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ABSTRACT.  

In this manuscript we investigate the impact of oxalate ions on the crystallization of barium sulfate. 

The organic anion, oxalate, was found to inhibit both nucleation and growth according to atomic force 

microscopy measurements and dynamic light scattering data. Raman confocal imaging was used to try 

and determine how the oxalate interacts with the barium sulfate surface. It was found that barium 

oxalate is only seen at very high oxalate concentrations. At lower concentrations no direct evidence for 

the presence of oxalate was observed, however, the most probable mode of action for oxalate is via 

adsorption onto the barium sulfate surface including into key kink or step sites, impacting growth.  
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1. INTRODUCTION 

Scale is essentially any unwanted crystallization that occurs in a process and its formation can lead to 

many undesired consequences such as loss of production, loss of product purity and maintenance issues 

to name but a few [1-4]. Barium sulfate is a well-known scale compound usually encountered during the 

production of oil from off-shore rigs [1-4]. It is also a relatively simple crystallization system that can be 

used as a model system. We have used barium sulfate in the past as a model system to investigate the 

impact of functional group [5], lattice matching [6] and charge effects [7]. Although there is a vast 

amount of previous literature describing the effect of various organics on the precipitation of barium 

sulfate (for example [8-10]), there are still many fundamental questions to be answered in this area 

before the effect of additives can be predicted and their rational design for specific systems can be 

accomplished.  

Scale may be caused by either crystallization promotion or by other crystallization mechanisms, the 

most important of which is heterogenous nucleation. While crystallization promotion has been observed 

for calcium carbonate in the presence of polyaspartic molecules [11] and also for barium sulfate in the 

presence of aspartic acid [12], and the alkali metals [13-15], it is not common to see organic anions 

behave as crystallization promoters. In the case of aspartic acid, it has been suggested that the mode of 

action was to weakly complex the barium ion so that it was partially de-solvated, aiding the 

incorporation of the barium ion into the lattice structure. This is supported by the finding that barium ion 

de-solvation is a rate-determining step in barium sulfate crystallization [12, 16]. AFM studies further 

corroborate this method of action by showing that non-stoichiometric composition in favour of barium 

ions (i.e. Ba2+/SO4
2- >1) results in faster growth rates for the (001) face [14].  

There is a large amount of literature on the impact of organic impurity effects [17, 18]. As previously 

stated, organics can have variable impacts depending on the functional group present, the charge and, to 

a lesser extent, the ability to hydrogen bond [19] or the stereochemistry [20]. Organic anions tend to be 
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inhibitors of nucleation and/or growth although some can promote crystallization [11, 12]. A 

comparison to oxalate (the molecule being studied here) is ethylenediaminetetraacetic acid (EDTA) 

[21]. EDTA was shown to inhibit homogenous nucleation and adsorb preferentially onto the (011) and 

(100) faces of barium sulfate. It should be stressed that EDTA was found to interact with the barium 

sulfate surfaces despite EDTA being able to complex Ba2+ in solution, thus, the impact of EDTA was 

not simply that of a chelator. Thus, in examining the impact of oxalate it is wise not to assume that the 

main impact will be one of complexation with Ba2+ ions, thereby affecting the supersaturation. Oxalate 

has also recently been investigated for its impact on calcium carbonate crystallization where it was 

found that dissolution of the calcite released Ca2+ ions into solution and allowed calcium oxalate 

monohydrate to form on its surface [22]. This is despite the low solubility of calcite in water, pKsp 

~8.32 [23]. The solubility of the calcium oxalates are, however, of the same order (mono to trihydrate 

have pKsp 8.69 – 8.28, [24]). 

The aim of the work, described herein, was to investigate the impact of oxalate ions on barium sulfate 

crystallization, determine whether complexation was significant or not, determine whether the 

mechanism of oxalate interaction is similar or dissimilar to EDTA and whether dissolution of barium 

ions into solution subsequently forming barium oxalate on the surface is a common mechanism or 

whether this is particular to calcite. Once again the solubility of barium sulfate is rather low (pKsp = 

