS, Analytik Jena AG, Jena, Germany). The tested methods are illustrated in Figure 1. For the
sake of completeness, we provide here a list of all tested methods yet only titration, ICP-OES, and
ICP-MS produced consistent results and are presented in Figures 2 and 3. The detailed procedures
and discussion for other methods are provided in Supplementary Materials. The experimental section
is organized as follows: First, the method for preparing an equilibrated suspension is described in
Sections 2.1 and 2.2, followed by description of analytical detection methods in Sections 2.3–2.5 and
finally pseudopolymorphic/hydrate characterization of excess COM in-situ and ex-situ in Section 2.6.
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Figure 1. Schematic illustration of isothermal solubility experiments. A suspension of excess Calcium
Oxalate Monohydrate (COM) crystals in ultrapure water or a buffer solution was brought in equilibrium
at designated temperature and pH values. The suspension is filtered to isolate the saturated solution
from crystals at fixed temperature. The saturated solution is diluted at the same temperature to avoid
crystallization. The calcium and oxalate ion concentrations in filtered saturated solution are analyzed
with the following methods, commonly used for measuring solubility of highly insoluble compounds in
literature (from the left to right); gravimetric, titration, Focused Beam Reflectance Measurement (FBRM),
FTIR, UV-Vis, Inductively Coupled Plasma Optical Emission Spectroscopy (ICP-OES), and Inductively
Coupled Plasma Mass Spectroscopy (ICP-MS). The pseudopolymorphic/hydrate form of the excess
solute is quantified prior to and at the end of experiments via in-situ and ex-situ methods.
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Figure 2. Measured dissolved COM in ultrapure water as a function of temperature for the three
analysis methods. Average values and their standard deviations are given for titration (magenta circles),
ICP-OES (blue triangles), and ICP-MS (green squares). The error bars denote the standard deviation of
independent repetitions. The inset shows the solubilities measured at body temperature.
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Figure 3. Characterization of suspended crystals in ultrapure water at different temperatures for
ICP-OES experiments. (a) The results of six Raman measurements, 25 ◦C; red, 37 ◦C; green, 60 ◦C;
black; 90 ◦C; magenta; the suspension of COM in water prior to experiment; blue, ultrapure water;
cyan. (b) The results of nine XRD measurements. 25 ◦C; red, 37 ◦C; green, 60 ◦C; black; 90 ◦C; magenta,
COM suspension filtered and dried at room temperature denoted as “COM in water”; blue, Powder
(COM powder from supplier); cyan, COM reference; dark green, Calcium Oxalate Dihydrate (COD)
reference; brown and Calcium Oxalate Trihydrate (COT) reference; purple.

2.1. Preparation of Equilibrated Suspensions for ICP-OES and ICP-MS

In all of the experiments described above, an excess amount of calcium oxalate monohydrate
(CaC2O4·H2O, Sigma-Aldrich, CAS563-72-4, St. Louis, MO, USA) crystals are brought in equilibrium
with an aqueous solution (pure water (ELGA PURELAB, Resistivity: 18.2 MΩ·cm at 23.6 ◦C) or a buffer
solution at a given temperature in a well-mixed, temperature-controlled vessel (Figure 1). Once the
equilibrium is established, an aliquot of the saturated solution carrying calcium and oxalate ions in
equilibrium with COM in crystal phase is filtered, diluted with pure solvent (either ultrapure water or
buffer solution), and analyzed. We used EasyMax 102 (Mettler Toledo), a jacketed vessel, to control the
temperature and stirring rate (400 rpm). Twenty milligrams of COM crystals were suspended in 100 mL
ultrapure water or 100 mL buffer solution and allowed to equilibrate at targeted temperature and pH
for one hour. To ensure that thermodynamic equilibrium is reached, we conducted experiments at
different equilibration times, namely 30 min, one hour, two hours, and four hours. The measured
solubility values did not change significantly (<1%) after one hour, hence we chose one hour as our
canonical equilibration time. For temperature dependence of solubility measurements, COM crystal
dispersed in ultrapure water were rigorously mixed, and the resulting suspension was allowed to
equilibrate at 25 ◦C, 37 ◦C, 60 ◦C, and 90 ◦C. For measuring the pH dependence of solubility of COM,
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the suspension was allowed to equilibrate in buffer solutions with set pH values 3.2, 5.36, 6.0, 7.55,
9.0, and 10.6, respectively, at 37 ◦C. After the solution was kept at the desired temperature and pH to
reach solid-liquid equilibrium, the stirrer was stopped, and samples were taken from the top portion
of the vessel.

Aliquoting of the saturated solution is performed in three steps: Pipetting, filtration, and dilution.
When the stirrer of Easymax is stopped, the crystals are allowed to sediment and 1 mL solution is
taken with a 1 mL pipette. The equilibrated solution is filtered with syringe and filter (Whatman,
0.22 µm pore diameter) kept at the same temperature as the suspension in a separate oven. The samples
were 10× diluted into 10 mL volumes with pure ultrapure water or buffer solution kept at the same
temperature as the suspension to avoid precipitation. Ten milliliters of samples are needed for the
analysis with ICP-OES and ICP-MS. For each experimental condition, the identical samples are divided
into two groups for ICP-OES and ICP-MS analysis.

