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1. Introduction 

Spent nuclear fuel (SNF) presents a unique challenge to operating a nuclear power plant. Nuclear 

fuel is initially fabricated from natural uranium ore containing 235U, 238U and their daughter 

radionuclides. During the operation of a power plant nuclei of 235U in nuclear fuel undergo fission, 

splitting into two fission products and increasing the overall radioactivity of the fuel in the process 

[1]. The fission of 235U also releases neutrons, which can in turn strike other 235U nuclei and induce 

further fission, sustaining the process in a chain reaction.  Most of the fission products created in 

this way have very short half-lives and quickly decay away, but certain long-lived radionuclides are 

created as well. Over time, the fissile fraction of the fuel gradually decreases until it can no longer 

support a self-sustaining chain reaction and the fuel becomes spent. However, even after the fuel is 

no longer feasible to use for power generation, it cannot simply be discarded as it remains 

dangerously radioactive due to the presence of various daughter radionuclides created during its 

use.  

After discharge from a reactor, the radiation intensity and decay heat of the fuel are so great that it 

must initially be stored under water to cool down before transport and storage can even be 

considered [2]. Yet even after the heat and radiation decrease sufficiently for the spent fuel to be 

moved, it still poses a significant risk for a considerable length of time. Certain shorter-lived 

radionuclides contained in the fuel still take hundreds of years to decay to safe levels, and it takes 

thousands more years for the long-lived components to decay until the fuel is no more dangerous 

than the natural uranium ore from which it originally came [1, 2]. During this time the fuel emits 

highly penetrating radiation capable of giving a lethal dose to any living organisms nearby, and while 

the danger decreases over time, protective measures are still required in the vicinity of the spent 

fuel for hundreds of years. In addition to external radiation, internal radiation also poses a threat if 

radioactive substances released from the fuel are accidentally inhaled or ingested. In this case, the 

radiation is no longer limited by its penetrating power as it may be emitted inside an organism [1, 

3]. As such, while SNF is no longer of any practical use to a nuclear power plant operator, it is a 

considerable radiotoxicity hazard for any living organisms in its vicinity and remains as such for an 

extremely long time, requiring special care and unique measures to be taken in its disposal.  

Given how hazardous spent nuclear fuel is and for how long it retains its hazardous properties, the 

most effective way to manage the risk it poses is to reduce the probability of exposure of living 

organisms to SNF [1]. Ideally, SNF would be completely isolated from the living environment until it 
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no longer posed a threat, staying reliably contained and undisturbed in the long timeframe dictated 

by the decay of its components. SKB in Sweden and Posiva in Finland have developed a method of 

disposal that can meet these requirements: the KBS-3 method, which relies on a series of natural 

and artificial barriers [4–6]. In this method, SNF is stored deep underground in gas-tight and water-

tight copper-iron canisters, which are placed into deposition holes drilled into the floors of 

deposition tunnels (Figure 1). A swelling clay buffer material surrounds the canisters, separating 

them from the bedrock, and in the last stage, all access tunnels and underground openings are to 

be filled using materials with low permeability. Spent nuclear fuel is thus isolated from the living 

environment first by its canister, followed by the layer of buffer material, the filled-in tunnels, the 

surrounding bedrock and finally the sealed openings (Figure 2). In this way, SNF is rendered 

inaccessible to any living beings that otherwise may have accidentally become exposed to radiation 

while the fuel decays. The depth of the repository ensures adequate attenuation of external 

radiation, while the risk of internal radiation is effectively eliminated as the spent fuel is contained 

behind multiple barriers designed with redundancy in mind. Even in the event of the canisters 

becoming damaged, the number of additional barriers as well as the sheer quantity of rock 

surrounding the canisters due to the depth is meant to prevent radionuclides from reaching the 

surface and ensure complete long-term isolation. 

 

Figure 1. Overview of the KBS-3V (vertical) design [4]. 
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Figure 2. Summary of the KBS-3 method [5]. 

Ideally, the canisters alone would be sufficient to contain the spent nuclear fuel for the entire 

duration of its decay, but considering the extremely long timeframe involved, many unforeseen 

events could occur despite their low probability and any precautions taken. Initial canister defects 

that go unnoticed or their corrosion over time, rock shear and higher groundwater flow rates than 

predicted could all impact the performance of the canister and lead to the release of radionuclides 

[4, 7]. In this case, the host rock barrier surrounding the canister would be of particular importance. 