9.97 [23]) with the solubility of barium oxalate varying from pKsp 7.64 – 6.92 depending on whether 

the anhydrous or dihydrate form is considered [25, 26]. In this particular case, the oxalate salts do not 

have solubilities of the same order as the starting material and would not be expected to form under 

these conditions. In addition, the impact of the oxalate ion on overall de-supersaturation rate, 

morphology, homogenous nucleation and growth (as determined by AFM on the barite (001) face) was 

determined. 
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2. EXPERIMENTAL 

The materials used in this study were AR grade, from Ajax Chemicals or BDH and were dissolved to 

the required concentrations using ultrapure (>18 MΩcm resistivity) water. Filtered water (0.2 µm), 

having a resistivity of ≥18 MΩcm, was used throughout. Sodium sulfite (AR grade), was prepared daily 

at a concentration of 1000 ppm in water as required. Sodium oxalate was AR grade and made up to 

1000 ppm stock solution as required. All additives were added to the barium chloride solution prior to 

sulfate being added to commence the crystallization reaction at the desired concentration.  

 

2.1 Conductivity 

Unseeded, de-supersaturation curves were conducted using a cell kept at 25°C by a water bath and 

monitored using conductivity (WTW LF 197 Conductivity meter). An overhead stirrer (150 rpm) was 

used to keep the solids in suspension. The method of barite precipitation consisted of equilibrating 0.249 

mM BaCl2 and adding 1 mol equivalent of Na2SO4 solution to initiate crystallization as described in a 

previous publication [27]. The total volume for all experiments was 201 mL. The graph of conductivity 

versus time was used to calculate kobs (observed de-supersaturation rate) by fitting the linear region of 

the de-supersaturation curve. The pH for all experiments was 6.0 except where specified. The de-

supersaturation rate was found to have an error of ~10%.  

The supersaturation calculated in this manuscript uses the PHREEQC program [23] to calculate the 

ion activity product, and then this is used to determine the supersaturation S such that: 

S= (IAP/Ksp)         -(1) 

which is a more accurate measure of the free ions in solution and of the supersaturation than the 

conventional S=c/co (where c is the concentration of the ion and co is the equilibrium solubility 

concentration). The square root has been introduced so that comparisons to S=c/co data is easier. The 

rate is also normalized according to: 

 Normalised rate = k/k0        -(2) 
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where k0 is the de-supersaturation rate (in the linear region of the curve) for the control run (absence 

of impurity) and k is the de-supersaturation rate for the experiment with impurity present.  

The solubility product of barium oxalate is above the solubility product of barium sulfate thus, only 

barium sulfate should crystallize [26, 28]. However, if the barium ion (present at ~0.25 mM for most 

experiments) has not reacted with the sulfate ion, this will be at saturation at a concentration of 0.09 mM 

oxalate if the lower solubility of barium oxalate is assumed. Thus, only above ~0.1 mM oxalate ions 

could one get possible crystallization of the barium oxalate salt as opposed to barium sulfate (if the 

value of the barium oxalate Ksp is taken as 2.3x10-8, [26]).  

 

2.2 Light Scattering measurements 

Absorbance was measured using a UV-Vis instrument (GCB) operated at 900 nm wavelength using a 

quartz flow cell. When absorbance by the solution and solids is low, this is equivalent to measuring the 

turbidity (or light scattered) of a system [29]. The induction time is defined as the time prior to the 

turbidity exceeding background levels and is related to the inverse of nucleation rate for that system 

[30]. For the barite precipitation experiments, the barium chloride concentration, sodium sulfate 

concentrations and temperature were all equivalent to those used in the conductivity experiments. The 

flow rate through the cell was 67 mL/min and this was achieved using a Masterflex® peristaltic pump 

and Tygon® tubing.  

 

2.3 Morphology and Scanning Electron Microscopy (SEM)  

Morphology experiments were conducted in 25 mL glass vials. Glass cover slips, cleaned with 

ethanol and then water, were dried prior to adding to the glass vial. Water (20 mL) and barium chloride 

(to the desired concentration) was added before equilibration to room temperature after which a sodium 

sulfate solution (equimolar amounts of Ba2+ and SO4
2-) was added to commence the crystallization 

reaction. The total volume was 20.1 mL for all experiments, the pH 6 and the inorganic impurity added 

prior to sulfate addition as per the conductivity experiments. The glass cover slips were collected and 
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dried using an absorbent tissue to remove excess solution before placing onto a carbon coated SEM 

stub. Carbon paint was applied to the edges of the glass cover slip to minimize charging effects. 