A buffer solution is chosen considering the possibilities of the binding capacity of calcium with
other compounds present in the buffer solution. The most convenient options are citric acid-disodium
phosphate for the lower pH range and glycine-sodium hydroxide for the higher pH range. The buffer
solutions are prepared in 1000 mL Erlenmeyer and placed in the ultrasonic bath for 10 min. Afterward,
the buffer solution is placed on the magnetic stirrer at 37 ◦C and 400 rpm. The buffer solutions used in
pH dependent solubility measurements are given in Table 2.

Table 2. Used buffer solutions for different pH values [40,41].

pH Mixing of Buffer Solutions

3.2,
5.36,
6.0,
7.55

Citric Acid (C6H8O7)
(Merck, CAS: 77-92-9)

Disodium phosphate (Na2HPO4)
(Sigma-Aldrich, CAS: 7558-79-4)

9.0,
10.6

Sodium hydroxide (NaOH)
(Sigma-Aldrich, CAS: 7558-79-4)

Glycine (C2H5NO2)
(Sigma-Aldrich, CAS: 1310-73-2)

2.2. Preparation of Equilibrated Suspensions for Titration

This procedure is analogous to preparation of equilibrated suspensions for ICP-OES and ICP-MS
yet certain details such as amount of suspension and method to maintain the solution constant
temperature are adapted for the requirements of titration experiment. Ten milligrams of COM are
mixed with 50 mL of ultrapure water in a beaker. The suspension is equilibrated on a hot plate at
the targeted temperature at a stirring rate of 400 rpm for three hours. A longer equilibration time,
three hours instead of one hour used in ICP-OES and ICP-MS measurements, was chosen to account
for the less stringent temperature control of the hot plate compared jacketed EasyMax 102 reactor.

2.3. Inductively Coupled Plasma-Optical Emission Spectrometry (ICP-OES)

The filtrate of the COM suspensions equilibrated at different temperature and pH values were
analyzed at three possible calcium emission lines at 317.9, 393.4, and 396.3 nm (See Supplementary
Materials). The measurements conducted at all three wavelengths quantitatively show the same trend
yet the emission line of 317.9 nm gave the smallest standard deviation. This situation is also observed
in the literature and attributed to interference from other ions present [42–44]. The experiments were
conducted with more than seven samples for each temperature, 25 ◦C, 37 ◦C, 60 ◦C, and 90 ◦C. At body
temperature condition, nine replicate samples were analyzed for each pH; namely, 3.2, 5.36, 7.55, 9.0,
and 10.6 and five replicate samples were analyzed for pH 6.0 [41,45].
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2.4. Inductively Coupled Plasma-Mass-Spectrometry (ICP-MS)

We prepared at least seven replicates for each temperature and nine samples for each pH.
The filtrates of each sample are analyzed with ICP-MS. While ICP-OES can detect ppm level, ICP-MS
can detect parts per billion (ppb level) [37] as ICP-MS measures a mass-to-charge ratio, an intrinsically
more sensitive approach compared to optical emission used in ICP-OES [39].

2.5. Titration

After filtration, the COM filtrate was mixed (1:10 volume-based) with a 9.5% Sulphuric acid
solution (Merck, CAS: 7664-93-9). Triplicate experiments were performed at 25 ◦C, 37 ◦C, 60 ◦C
and 90 ◦C. In the titration reactions, filtrated samples were titrated with a 7 × 10−4 M Potassium
Permanganate (MnO−4 ) solution until the color change was observed. The concentration of oxalate was
calculated via the amount of titrated permanganate.

2.6. Pseudopolymorphic/Hydrate Form Characterization of Excess COM Crystals in Equilibrated Suspension

To check whether COM crystals in suspension transformed to other calcium oxalate hydrates
during solubility measurements at experimental temperature and pHs, we quantified the polymorphic
form of the crystals prior to and after equilibration via in-situ via Raman scattering, and ex-situ methods
via powder X-ray diffraction, PXRD. Due to low solubility of COM, we repeated the procedure for
preparation of equilibrated suspensions described in Section 2.1 10 times to get sufficient amount of
COM crystals to employ Raman and X-ray diffraction detection (at different temperatures; 25 ◦C, 37 ◦C,
60 ◦C, 90 ◦C, at each pH values; 3.2, 5.36, 6.0, 7.55, 9.0, 10.6, and additionally COM suspension in
ultrapure water referred to as no treatment). The suspensions were left undisturbed for one hour to
allow the crystals to sediment. For in-situ Raman measurements, the sediment is decanted, and the
concentrated suspension were analyzed with a Raman probe (Kaiser Optical Systems) immersed in
suspension. For X-ray diffraction analysis, the crystals were isolated by filtration with 0.45-µm pore
size filter (Whatman® membrane filters nylon), then washed with ultrapure water three times and
dried to avoid unwanted co-crystallization of buffer constituents, crystal attrition, or agglomeration.
The washed crystals were kept at room temperature to dried for two days prior to PXRD experiments.
Approximately 150 milligrams of crystals were collected for each experimental condition. PXRD
experiments were performed with these crystals placed on a silicon holder with a powder X-ray
diffractometer (Bruker, Cu Ka1, k = 1.5406 A◦). The acquired spectra were compared to reference spectra
of COM, Calcium Oxalate Dihydrate (COD), and Calcium Oxalate Trihydrate (COT) in Cambridge
Crystallographic Data Centre (CCDC). The plotted PXRD patterns taken from the CCDC software tool
are the following COM (CALOXM03), COD (CAOXAL), and COT (ZZZUOQ01).