While the primary role of the rock barrier is to physically separate the spent nuclear fuel from the 

surface and provide stable, predictable conditions for storage, it could also retain liberated 

radionuclides by sorption onto fraction minerals. Radionuclide mobility would thus be reduced, 

ensuring they remain contained even if they pass the initial barrier. Retention in crystalline rock and 

rock minerals could therefore prevent many escaped radionuclides from reaching the biosphere in 

the event of other barriers failing [8–14]. 

A particularly noteworthy mineral in this regard is the carbonate mineral calcite (CaCO3). Calcite is 

one of the most common and widespread carbonate minerals in the Earth’s crust, generally 

occurring in sedimentary rocks and ranging anywhere from tropical environments to glacial settings 



 

6 
 

[15, 16]. Calcite-containing sedimentary rocks account for around 20% of all surface sedimentary 

rocks, with calcite itself making up about 4% of the Earth’s crust [17, 18]. It is the principal mineral 

in certain metamorphic rocks, such as marble and calcareous gneiss as well as limestone. Limestone 

in particular primarily consists of shells of dead marine organisms, for which calcite is an important 

biomineral, acting as the primary constituent of their shells and skeletons along with other 

carbonates like aragonite and magnesian calcite [19–21]. Due to their role as skeletal minerals, 

these carbonates are biologically mediated, and the formation and exact composition of carbonate 

sediments is closely tied to the local biota [17]. As such, the marine environment is a major source 

of calcite deposits, with numerous different organisms precipitating calcium carbonate as organic 

compounds from microbes, as skeletal components of animals, and as byproducts of animal 

metabolic activity, in addition to direct precipitation of calcium carbonate out of water. Most 

commonly this occurs in shallow marine settings, but calcite sediments are also found in oceans, 

freshwater lakes, streams, calcareous soils and caves, with the oldest sedimentary rocks formed in 

this way dating back billions of years [17, 22]. Different physical, chemical and biological influences 

during sediment formation also affect the crystal morphology of the resulting mineral, resulting in 

a great variety of possible crystal forms [16, 17]. As a result, calcite sediments are found in many 

different environments around the world and are highly diverse, reflecting the environments in 

which they originally formed and being active participants in their chemical and biological processes.    

Carbonate minerals are known to be highly reactive in terms of dissolution and precipitation 

processes, and given its level of interaction with its local environment, calcite is no exception [15, 

23, 24]. Groundwaters are often in contact with carbonate minerals as they flow, of which calcite is 

the most abundant. As its dissolution and precipitation reactions are quick relative to most 

groundwater flow rates, groundwaters tend to become saturated with calcite. In addition to 

dissolution and precipitation, it has also been shown that carbonate minerals are actively involved 

in sorption processes involving trace elements [24, 25]. As such, dissolved calcite particles may play 

an important role in slowing the migration of divalent metal ions in groundwater. This property also 

extends to radioactive substances, such as 226Ra: a long-lived radionuclide that is a part of the 

natural decay chain of uranium. In the context of spent nuclear fuel disposal, calcite may therefore 

be able to reduce the mobility of escaped radionuclides via sorption and prove to be an important 

part of the natural rock barrier, acting as a sink for both conventional and radioactive contaminants 

[7, 18, 24, 26–29].  
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Calcite is present in notable quantities at Olkiluoto: a site that was proposed as a potential 

repository for spent nuclear fuel with the KBS-3 design. The bedrock within the site contains 

networks of fractures and fracture zones, which act as dominant paths for groundwater flow and 

are coated or filled with various minerals, with calcite being one of the most prevalent [3]. This 

creates the exact conditions in which groundwaters may become saturated with calcite, and given 

the plans for long-term storage of spent nuclear fuel at the site, there is a possibility of these 

groundwaters interacting with escaped radionuclides. As such, this potential interaction warrants 

further investigation to better understand the role calcite may have in restricting radionuclide 

migration, especially considering the widespread nature of calcite and its likely occurrence at other 

potential disposal sites.  