Solids from conductivity runs were collected by filtration onto 0.22 µm membranes and this 

membrane can be seen in the background of the SEM image as a porous structure. After washing and 

drying in a desiccator, a portion of the filter paper was placed onto carbon-coated stubs and stored in a 

desiccator. The samples were gold sputtered prior to viewing using a Philips XL30 SEM or a Zeiss Evo 

SEM at 15kV. 

 

2.4 Atomic Force Microscopy (AFM) 

AFM experiments were performed on a PicoPlus using a standard silicon nitride cantilever with a 

flow through cell attachment. The same procedure was used for all samples. A freshly cleaved barium 

sulfate mineralogical sample was fixed to a metallic stub and the flow cell was flushed with filtered 

(Gelman 0.2µm Supor® membrane filters) ultrapure water (resistivity >18 MΩcm) using a precision 

dual syringe pump run at 0.2 mL/min. One syringe then had the water replaced with barium chloride 

solution (0.1 mM) and the other with sodium sulfate solution (0.1 mM). This was then flushed through 

the cell at a rate of 0.2 mL/min as per the water. Finally, the barium chloride solution was replaced with 

a solution containing barium chloride plus the impurity of interest at a known concentration and the 

sodium sulfate solution was topped up as necessary. This was then flushed through the cell at a rate of 

0.2 mL/min as per the water and pure barium sulfate run. In this way, the rate of growth of the original 

barium sulfate could be measured and the difference to when impurity was added could be gauged. 

 

2.5 Confocal Raman Spectroscopy 

Optical images and confocal Raman spectra were collected using the WITec alpha 300SAR, utilising 

a frequency-doubled NdYAG laser of wavelength 532 nm and of 50 mW power. Each Raman spectrum 

collected consists of 10 accumulations at an integration time of 0.05 seconds and a grating of 600 g/mm. 

Analysis was performed using the WITec Project FOUR software. The Raman mapping was performed 
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by focussing onto the sample surface and taking an optical image. The scan area was defined using the 

square scan area tool (typically 10-20µm). The pixels in the x and y direction were set at ≥5x the scan 

area; thus for a 10x10µm scan the image is a ≥50x50 pixel image. The dimension of the laser spot at the 

sample is ~300-350nm in x-y and ~730nm in z. Generally, a monolayer of a substance would be 

difficult to image and detect because the intensity of the Raman shifted light depends on many different 

factors; for example, scattering efficiency and topology of the sample. However, it was decided to 

attempt to do so nonetheless. 

The samples were prepared by cleaving a mineralogical sample of barium sulfate and placing it into a 

clean glass vial after which, ultra pure water (20mL) was added. Barium chloride at the desired 

concentration was added after equilibration of the sample to room temperature and finally equimolar 

sodium oxalate was added at the desired concentration. After 3 days the crystal was removed, gently 

placed in ultrapure water to remove excess salts and dried using tissue paper to adsorb residual 

moisture. The dried sample was then placed onto a microscope slide for viewing under the confocal 

Raman optical microscope.  

 

2.6 Complexation 

Barium oxalate complexation was simulated using HySS2 software, with the following constants: 

Ox2-    +    H+       =    OxH-      log K =  1.252* 

OxH-    +   2 H+       =   OxH2       log K =  4.266* 

Ox2-    +    Ba2+       =   OxBa       log K =  2.33# 

2 OxBa    +    Ox-       =   Ox2Ba2-     log K =  1.62# 

Values taken from 

* [22] 

# [31] 
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3. RESULTS 

The degree of barium ion paired with oxalate at 0.1 mM (and Ba ion concentration at 0.25 mM) was 

found to be <5% (see supplementary information, SFig 1).  

 

3.1 Morphology and Conductivity 

The effect of oxalate ions on the morphology of the resultant barium sulfate is best summarized by the 

images seen in Figure 1. The presence of oxalate ions decreased the aspect ratio of the particles, 

suggesting that the c-axis growth is inhibited relative to the other faces. 