A model was developed to describe the dissolution of COM in ultrapure water based on the
solution chemistry. The proposed model considers the protonation reactions of the oxalate ions in
the solution and also the formation of the ion pairs between Ca2+ and C2O4

2− ions forming soluble
complexes of CaC2O4 [30,46]. Equations (1) and (2) describe the equilibrium of the protonation reaction
of HC2O4

− and of C2O4
2−, respectively, using their temperature dependent association constants.

KH2C2O4
=

aH2C2O4

aH+aHC2O−4

(1)

KHC2O−4
=

aHC2O−4

aH+aC2O2−
4

(2)

In these equations, ai represents the activity of the species i, which is by definition equal to the
product of the concentration in solution multiplied with the activity coefficient. In electrolyte solutions,
part of the Ca2+ ions and C2O4

2− ions will be bound in so-called soluble ion pair complexes and are as
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such not available for crystallization. At Equation (3), the amount of such a complex can be described
using an association constant.

KCaC2O4 =
aCaC2O4,(aq)

aCa+aC2O2−
4

(3)

where CaC2O4 (aq) represents the ion pair or the aqueous form of CaC2O4. The presence of ion pair
complexes can decrease the amount of free Ca2+ and C2O4

2− ions in the solution and will thus affect the
solubility of COM [22,30,31]. The solubility product of COM as reported by Nancollas and Gardner [46]
is given in Equation (4).

Ksp = aCa2+aC2O4
2− (4)

The solubility product of COM, Ksp is again assumed to be a temperature dependent constant.
The temperature dependence of the equilibrium constants or solubility product, K(T) is related to the
enthalpy of the reaction using the Van’t Hoff equation given below.

ln
(

K(T)
K0

)
= −

∆HR

R

(
1
T
−

1
T0

)
(5)

where K0 = K (T0) is the value of the reaction or stabilization constant at standard conditions at 25 ◦C,
∆HR [Jmol−1] is the enthalpy of the reaction, R [Jmol−1

·K−1] the gas constant, and T and T0 [K] the
actual and the standard temperature, respectively.

The values used for the different equilibrium constants and those for the enthalpy change of
reaction are given in Table 3. In case ∆HR was not given and temperature dependent K values were
available, those values were fitted using the Van’t Hoff equation estimating the parameters K0 and T.
The ∆HR was assumed to be zero otherwise. The presence of a dicalcium oxalate complex (Ca2C2O4

2+)
is also mentioned by some authors, but formation of this complex is generally assumed to be negligible
in solubility experiments with low and stoichiometric Calcium and Oxalate concentrations [32,33].
Unfortunately, the reported Ksp values are not very consistent, which leads to a large discrepancy
between experimental measured and simulated solubility values, as will be discussed later in detail.

Table 3. Associations constants K0, solubility products of COM, and enthalpy of reaction of the given
reactions from literate and the estimated values of Ksp,0 and ∆HR of COM in this study. Estimated
values are calculated using the temperature dependent solubility data of COM in ultrapure water given
in Figure 4 using the proposed model.

Parameters Reaction Source K0/Ksp,0 ∆HR [kJmol−1]

KH2C2O4
H2C2O4 � H+ + HC2O−4 [33] 18.17 [L·mol−1] 3.2

KHC2O−4 HC2O−4 � H+ + C2O2−
4 [33] 18,450 [L·mol−1] 8.32

KCaC2O4
CaC2O4 � Ca2+ + C2O2−

4 [47] 2746 [L·mol−1] 0
Ksp Ca2+ + C2O2−

4 � CaC2O4 ·H2O [22] 1.7 × 10−9 [mol2 L−2] 17.9
Estimated Ksp Ca2+ + C2O2−

4 � CaC2O4 ·H2O This study 6.7 × 10−9 [mol2 L−2] 5.5

The activity coefficients, γi in the model are estimated using the Davis extension of the
Debye–Hückel theory [3] in which the activity coefficients of the different ions are directly related to
the ionic strength of the solution I, and the charge of the ions, zi

log(γi) = −Az2
i

[ √
I

1 +
√

I
− 0.3I

]
(6)



Crystals 2020, 10, 0924 9 of 19

Crystals 2020, 10, x FOR PEER REVIEW 13 of 19 

 

of these 𝐾  values results in a much lower solubility of COM compared to our measured values 
shown in Figure 4. This is hardly surprising given the significant variations of the solubility data in 
the literature from which these 𝐾  values are estimated (Table 3). 

. 

Figure 4. Total dissolved COM in ultrapure water measured by ICP-OES as a function of temperature 
(blue triangles). Simulated values using the 𝐾 values of Streit et al. [22] (black stars) and the fit of 
the ICP-OES results with the simulated total soluble Ca concentration after estimation of 𝐾 ,  and ∆𝐻  using the Van’t Hoff equation (solid magenta line). 