The goal of this study was the determination of calcite surface charge following a period of 

equilibration with different electrolyte solutions and CO2 gas. In addition, the effect of different 

solution conditions on calcite surface charge was investigated by using a groundwater simulant and 

several solutions containing individual ionic compounds found in groundwaters. By gaining a greater 

understanding of surface charge and the interactions on the interface between the calcite mineral 

lattice and the bulk solution, calcite’s efficacy in the retardation of escaped radionuclides could be 

evaluated more effectively [15, 24, 27, 28]. In this work, two different kinds of calcite (samples from 

the Bukov research facility [30] and commercial pure calcite) were equilibrated with CO2 gas in 

different electrolyte solutions and a groundwater simulant, after which the zeta potentials of the 

calcites were measured as a means of studying surface charging behavior. Calcite CEC was also 

determined using the cobalt hexamine trichloride method [31]. The equilibration process was 

monitored by taking aliquots for measurement with MP-AES to track Ca concentration, while zeta 

potentials were measured using a Malvern Zetasizer Nano device. 

 

2. Theoretical background 

 2.1 Zeta potential 

Zeta potential is a parameter used to describe charging behavior at various phase interfaces, such 

as solid-liquid, liquid-liquid and liquid-gas. This work was mainly concerned with the solid-liquid 

interface. When in contact with an aqueous solution, a solid surface gains an electric charge. 

Oppositely charged ions present in the aqueous phase attempt to compensate this surface charge, 
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creating two distinct layers of ions. This is known as the electrochemical double layer model. Close 

to the solid surface is a stationary immobile layer of ions that counteract its charge, and further 

away is a diffuse mobile layer of counterions that are less strongly attracted to the surface. Beyond 

the diffuse layer, ions experience effectively no attraction to the solid and are free as part of the 

bulk solution. The existence of a surface charge thus creates a surface potential that decays as a 

function of distance from the solid surface. The potential outside of the stationary layer, right on 

the boundary between the stationary and diffuse layers, is defined as the zeta potential [32]. 

Surface charge is primarily formed by two mechanisms: acid-base reactions between surface 

functional groups and the aqueous solution, and adsorption of ions onto the solid surface. Acidic 

groups, such as carboxylic acids and hydroxyls, dissociate in solution and assume a negative charge, 

while basic groups like amines become protonated and acquire a positive charge (Figure 3). When 

bound to a solid surface, these functional groups react with the aqueous solution in their 

characteristic manner and thus generate a net surface charge. The outcome of this process is greatly 

influenced by the area density of the surface functional groups and the solution pH. 

Dissociation/protonation reactions may be inhibited at high group densities due to electrostatic 

repulsion between neighboring groups, while pH will either enhance or suppress these reactions 

depending on the concentration of available H+. Zeta potential is therefore highly dependent on the 

type and number of functional groups on the solid surface, which in turn are influenced by pH [32]. 

 

Figure 3. Formation of surface charge by acid-base reactions. 

For surfaces without functional groups, surface charge and zeta potential are still observable due to 

ion adsorption. Surfaces that lack functional groups behave hydrophobically in solution. As a result, 
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the adsorption of ions such as OH- and H3O+ is preferential to that of water molecules, leading to the 

replacement of water molecules on the solid surface by water ions and the subsequent formation 

of a surface charge (Figure 4). The exact mechanism by which this process occurs is not yet fully 

understood, but pH is known to still have an important role as it directly denotes the concentration 

of OH- and H3O+ and ultimately determines the type and number of ions available for adsorption to 

the surface [32]. 

 

Figure 4. Formation of surface charge by ion adsorption. 

While pH is the most important parameter of the liquid phase, zeta potential is also influenced by 

several other factors, such as the ionic strength of the solution, porosity of the solid, temperature 

and measurement time. Ionic strength is especially noteworthy because at high electrolyte 

concentrations the magnitude of zeta potential tends to decrease. This effect is even stronger in the 

presence of more complex solutes like CaCl2 and Na2SO4, owing to the specific adsorption and 

complexation of divalent ions on the surface. At high ionic strengths, for example, it is possible for 

negatively charged surface groups to be occupied in complexes to the point that the surface 

becomes neutral or even positively charged [32]. It is therefore crucial to consider the composition 

and concentration of the aqueous phase when measuring and interpreting zeta potentials as the 

results are heavily dependent on the chemistry of the solution.  