 

Figure 1. Barium sulfate formed in the presence of A) control (barium sulfate only, S=18.8). B) sodium oxalate 

(0.075 mM) [Double column] 

 

The presence of oxalate during barium sulfate crystallization at lower supersaturation (Figure 2) 

results in the aspect ratio being closer to 1 for the resultant particles. These particles are similar to the 

control particles but the particles formed in the presence of oxalate show many protrusions and complex 

crystal growths. This could be the result of inhibition on the surface of the (001) face leading to growth 

being forced onto other faces resulting in polycrystalline growth. One possible reason for the different 

behavior at different crystallization driving forces is that oxalate complexation has impacted the 

supersaturation of the system.  
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Figure 2. SEM images of barium sulfate particles formed at S=7 and A) 0 B) 0.1 mM oxalate ions [Double column] 

 

What can be concluded is that the impact on the growth rate of the (001) face of barium sulfate is 

more affected by oxalate ions at S=18.8 than S=7. This can be understood in terms of the relationship of 

growth rate of a face with respect to supersaturation. As shown in SFigure 2 (supplementary section) 

even a small degree of Ba-oxalate complexation could have a greater impact on the growth rate of the 

(001) face of barite at S=18.8 than at S=7 if the growth rate of the face is not linearly related to 

supersaturated.  

 

In the presence of oxalate ions the de-supersaturation rate of an initially S=18.8 barium sulfate 

solution (Figure 3) decreased except when sodium oxalate was present at 0.11 mM, where the de-

supersaturation rate appears to increase slightly before decreasing once more. At concentrations >0.08 

mM this could be because barium oxalate also crystallizes but no evidence, in the microscopy images, 

for this was observed (see supplementary section, SFigure 3). 
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Figure 3. Normalised de-supersaturation rates for barium sulfate crystallized in the presence of oxalate ions [Single 
column] 

 

3.2 Turbidity and nucleation impacts 

Turbidimetric data gives information on the induction time, which in turn gives information on the 

nucleation rates due to the inverse relationship between nucleation rate and induction time [30]. It is 

observed that the absorbance of the barium sulfate crystallization solution is increasing above 

background levels at longer and longer times with increasing concentration of oxalate ions (Figure 4). 

This means increasing induction times of barium sulfate crystallization as the concentration of oxalate 

increases, thus nucleation rate is decreasing. In this case the effect of oxalate ions is to inhibit 

homogenous nucleation, even when the concentration of oxalate was presumably above the solubility 

limit of barium oxalate. In addition, this lowering of the nucleation rate without a lowering of the 

driving force (since S is not dramatically changed through complexation) means that the surface free 

energy of the nuclei has been increased. 

 

 

Figure 4. Turbidity curves for barium sulfate precipitation in the presence of varying oxalate ion (0 mM – black, 

0.07 mM – black hashed, 0.22 mM – grey, 0.37 mM – grey hashed) [Single column] 
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3.3 AFM 

The AFM of barium sulfate growth on the (001) face in the presence and absence of this inhibitor 

confirms some of the mechanistic information already obtained. Figure 5 shows some snapshot images 

during the in-situ growth of the (001) face of barium sulfate in the presence of oxalate ions. A schematic 

of the normal growth sector shape and the corresponding growth directions for pure barium sulfate on 

the (001) is shown in Figure 5a and b. Since the <100> is the slowest growing direction of the growth 

sector, this direction was chosen to reflect the impact of the various impurities on the growth rate.  

 

Figure 5. 5x5µm AFM in-situ images (deflection mode) of the (001) growth at S=5 in the presence of A) 0 mM 

impurity (control) B) schematic showing the growth island and the directions associated with the growth island, C) 0.066 

mM oxalate D) 0.066 mM oxalate at higher magnification and later time period [Double Column] 
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The presence of oxalate ions resulted in step pinning of the surface nuclei of barite and these surface 

nuclei grew sporadically often leaving ‘empty’ regions (Figure 5d). This indicates that the oxalate ion 

inhibits the growth of the surface nuclei. The growth rate of the surface nuclei was subsequently 

measured and shown in Figure 6a. It is clearly observed that the growth of the surface nuclei decreased 

with increasing oxalate concentration, quickly dropping off to zero. In addition, the number of new 

surface nuclei (Figure 6b) also decreased overall. Thus, 2D nucleation and growth are inhibited in the 

presence of oxalate ions. Unlike the case for calcium carbonate, no new surface features indicative of a 

barium oxalate surface were ever observed. The inhibition observed in the presence of oxalate ions 

cannot be attributed to complexation. As previously stated only a 5% difference in barium ion activity 

can be assumed while the growth rate continues to decrease with increasing oxalate concentration. This, 

combined with the step pinning observed suggests that the oxalate ion is also interacting with the 

surface. While the most probable growth sites are the kink and step sites, adsorption onto the terraces of 

the surface is also expected. Combined with the morphology experiments, this suggests that the main 

impacts of the oxalate ion is not through complexation but through surface adsorption as per EDTA. 