To remove this discrepancy, we estimated new 𝐾  values for COM based on our 
measurements. We used the Van’t Hoff equation given in Equation (5) to describe the temperature 
dependency of the 𝐾 . 

Note that we cannot fit Equation (5) directly to the data of Figure 4, as we measure the total 
dissolved Ca ion concentration and the 𝐾  is expressed in terms of the activities of the free Ca2+ and 
C2O42− ions. Therefore, we applied a parameter estimation procedure using the proposed model 
instead. To estimate the parameters in the Van’t Hoff equation, 𝐾 , and ∆𝐻 where 𝐾 , is the 
solubility product of COM at standard conditions, simulations with the developed model were 
performed at the experimental temperatures. Then, the sum of the errors between the experimental 
and simulated total Ca2+ concentrations were calculated for a given parameter set. Finally, this error 
was minimized by variation of the two parameters numerically with a custom written code in Matlab. 

Figure 4 shows the results of the parameter estimation comparing the experimental solubilities 
and the simulated values as a function of the temperature (pink solid line). Only the 𝐾  values were 
fitted, while the temperature dependence of the other K values for the protonation and dissociation 
constants were taken from the literature sources [33,47,49]. The results show an adequate fit of the 
experimental data using the parameters of 6.7 × 10−9 [mol2/L2] and 5.5 [kJ mol−1] for the 𝐾 ,  and ∆𝐻 , 
respectively (see Table 3). The estimated 𝐾  values are somewhat higher than the ones reported in 
literature. Most literature values at 25 °C are at least a factor of two lower than our estimated 𝐾  
value of 6.7 × 10-9 [mol2/L2]. The reported values are in the range from 1.77 × 10−9 to 2.85 × 10−9 [mol2/L2] 
[22,33,61]. This deviation stresses the need for a systematic comparison of the different methods to 
determine the solubility of such electrolyte crystallization systems with extreme low solubilities. We 
can only speculate that this variation might be due to experimental difficulties in measuring solubility 
of sparsely soluble salts such as COM or the presence of different pseudopolymorphic/hydrate, 
which we, to our best ability, monitor before and after dissolution experiments. 

The total dissolved Ca2+ ion concentrations, measured using the ICP-OES method as a function 
of the pH at body temperature 37 °C in the presence two different buffer solutions are given in Figure 
5. The experiments in the low pH range up to a pH of 7.55 were measured in the citric acid-disodium 
phosphate buffer (blue triangles), while the last two data points at the higher pH values, were 
measured in the glycine-sodium hydroxide buffer (blue circles). 

Figure 4. Total dissolved COM in ultrapure water measured by ICP-OES as a function of temperature
(blue triangles). Simulated values using the Ksp values of Streit et al. [22] (black stars) and the fit of the
ICP-OES results with the simulated total soluble Ca concentration after estimation of Ksp,0 and ∆HR

using the Van’t Hoff equation (solid magenta line).

Here, A is a temperature dependent constant around 0.5 [33,48], and I is the ionic strength of the
solution defined as:

I = −0.5
Nspecies∑

i=1

ciz2
i (7)

where, ci is the molar concentration of the ions and, zi the charge of these ions. In order to simulate
the solubility experiments in ultrapure water at different temperatures, the model calculates the
concentrations of the possible species shown in Table 3 at the given conditions. For the COM water
system, the concentration of the seven possible components, H+, Ca2+ C2O4

2−, HC2O4
−, H2C2O4

2−,
CaC2O4.aq, and COM are calculated using the material balances for oxalate, calcium, the charge balance,
and Equations (1)–(4), while the relation between concentration and activities of the different species
is described by the activity coefficients given by Equations (6) and (7). These equations are solved
simultaneously using the Matlab function fsolve.

To simulate the experiments at different pH’s in the buffer solutions, the approach is similar.
However, the equilibrium between the protonation/de-protonation reactions of the acid species of the
buffer solution, again described by an association constant, are considered as well.

As an example, for the citric acid (Cit), the four species Cit3−, HCit2−, H2Cit−, and H3Cit are,
at equilibrium, related by the following three equations:

KH3Cit =
aH3Cit

aH+aH2Cit−
(8)

KH2Cit− =
aH2Cit−

aH+aHCit2−
(9)

KHCit2− =
aHCit2−

aH+aCit3−
(10)

where Cit3− represents the fully deprotonated citric acid ion. The temperature dependence of the
association constant is again described by the Van’t Hoff equation (Equation (5)). Besides the protonation
reactions, complexation reactions of the citric acid species with anions in the solution are considered.
According to literature, the following complexes are relevant, CaCit−, CaHCit, and NaCit2− [22,33,47].
For the phosphate and glycine species, similar protonation reactions can be formulated. Relevant
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complexes for the phosphate and glycine ions that are considered in the program are CaHPO4,
CaPO4

−, NaPO4
2− and CaGly+. The values for the standard values of the association constants

for the de-protonation and the complexation reactions and the ∆HR values were taken from the
literature [47,49,50] and are given in Supplementary Materials.

3. Results and Discussion

The temperature-dependent solubility of COM is determined in, ultrapure water. The solubility
experiments were performed with the three methods described in the experimental section to find the
most suitable method for this sparsely soluble salt (Figure 1). Titration, ICP-OES, and ICP-MS gave the
most consistent results hence discussed in the main text. The rest of the methods are detailed in the
supporting information.