One final factor to consider in the scope of this work is the effect of CO2. Preferential adsorption of 

CO2 may occur on hydrophobic surfaces, causing changes in zeta potential [32]. The solid surface 
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may also adsorb CO3
2-, while the dissolution of CO2 and formation of carbonic acid can alter the pH 

of the solution [15]. All these phenomena combined mean that the dissolution of CO2 from air can 

significantly alter the measured zeta potential so it no longer reflects the interactions between only 

the solid and the original aqueous solution. One proposed method to counteract this is to purge the 

solution with N2 [32, 33]. However, CO2 dissolution resumes quickly if the N2 flow is stopped, making 

it necessary for the purge to be continuous. An alternative approach is to expose the samples to a 

constant pCO2, allowing CO2 to dissolve and saturate them quantitatively, which makes it possible 

to tie zeta potential results to specific conditions [18]. Ideally, this would be achieved in a closed 

system with its own atmosphere where samples are allowed to interact and equilibrate with the 

surrounding gas phase, but this approach is extremely slow. Instead, a faster and more direct way 

was attempted in this work, discussed in detail in Section 3.3.    

  

 2.2 Measurement of zeta potential 

A Malvern Instruments Zetasizer Nano particle analyzer was used in this work to measure zeta 

potentials (Figure 5). The device performs an electrophoresis experiment on sample particles and 

measures their velocity using Laser Doppler Velocimetry. Having determined the electrophoretic 

mobility, it then applies the Henry equation to obtain the zeta potential [34]. 

The basis of the Zetasizer’s operation lies in the electrochemical double layer model. The diffuse 

layer of counterions has a boundary beyond which ions are effectively free. Within this boundary, 

however, ions experience enough attraction to the charged solid surface that, as a particle moves, 

they travel with it as one stable entity. When an electric field is applied across an electrolyte, any 

such charged particles will be attracted to the electrode of opposite charge. Particle movement will 

be opposed by viscous forces acting upon them until an equilibrium is reached and their velocity 

becomes constant. Velocity in this context is the same as electrophoretic mobility, which can be 

used to calculate the zeta potential from the Henry equation [34]: 

𝑈𝐸 =
2𝜀𝑧𝑓(𝑘𝑎)

3𝜂
       (1) 

where UE is electrophoretic mobility, η is viscosity, ε is the dielectric constant, f(Ka) is Henry’s 

function and z is the zeta potential. UE is obtained through Laser Doppler Velocimetry. A potential is 

applied to a cell with two electrodes at either end, causing charged particles to move (Figure 6). 
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Light scattered from these particles at an angle of 17° is combined with a reference beam to produce 

a fluctuating intensity signal. The rate of fluctuation is proportional to the speed of the particles and 

thus their electrophoretic mobility [34]. 

 

 

Figure 5. The Zetasizer Nano device used in this work. 

 

Figure 6. The principle of zeta potential measurement through electrophoretic mobility [34]. 
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 2.3 Calcite  

The ability of mineral particles in natural waters to react with dissolved substances depends on 

numerous properties, such as specific surface area, cation exchange capacity, surface 

hydrophobicity/hydrophilicity and surface charge [35]. In this work, emphasis was placed on surface 

charge. The mechanisms for its formation are different for different minerals, but in the case of 

carbonates, surface charge arises mainly from hydrolysis and complex formation reactions involving 

surface ions. Upon contact of calcite with water, the terminated outermost calcite surface becomes 

hydrolyzed with a layer of H and OH to counteract charge imbalances, forming two types of surface 

site: >CaOH and >CO3H [36–38]. These sites undergo further reactions with Ca2+, CO3
2-, HCO3

-, 

CaHCO3
+, H+ and OH- present in solution (Figure 7). Calcite surface charge therefore depends on the 

distribution of Ca2+ and different carbonate ion species (potential-determining ions) between the 

mineral surface and solution [15, 39, 40]. H+ and OH- do not affect electrokinetic potential directly 

and instead regulate the speciation of carbonate ions. As such, the study of calcite surface charge 

primarily involves dissolved Ca2+ and carbonate species. 

 

Figure 7. Electrical double layer model for calcite surface in contact with an aqueous solution [37]. 
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Net surface charge depends on the relative amounts of potential-determining ions adsorbed to the 

calcite surface. In the pH range up to 6.5, the dominant carbonate species in solution are dissolved 

molecular CO2 and undissociated H2CO3; between pH 6.5 and 10 it is HCO3
-; above pH 10 the 

dominant species is the anion CO3
2-. In theory, as anionic species become more prevalent at higher 

pH than the positively charged Ca2+ , with rising pH the surface should become more populated with 

adsorbed anions and its potential should thus become increasingly negative [33, 35, 40]. The trend 

with pH is not entirely clear, however, as at lower pH values calcite dissolution begins to occur, 

leading to the detachment of constituent ions from the surface and overall decrease in surface 

potential. This could be caused by several factors, such as higher loss of CaOH than CO3H, specific 

adsorption of anions or decrease in the surface area of calcite grains [35]. Surface chemistry is 

further complicated at all pH values if contaminants are present. Nevertheless, it is clear that 

calcite’s ability to adsorb contaminants depends on the surface charge it exhibits, which in turn is 

heavily dependent on the pH of the solution in which it is placed.  