The impact on morphology is perhaps not as great as that of EDTA where rice shaped particles were 

formed but it is clear that complexation cannot sufficiently explain the impacts of oxalate ions. 

 

Figure 6. (A) Growth rate of barium sulfate in the <100> direction relative to the control and (B) ratio of surface 

nuclei compared to control (on 5x5µm scan) [Double Column] 
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3.4 Oxalate ion interaction by Confocal Raman Spectroscopy 

In order to be able to differentiate the barium sulfate from oxalate in the Raman, scans were taken of 

each (at 100 mM oxalate ion) and are shown in the supplementary section (SFigure 4). Areas were then 

chosen on the crystal exposed to barium, sulfate and oxalate ions to image and for concentrations of 

barium oxalate up to 0.2 mM no evidence of barium oxalate was found (supporting the AFM results that 

also showed no new barium oxalate features) and only barium sulfate spectra were recorded. For 

concentrations of barium oxalate at 100 mM images such as those shown below (Figure 7) were 

obtained.  

 

 

Figure 7. (A) Optical image of barium sulfate after drying in the presence of 100 mM BaC2O4, (B) Raman map of 

1480 cm-1 band intensity (oxalate diagnostic) for area shown by black box, (C) Raman map of 1480 cm-1 band intensity 

(oxalate diagnostic) for area shown by grey box [Double Column] 

 

While no oxalate spectrum could be recorded at lower concentrations, this does not mean oxalate ions 

do not adsorb onto the surface, since morphological and other effects were observed. It only suggests 

that the amount of oxalate ions adsorbed is low and below the detection limit of this technique. While 

oxalate ions impact nucleation probably by increasing the surface free energy, the impact on crystal 

growth is most probably caused by adsorbing onto the critical kink sites. At higher concentrations, 

barium oxalate is clearly seen to form (see above and supplementary information, SFigure 4). However, 

even at these high concentrations, no distinct accumulation of oxalate at the steps (where kink sites 

would presumably be located) can be observed. We can, thus, rule out the formation of a distinct barium 
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oxalate layer as being the cause of the inhibition. In this case, as expected the solubility of the barium 

oxalates are too high to be observed in this system. 

 

4. SUMMARY 

In conclusion, the oxalate ion generally inhibited barium sulfate precipitation. The overall de-

supersaturation rate decreases with increasing oxalate ion concentration. In addition, homogenous 

nucleation of barite appears to be inhibited by the presence of oxalate ions as determined from 

turbidimetric results. Increasing induction times result with increasing oxalate concentration. Finally, 

both 2D nucleation and growth of barium sulfate appear to be inhibited when oxalate ions are present as 

determined by AFM analysis. Like EDTA, these impacts cannot be attributed solely or significantly to 

complexation and changes in the barium ion activity. Like EDTA, the impact of oxalate ions appears to 

be due to surface interactions. 

The AFM analysis of this impurity on barium sulfate showed that overall, oxalate inhibited 2D 

growth via step pinning. This suggests adsorption of the oxalate ion on the surface, though not 

observable through the confocal Raman investigation. Oxalate was observed to significantly inhibit step 

growth of barium sulfate reducing it to close to zero at a concentration of ~0.07 mM oxalate. The 

presence of oxalate did not lead to significant barium oxalate formation either in the morphology or 

AFM studies even when the system was supersaturated with respect to barium oxalate. This can be 

understood in terms of the solubilities of the barium sulfate versus the barium oxalate phases. 

Only at high oxalate concentrations was barium oxalate observed (in the confocal study). This 

suggests that the barium ion reacts preferentially with the sulfate ions, presumably due to the higher 

driving force (supersaturation). This suggests that metal oxalate formation is not a general mechanism 

of interaction for oxalate ions but is specific and dependent on the solubility of the system under 

investigation. 
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