First of all, we have to realize that using the titration method, the total oxalate concentration,
including the free C2O4

2− ions, the protonated species of the oxalate, and the oxalate in the CaOx
complexes, is determined. In contrast, the total Calcium (free and complexed Calcium) concentration
is determined in ICP-OES and ICP-MS methods. However, the total dissolved Calcium or Oxalate ion
concentrations are not simply equal to the solubility of COM. The solubility of COM is defined as the
square root of the solubility product, Ksp, which is equal to the product of the activities of free Ca2+

and C2O4
2− ions as defined in Equation (4). The experimental results are thus expressed either as the

total dissolved Ca concentration, the total dissolved oxalate concentration, or the total dissolved COM,
which should be the same for these simple dissolution experiments in water due to stoichiometry.
To determine the solubility product Ksp, however the activities of the ions should be estimated as
well as the contribution of the protonated forms of the oxalate species and of the ion pair complexes,
which is done using the model after validation.

In Table 4, the results of the solubility experiments are given for the three methods at four different
temperatures. The results show a reasonable agreement in terms of the mean values for all methods.
However, sizeable differences are found in the standard deviations of the different methods. Especially
the titration method shows large standard deviations in Table 4. This is even better illustrated in
Figure 2 and its inset, showing the temperature dependent solubilities measured with the three methods,
including the standard deviations of the measurements. The error bars denoting the standard deviation
of the ICP-OES measurements are distinctly smaller than those of the ICP-MS and the titration method,
indicating that ICP-OES is the most suitable detection method for measuring the solubility of COM
among the tested alternatives. Therefore, we use this technique in the remainder of this study as the
standard measurement technique.

Table 4. The results of solubility of COM measurements in ultrapure water as a function of the
temperature. The reported results are shown as the mean total ion concentration along with the
standard deviations, σ.

Temperature (◦C)
Titration [10−4 M] ICP-OES [10−4 M] ICP-MS [10−4 M]

[C2O42−] tot σ [Ca2+] tot σ [Ca2+] tot σ

25 1.198 0.521 1.054 0.087 0.931 0.086
37 1.244 0.307 1.238 0.103 1.296 0.463
60 1.258 0.378 1.246 0.140 1.102 0.089
90 1.279 0.290 1.332 0.055 1.238 0.216

The large standard deviations observed with the titration method might be due to manual nature
of titration method where the experimentalist measures the titrated volume by judging color change
by eye. In addition, saturated solution preparation for titration experiments were conducted with a
beaker placed on a hot-plate. We suspect that hot-plate used in titration is less accurate in controlling
the temperature compared to automated EasyMax 102 (Mettler Toledo, Columbus, OH, USA) used in
saturated solution preparation for ICP-MS and ICP-OES. The larger variation observed with ICP-MS
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compared to those of the ICP-OES were more of a surprise as in general the ICP-MS can detect elements
down to ppb levels [37]. However, in the detection of calcium ions in the mass spectrometer, there is
an overlap between the calcium and argon, which have similar molar masses. Due to the overlap with
argon we could not use the normal calcium peak but were forced to measure the Calcium isotope,
Ca-44, which, however, is much weaker leading to much higher uncertainties.

The measured values of the total dissolved Calcium concentration at room temperature in this
study are generally high compared to the literature values (see Tables 1 and 4) with the exception of the
dielectric measurements of Molzon [23] and titration experiments by Herz et al. [27]. Yet it is difficult
to pinpoint the origin of this difference as most studies do not report a standard deviation [23–27].
Based on the hands-on experience from our measurements, we can only speculate on the origin
of this variation. First of all, measurements of sparsely soluble salts are a challenge due to small
amounts of material involved that are difficult to weigh accurately. Moreover, techniques requiring
visual inspection such as manual titration are subject to human errors hence large standard deviations
are expected. We observed standard deviation to vary between 0.3 to 0.5 × 10−4 M in our titration
experiments, if we were to speculate similar standard deviations for four out of seven reported values
in Table 1, the error bars between our measurements and these experiments will overlap for all but
one report. In addition to detection method, the saturated solution preparation can also play a role in
this variation between measured and reported values. For instance, saturated solution preparation
methods such as rapid precipitation at high supersaturations are susceptible to impurity incorporation
to crystals. This may result in impurity doped or coated crystals that dissolve slower than pure crystals.
Such slow dissolution kinetics may lead to preparation of undersaturated solutions as opposed to
saturated solutions. Also, high supersaturations created in the rapid precipitation approach can lead
to crystallization of other hydrates (Calcium Oxalate Dihydrate (COD) or Calcium Oxalate Trihydrate
(COT)) that have different solubilities. Finally, we characterize the pseudopolymorph/hydrate form of
the raw material prior and right after solubility measurements (Figure 3), this characterization step is
essential in dissolution measurements of compounds showing multiple phases or hydrates [51]. If the
starting material is not pure COM but contains other hydrates, the measured solubility values will
be influenced.