Another important factor to consider with zeta potentials is whether the calcite and solution have 

reached equilibrium [18, 35, 38]. Given the importance of dissolved Ca2+ and carbonate species to 

zeta potential, their amount in solution should remain constant for surface reactions to reach 

completion – otherwise the surface charge will constantly change along with ongoing surface 

chemistry, rendering any measurements unreliable [15, 39, 40]. For this reason, it is crucial to ensure 

equilibrium is achieved between calcite, solution and surrounding gas phase to prevent the addition 

of potential-determining ions to the system, such as increasing the amount of Ca2+ through 

dissolution of calcite or carbonates entering the solution as CO2 from the atmosphere. As such, the 

goal of this work was to study the surface charges of calcite samples following an equilibration 

period with CO2 gas. By doing so, the amount of carbonates in solution would ideally maintain a 

constant level, while their speciation would be controlled by adjusting solution pH. In turn, Ca2+ 

would be monitored by measuring the elemental composition of equilibration solutions until its 

concentration stabilizes, accounting for all relevant potential-determining ions. 

 2.4 Determination of the elemental composition of samples 

In order to follow solution conditions and evaluate the effectiveness of equilibration, a microwave 

plasma atomic emission spectrometer (MP-AES) was utilized in this work. This measurement 

technique is based on the ability of atoms to be excited to higher-energy states and subsequently 

relax, whereupon they emit their excess energy as light. Atoms of different elements have a 
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characteristic wavelength at which they emit this light, creating a specific emission spectrum 

depending on what elements are present in the sample. By measuring the wavelengths and their 

intensities, the elemental composition of a sample can be studied and quantified [41]. 

MP-AES accepts only liquid samples, which are introduced into the instrument as a fine mist using 

a nebulizer. The nebulizer selects the smallest particles available and directs them into the plasma. 

The high-temperature plasma is needed to dry, atomize and excite sample atoms, which proceed to 

relax and emit light. Depending on the analysis being performed, specific wavelengths of light can 

be selected for detection to provide data on specific elements. The intensity of each emitted line in 

the spectrum is directly proportional to the concentration of its corresponding element, allowing 

the MP-AES to calculate the concentration of each individual element in a sample by comparing 

measurement results to standard samples with a known concentration [41, 42]. 

 

Figure 8. The principle of MP-AES operation. 

The biggest difference between MP-AES and comparable analytical techniques comes from the way 

it generates its plasma. Prior to the introduction of MP-AES, inductively coupled plasma had already 

been used for the purposes of atomization and excitation in techniques such as ICP-MS and ICP-AES 

[42]. Both are highly useful and reliable techniques, but their operation is costly as the plasma 

requires a continuous supply of expensive argon gas. Alternative microwave-based plasma sources 
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had also been previously developed, being able to use less expensive gases and in smaller quantities. 

However, these showed significantly worse performance characteristics compared to ICP 

techniques and were much more demanding in terms of sample introduction. As a result, microwave 

plasma did not gain popularity until an alternative way to generate it by coupling energy from the 

magnetic field was developed [43]. This change improved the microwave plasma technique to the 

point where its performance began to approach that of ICP, albeit still falling short in various aspects 

like sensitivity, detection limits and spectral interferences [43, 44]. 

Nevertheless, MP-AES makes up for its shortcomings by offering other advantages, most 

prominently in operating costs, size and safety [43, 44]. It is much cheaper to operate due to using 

nitrogen from a nitrogen generator as its plasma support gas, which also removes the need to 

handle gas cylinders. A more compact size also makes the instrument more versatile and easier to 

accommodate in a laboratory setting. Due to these advantages and solid performance, MP-AES is a 

suitable alternative for more routine analyses that do not necessarily require the level of precision 

offered by ICP.  