Moreover, the discussion in literature on ideal titration procedure is far from settled. The
reported titration experiments in Table 1 vary in terms of sample preparation and various authors
criticized each other’s procedure. Richards et al. have studied calcium oxalate solubility [52] and
their method was to treat hot and slightly acid solution of calcium chloride with an excess of oxalic
acid. After neutralization, the solution was made distinctly ammoniacal by adding a large excess of
ammonium oxalate. They found the solubility of COM as 0.531 × 10−4 M. Hall has criticized that
Richards’ study due to presence of “large excess of ammonium oxalate” [53], which could make the
calcium oxalate less soluble in accordance with the solubility product principle and the common ion
effect. This common ion effect along with our speculations on impurity incorporation and potential
phase transitions [51] may explain the difference between the reported titration experiments in Table 1
and our measurements.

Shehyn and Pall have found solubility of COM in pure water as 0.646 × 10−4 M at 30 ◦C and
1.132 × 10−4 M at 95 ◦C [25]. Interestingly, their solubility value at 95 ◦C is quite similar to our results at
90 ◦C. More recently, Streit et al. reported solubility of COM in NaCl solutions of low concentrations [22].
They reported averaged solubilities of 0.78 × 10−4 at 25 ◦C and 0.98 × 10−4 at 37 ◦C, which are lower
than our values but larger that most titration experiments in literature. The authors reported however
a discrepancy between two methods utilized, i.e., Atomic Absorption Spectroscopy and a Ca selective
electrode, which could not be explained by the modelled amount of CaC2O4

2− ion pair complex formed.
With increasing temperatures, the solubility of calcium was found to increases only slightly in our
experiments in agreement with earlier results [30,32,50].

To ensure that solution pH did not change during solubility measurements at different temperatures,
we measured the pH of COM solution in ultrapure water at each temperature shown in Figure 2 via
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IDS pH electrode (pH-meter 914 pH/Conductometer Metrohm). It was found that the dissolution of
COM has no significant effect on the pH of the solution in all measurements.

To quantify the pseudopolymorph/hydrate form of excess crystals, we performed Raman and
PXRD measurements of our samples before and after the experiments. Figure 3a shows Raman
spectra of crystals suspended in ultrapure water during isothermal dissolution experiment at different
temperatures. In addition, Figure 3a contains Raman spectra of ultrapure water (without suspended
crystals) and of suspended COM crystals as purchased from the manufacturer prior to dissolution
experiment denoted as “COM suspended in water”.

The characteristic COM Raman bands were observed in Figure 3a at 504, 508 (O–C–O),
897 (C–C), 1463, 1490 (C–O), and 1629 (C–O) cm–1 [54–56]. These shared peaks evident in
four different temperatures and “The suspension of COM in water” spectra imply that the
pseudopolymorphic/hydrate form of excess COM crystals did not change throughout dissolution
experiments, even at highest temperature 90 ◦C. In addition to in-situ Raman measurements,
we performed ex-situ PXRD measurements where the excess crystals are filtered, washed, and dried
for diffraction measurements. Figure 3b provides PXRD spectra of excess crystals after dissolution
experiments at four different temperatures along with reference spectra of three calcium oxalate phases
from CCDC database, namely Calcium Oxalate Monohydrate (COM), Calcium Oxalate Dihydrate
(COD), or Calcium Oxalate Trihydrate (COT) [57]. The PXRD peaks of COM reference match with
the spectra from different temperatures as well as the PXRD spectra of COM crystals as purchased
from supplier referred as “Powder”. In line with Raman results in Figure 3a, this results points
out that the polymorphic form of COM did not change throughout the dissolution measurements.
Moreover, we checked rather the drying procedure required to conduct PXRD measurements induced
phase transformations. To this end, COM crystals were suspended in ultrapure water, filtered,
and dried without being exposed to isothermal dissolution experiments. The spectra belonging
to these crystals exposed only to drying process, denoted as “COM in Water”, share the identical
peaks as the powder and COM reference. We can also conclude that drying process did not induce
pseudopolymorphic/hydrate.

In addition to polymorphic form characterization in dissolution in ultrapure water, we also
characterized the excess COM crystals from dissolution experiments at experimental pH values with
Raman and PXRD (see Supplementary Materials). The PXRD and Raman spectra of excess crystals
prior and after pH dependent solubility measurements were identical to COM patterns given in
Figure 3 [58]. For brevity, we provide these spectra in the Supplementary Materials. We can conclude
from our characterization, provided in Figure 3 and in Supplementary Materials, that isothermal
dissolution experiments performed did not induce a detectable transition from COM to other CaOx
hydrate forms. Naturally, we can only conclude that phase transition did not happen during our
measurements within the accuracy of Raman and PXRD techniques. These techniques cannot
detect pseudopolymorphic/hydrate below 5–10% by weight [59] hence we cannot entirely exclude
possibility of phase transitions. We also explored techniques that offer single crystal level insights to
potential transitions such as scanning electron microscopy, polarized light, and bright field microscopy
(Supporting information). Yet it was difficult to visually identify CaOx hydrate morphologies from
micrographs as most crystals were found as aggregates. We speculate this aggregation originates from
capillary forces emerging in drying process [60]. In the light of these results, we only confirm no phase
transitions occurred during solubility measurements within the accuracy of experimental techniques
utilized in this study.