 

Figure 9. The MP-AES device used in this work. 
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 2.5 Cation exchange capacity 

Negative charges on the surface of soils and minerals can arise for a variety of reasons, such as the 

dissociation of acidic functional groups or the existence of non-compensated bonds. These sites are 

able to reversibly retain cations from the environment through electrostatic interactions, which is 

the foundation for a soil’s ability to maintain stocks of nutrients and other charged species. A way 

to quantify this ability is to determine a soil’s cation exchange capacity (CEC), defined as a measure 

of the quantity of negatively charged sites on soil surfaces [45, 46]. As such, CEC is a useful indicator 

of how active a certain type of soil or mineral is in terms of interacting with its surroundings. In the 

context of this work, CEC was used as an additional measure to investigate the reactivity of the 

calcite surface. While it was not the primary focus of this work, it could nevertheless provide 

additional insight. 

Various methods are available for determining CEC. An element common to most of them is the 

initial saturation of a soil sample with an index cation, the purpose of which is to bind to all available 

surface sites. The assumption is that the overwhelming quantity of the index cation will dislodge all 

other cations originally retained by the soil and release them into the exchange solution. By 

measuring the total number of cations liberated by this process, or by comparing the initial and final 

amounts of the index cation in solution, CEC can be determined. The exact method to reach this 

point can vary significantly, however: there are numerous different index cations to choose from, 

which can be used in different amounts, at different concentrations, and in different conditions. The 

choice ultimately depends on the type of sample being analyzed, with calcite being one of the more 

problematic kinds [45].  

Calcareous clays and soils prove challenging to many CEC methods because calcite has a tendency 

to dissolve during the process, artificially inflating the amount of Ca2+ in solution [31, 45, 47]. 

Dissolved cations cannot be distinguished from exchanged cations, which skews results if an 

unsuitable method is chosen. For instance, the BaCl2 method can dissolve calcite to the point that 

the measured free cations exceed the number of negative surface sites, overestimating the CEC [31]. 

On the other hand, in the NH4Ac method Ca2+ from dissolved calcite ends up competing for surface 

sites with the index cation NH4+, leading to a systematic underestimation of the CEC which is 

calculated from the difference between the initial and final NH4+ concentration [48]. 

One way to reduce this error is to use an index cation with a much stronger affinity for the soil than 

Ca2+, which is possible with metal complex solutions. Almost all surface sites should then be 
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occupied by the index cation, eliminating the issues faced in the NH4Ac method. However, some 

systematic errors due to the influence of calcite were still noted to occur when using metal 

complexes [31]. As such, additional measures to reduce the error are required, the most 

straightforward of which is minimizing the dissolution of calcite. If the exchange solution is saturated 

with calcite prior to the experiment, calcite in the sample should no longer be able to dissolve while 

exchangeable Ca2+ should desorb normally [31, 47]. In theory, the CEC value should then be much 

more accurate with much less error arising from non-exchangeable cations.  

In this work, a calcite-saturated cobalt hexamine trichloride, [Co(NH3)6]Cl3 solution was used to 

determine the CEC of calcite samples [31, 33]. MP-AES was used to measure exchangeable cations. 

A method utilizing silver thiourea had also previously been shown to produce reliable results with 

calcite, but the process involves numerous steps and requires that a fresh exchange solution be 

prepared each time [47]. On the other hand, cobalt hexamine trichloride is a well-known reagent 

that is easy to prepare and does not impose a time limit, while the CEC method itself can be as 

simple as shaking and filtering the suspension [49]. For this reason, the cobalt hexamine ion was 

chosen as the index cation, with calcite saturation intended to further improve the results.        

3. Experimental work 

 3.1 Preparation of calcite 

Two types of calcite were used in this work: commercial pure calcite purchased from the UK, and 

calcite samples from the Bukov Underground Research Facility in the Czech Republic [30]. Solid 

samples of pure and Bukov calcite were sawed off from the rest of the rock material they had been 

embedded in. The resulting chunks were crushed into smaller pieces and milled into fine grains using 

a steel ball mill. The grains were sifted through a 25 µm sieve using a brush, with additional milling 

being done for any particles that were still too large. The resulting fine calcite powder was collected 

and stored in plastic bags for experimentation. 

While specific surface area was not a focus of this work, a small grain size was required to conduct 

zeta potential measurements as the maximum recommended particle diameter for the Zetasizer 

device was 10 µm [34]. To ensure the suitability of samples for analysis, calcite particle size was 

determined using a Microtrac SYNC analyzer and shown to fall within acceptable range. The results 

are presented in Figures 10 and 11. 
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Figure 10. Microtrac SYNC particle size distribution results for pure calcite. 