In Figure 4, the measured solubility of COM with ICP-OES at the four temperatures is given
together with the simulated solubility values based on the literature values of the K values given in
Table 3. The total calculated calcium ion concentration in the saturated solution using literature Ksp

values from Streit et al. [22] are also shown (black stars) in Figure 4. It can be concluded that the use of
these Ksp values results in a much lower solubility of COM compared to our measured values shown in
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Figure 4. This is hardly surprising given the significant variations of the solubility data in the literature
from which these Ksp values are estimated (Table 3).

To remove this discrepancy, we estimated new Ksp values for COM based on our measurements. We
used the Van’t Hoff equation given in Equation (5) to describe the temperature dependency of the Ksp.

Note that we cannot fit Equation (5) directly to the data of Figure 4, as we measure the total
dissolved Ca ion concentration and the Ksp is expressed in terms of the activities of the free Ca2+

and C2O4
2− ions. Therefore, we applied a parameter estimation procedure using the proposed

model instead. To estimate the parameters in the Van’t Hoff equation, Ksp,0 and ∆HR where Ksp,0 is
the solubility product of COM at standard conditions, simulations with the developed model were
performed at the experimental temperatures. Then, the sum of the errors between the experimental
and simulated total Ca2+ concentrations were calculated for a given parameter set. Finally, this error
was minimized by variation of the two parameters numerically with a custom written code in Matlab.

Figure 4 shows the results of the parameter estimation comparing the experimental solubilities
and the simulated values as a function of the temperature (pink solid line). Only the Ksp values were
fitted, while the temperature dependence of the other K values for the protonation and dissociation
constants were taken from the literature sources [33,47,49]. The results show an adequate fit of
the experimental data using the parameters of 6.7 × 10−9 [mol2/L2] and 5.5 [kJ mol−1] for the
Ksp,0 and ∆HR, respectively (see Table 3). The estimated Ksp values are somewhat higher than
the ones reported in literature. Most literature values at 25 ◦C are at least a factor of two lower
than our estimated Ksp value of 6.7 × 10-9 [mol2/L2]. The reported values are in the range from
1.77 × 10−9 to 2.85 × 10−9 [mol2/L2] [22,33,61]. This deviation stresses the need for a systematic
comparison of the different methods to determine the solubility of such electrolyte crystallization
systems with extreme low solubilities. We can only speculate that this variation might be due to
experimental difficulties in measuring solubility of sparsely soluble salts such as COM or the presence
of different pseudopolymorphic/hydrate, which we, to our best ability, monitor before and after
dissolution experiments.

The total dissolved Ca2+ ion concentrations, measured using the ICP-OES method as a function of
the pH at body temperature 37 ◦C in the presence two different buffer solutions are given in Figure 5.
The experiments in the low pH range up to a pH of 7.55 were measured in the citric acid-disodium
phosphate buffer (blue triangles), while the last two data points at the higher pH values, were measured
in the glycine-sodium hydroxide buffer (blue circles).Crystals 2020, 10, x FOR PEER REVIEW 14 of 19 
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Figure 5. Total dissolved COM expressed as the total dissolved Calcium concentration in the solution
citric acid-disodium phosphate buffer with a pH of 3.2, 5.36, 6.0, 7.55 (blue triangles) and glycine-sodium
hydroxide buffer with a pH of 9.0, 10.6 (blue dots) at 37 ◦C. In addition, the simulated total dissolved
Ca concentration as function of pH in a citric acid-disodium phosphate buffer (magenta line) and in a
glycine-sodium hydroxide buffer (black line) is given.
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The results show a large change in the total dissolved Ca2+ ion concentration as a function
of the pH and a strong increase in the solubility compared to that in water, especially in the citric
acid-disodium phosphate buffer.

The solution pH is observed to strongly influence the solubility of COM. A peak value of
8.847 ± 0.112 × 10−4 moles/L is found at a pH of 6.0 in a citric acid-disodium phosphate buffer, which is
a factor of 8 higher than the one in ultrapure water at pH 7. In the glycine-sodium hydroxide buffer at
pH 9.0 and 10.6, the solubility is much lower (between 1.43 × 10−4 M and 2.11 × 10−4 M at pH values
of 9.0 and 10.6 respectively). Both towards lower and higher pH values the solubility drops to lower
values. This is in accordance with results from medical studies showing a higher risk of formation of
kidney stones pH values between 4.5 and 5.5 [8,18].

The theoretical model we developed explains this behavior. Our model suggests that the pH
and the added buffer solution influence the ionic strength of the solution and consequently the
solution chemistry and the speciation of the solution. Due to the increased ionic strength, the activity
coefficients especially of the ions with high valence will decrease drastically reducing the activity and
thus increasing the actual concentration at equilibrium.

Secondly, ion pair formation of calcium and oxalate ions with ions from the buffer solution can
lower the free concentration of these ions in the solution considerably. Both effects will lead to a higher
solubility of the COM in buffers compared to water. In the glycine-sodium hydroxide buffer solution
at higher pH (at 9.0 and 10.6), the ionic strength is also high but apparently the ionic pair formations of
the Calcium and Oxalate ions are much weaker than citric acid-disodium phosphate buffer.

In Figure 5, the pH dependence of the experimental and simulated total Calcium concentrations are
also given (magenta and black solid lines denote simulations, circles and triangles denote experiments).
As outlined before, the adapted values for the Ksp determined from the temperature dependent
measurements in COM/water system were used in these simulations. The model predicts very well
the observed measurements using the adapted Ksp value of 7.3 × 10−9 [mol2/L2], at 37 ◦C. In fact,
the simulations results give an excellent match with the experimental results without any fudge factors,
with a peak value of the solubility at pH 6 in the citric acid-disodium phosphate buffer. The lower
total calcium ion concentrations at pH 3.2 compared to that at pH 7.55 in the citric acid- disodium
phosphate buffer is described adequately. The prediction of the lower solubility of COM in the
Glycine-Sodium hydroxide buffer by the model is also remarkable. Such remarkable prediction of the
solubility in two different buffers from the solubility measurements of COM in pure water emphasizes
the self-consistency of the proposed model and experimental procedure.

To explain the increased solubility of COM in the buffer solutions and its variation as a function
of the pH we must have a closer look at the speciation calculated using the developed model.
The simulation results given in Figures 6 and 7 explain the observed trends and shed light to the
speciation in the system under study. In Figure 6a, the distribution of the Ca2+ species is shown as a
function of pH in the citric acid-disodium phosphate buffer while Figure 6b shows the distribution of
the C2O4

2− in the same buffer. From Figure 6a, it can be seen that the fraction of free Ca2+ in solution
is very small compared to the amount of Ca2+ ions bound at the citric acid complexes. Figure 6 also
shows the strong variation of the relative amount of CaCit− and CaHCit as a function of pH as a
result of the protonation reactions of the citric acid species. Concerning the oxalate species shown in
Figure 6b, it is remarkable how high the free concentration becomes at pH values between 5 and 7.
This is enabled by the deprotonation of the HC2O4

− species and the low free Ca2+ concentration and
the low activity of the Ca2+ and the C2O4

2− ions in the high ionic strength of the buffer solutions.
Comparison of panels a and b in Figure 6 also clearly shows that the stoichiometry of the free Ca2+ and
C2O4

2− varies strongly in the solution as a function of pH. A completely different ion speciation is
observed in Figure 7 for calcium (panel a) and oxalate (panel b) ions in glycine-sodium hydroxide buffer
at the same temperature. Figure 7 shows that in the glycine-sodium hydroxide buffer, a considerable
portion of total calcium ions is free Ca2+ in solution. The relative amount of free Ca2+ decreases with
increasing pH significantly by the formation of CaGly+ complexes. In the glycine-sodium hydroxide



Crystals 2020, 10, 0924 15 of 19

buffer, almost all the oxalate consists of free C2O4
2− ions over the entire pH range as is shown in

Figure 7b. Apparently, the speciation of the oxalate is not much affected by complex formation in this
solution; the increase in the solubility with respect to that in pure water is caused by the ionic strength
of the solution.
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4. Conclusions

The reported solubility values of COM in ultrapure water vary significantly depending on the
source and technique evoked in literature. To shed light on the origin of this variability and to
establish a self-consistent methodology, we present a cross-validated experimental and modelling
study of solubility of COM as a function of temperature and pH while carefully monitoring potential
phase transitions.

In this study, the measured solubility of COM in ultrapure water at room temperature is higher
than majority of literature values [24–26,28], yet some studies report even higher values than our
measurements. We discuss the origin of this variation and speculate that it might arise from experimental
challenges, particularly subjectivity in manual methods such as titration, impurity incorporation,
and potential pseudopolymorphic/hydrate transitions. Our experimental results indicate that solubility
of COM has only modest temperature dependence, in agreement with earlier measurements [19,26].
We estimated Ksp values from measured solubilities as a function of temperature using the Van’t Hoff

equation and the proposed model. Parameter estimation of the Van’t Hoff equation is performed
minimizing the error between the simulated and the measured solubility of COM in ultrapure water at
different temperatures to estimate Ksp values. The resulting parameters for the Van’t Hoff equation
are estimated to be 6.7 × 10−9 [mol2/L2] and 5.5 [J mol−1] for Ksp,0 and ∆HR, respectively. Using
these parameters, the developed model not only describes the temperature dependent solubilities in
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ultrapure water, but also permits the prediction of the pH dependent measurements in buffer solutions
at body temperature.

The solubility of COM as a function of pH measured at body temperature in two different
buffer solutions showed a strong dependence of the solubility on the pH with an eightfold increased
solubility around a pH of 6 in a citric acid-disodium phosphate buffer compared to that of COM in
ultrapure water. The proposed model enabled the interpretation of this enhanced solubility of COM in
buffer solutions as the combined effect of increased ionic strength, protonation reactions and soluble
complex formation. Moreover, the developed model estimates the solubility in the two separate
buffer solutions remarkably well using Ksp values extracted from the measurements in ultrapure water
without any fudge factors, highlighting the self-consistency of our approach. The presented combined
experimental and modelling study establishes a firm basis to extend the physiochemical understanding
of nephrolithiasis to more complex biological solutions.

Supplementary Materials: The following are available online at http://www.mdpi.com/2073-4352/10/10/0924/s1.
A combined study and modelling of Solubility of Calcium Oxalate Monohydrate at physiologically relevant pH
and temperatures have been elaborated.
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ICP-OES Inductively coupled plasma optical emission spectrometry,
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