 

 

 

Figure 11. Microtrac SYNC particle size distribution results for Bukov calcite. 
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 3.2 Chemicals and solutions 

Several solutions with different ionic compositions and strengths, as well as a SGW2 groundwater 

simulant, were used in this work to study the behavior of calcite and their effect on surface 

charge. The chemicals used to prepare the solutions are listed in Table 1, with the solutions 

themselves contained in Table 2.  

 

Table 1. List of chemicals used in this work. 

Chemical Manufacturer Molar mass 

CaCl2 Fisher Scientific UK 110.99 g mol-1 

NaCl Fisher Scientific UK 58.44 g mol-1 

MgCl2 ● 6 H2O Merck 203.30 g mol-1 

MgSO4 ● 7 H2O Merck 246.48 g mol-1 

MgO Merck 40.31 g mol-1 

Ca(OH)2 Merck 74.09 g mol-1 

KHCO3  Merck 100.12 g mol-1 

NaHCO3 Fisher Scientific UK 84.01 g mol-1 

[Co(NH3)6]Cl3 Sigma-Aldrich 267.48 g mol-1 

 

Table 2. List of solutions used in this work. 

Solution Concentration 

CaCl2 0.001 M 

NaCl 0.01 M 

MgCl2 + NaCl 0.0025 M (MgCl2) + 0.005 M (NaCl) 

MgCl2 + NaCl 0.00375 M (MgCl2) + 0.0025 M (NaCl) 

[Co(NH3)6]Cl3 0.0166 M 

SGW2 Contents listed in Table 3 
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Table 3. Composition of SGW2 (preparation for 5 L). 

Chemical Amount added (g) Concentration (mol dm-3) 

MgSO4 ● 7 H2O 0.2808  2.28 x 10-4  

MgO 0.0139  6.9 x 10-5 

MgCl2 ● 6 H2O 0.0501  4.93 x 10-5 

Ca(OH)2 0.3464  9.35 x 10-4 

KHCO3  0.0275  5.49 x 10-5 

NaHCO3 0.3026  7.2 x 10-4 

 

Abundances of relevant cations and anions in freshly prepared equilibration solutions are 

presented in Figure 12 for comparison. 

 

 

Figure 12. Starting ionic composition of electrolyte solutions used in equilibration. 
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 3.3 General setup for equilibration 

Each sample in this work consisted of 0.75 g of prepared calcite weighed into 50 ml centrifuge tubes, 

which were filled with 50 ml of an equilibration solution. Samples were then be placed in batches 

of 7 into an unpressurized glove box where they were equilibrated using a CO2/N2 gas mixture (250 

ppm CO2). This gas was bubbled directly into each individual sample tube to facilitate the interaction 

of CO2 with the solution and reduce the time required for each experiment. No dedicated gas 

delivery system was available, and a simple custom one was created using a series of flexible plastic 

tubing that would decrease in diameter in a series of steps. A 5x8 mm tube was connected to the 

gas bottle, from where it would extend inside the glove box towards a Y-shaped splitter connected 

to two 3x5 mm tubes on the other end. These tubes would in turn connect to smaller Y splitters with 

two 2x4 mm tubes on each end leading to T-shaped junctions. These junctions would transfer the 

gas into 1,3 mm tubes that extended into the sample solution and delivered the gas to the samples. 

A schematic of this setup is illustrated in Figure 13, with Figures 14 – 16 showing it in practice.  

  

Figure 13. Sketch of the equilibration setup used in this work. 
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Figure 14. The glove box used in this work. 

 

 

Figure 15. The tubing system as it appeared in practice. 
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Figure 16. Samples in the process of bubbling. 
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Figure 17. Samples in the process of bubbling (closer view). 
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In general, each sample batch containing a different combination of calcite and solution would 

undergo 1-hour long sessions of bubbling either daily or on pre-determined days. On the final day 

of any given experiment, samples for zeta potential measurements would be taken and 

measurements performed. Ca concentration was monitored as an indicator of equilibrium and 

stability of the system using MP-AES, and for this purpose 0.5 ml aliquots were taken from each 

sample before and after bubbling on each day of the experiment. Between bubbling and the taking 

of aliquots, sample tubes were stored in the glove box and tightly capped to minimize interactions 

with the outside atmosphere. Given the number of variables and custom nature of the setup, 

conditions for different batches vary considerably as they were often revised in response to the 

results obtained over the course of this work. As a result, the work can be separated into three 

distinct series of samples, which are best explained individually.  

 3.4 Series 1 equilibration 

Details and experiment conditions for the first series are summarized in Table 4.   

Table 4. Summary of Series 1 experiments. 

Calcite Solution # of samples Experiment length pH control pH range Bubbling 

Pure 

(0.75 g) 

SGW2 

(50 ml) 

7 3 days no ≈ 8 - 9 1 h daily 

Pure 

(0.75 g) 

CaCl2 

(50 ml) 

7 5 days no ≈ 8 1 h daily 

Pure 

(0.75 g) 

NaCl  

(50 ml) 

7 5 days no ≈ 7 – 8.5 1 h daily 

Bukov 

(0.75 g) 

SGW2 

(50 ml) 

7 5 days no ≈ 9.5 1 h daily 

Bukov 

(0.75 g) 

CaCl2 

(50 ml) 

7 5 days no ≈ 8 – 8.5 1 h daily 

Bukov 

(0.75 g) 

NaCl  

(50 ml) 

7 5 days no ≈ 8 – 8.5 1 h daily 

Bukov 

(0.75 g) 

NaCl  

(50 ml) 

7 3 days (continued) yes 7.8 - 9 1 h daily 
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For the first series of samples, emphasis was placed on validating the equilibration procedure. 

Samples were bubbled for 1 h daily using the CO2/N2 mixture, with 0.5 ml aliquots being taken each 

day before and after bubbling. 3 days were estimated to be sufficient to establish equilibrium, but 

for samples following the pure calcite/SGW2 batch the length was increased to 5 days to produce 

more reliable results, dedicating a week of daily 1-h bubbling to each. pH was not controlled at this 

stage and merely measured and recorded to observe trends. Zeta potentials were also not yet 

measured with the exception of the final Bukov calcite/NaCl batch, which was continued directly 

from the previous week. This batch served as a test run for future experiments and was the only 

one in the series where pH control was attempted in the range of 7.8 – 9 by adding HCl/NaOH each 

day prior to bubbling.    

For MP-AES measurements, all 0.5 ml sample aliquots were diluted to 10 ml using the appropriate 

equilibration solution, and 360 µl concentrated HNO3 as well as 100 µl of a Cs buffer solution were 

added to each. A series of 10 ml standard solutions was prepared for each equilibration solution. 

Each standard contained the following cations: Mg, Al, Mn, Na, K, Fe and Ca. Standard 

concentrations were 0 ppm, 0.5 ppm, 1 ppm, 5 ppm, 20 ppm and 50 ppm. Standard solutions were 

made using their respective equilibration solutions, with the rest of the volume being made up 

through individual elemental standard additions. Standards also received 360 µl of concentrated 

HNO3 and 100 µl of Cs buffer each.  

For zeta potential measurements, approximately 0.9 ml were drawn directly from each sample after 

centrifugation (10 min, 4500 rpm) and transferred to Zetasizer cells.    
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   3.5 Series 2 equilibration 

Details and experiment conditions for the second series are summarized in Table 5.   

Table 5. Summary of Series 2 experiments. 

Calcite Solution # of 

samples 

Experiment 

length 

pH control pH range Bubbling 

Pure 

(0.75 g) 

SGW2  

(50 ml) 

7 5 days yes 6.5 – 11 1 h /  

3 days 

Pure 

(0.75 g) 

NaCl   

(50 ml) 

7 5 days yes 6.5 – 11 1 h / 

 3 days 

Pure 

(0.75 g) 

MgCl2 + NaCl        

2.5 mM + 5 mM  

(50 ml) 

7 5 days yes 6.5 – 11 1 h / 

 3 days 

Pure 

(0.75 g) 

MgCl2 + NaCl        

3.75 mM + 2.5 mM  

(50 ml) 

7 5 days yes 6.5 – 11 1 h /  

3 days 

 

In the second series, zeta potential measurements began in earnest. Samples were bubbled for 1 h 

at a time using the same CO2/N2 mixture, and 0.5 ml aliquots were taken before and after. However, 

bubbling was now performed only during the first 3 days, allowing the samples to sit and stabilize 

undisturbed for the remaining 2 days. pH was also regularly controlled with the addition of 

HCl/NaOH, and the pH range was expanded to 6.5 – 11. Each sample had its own pH value that 

increased between samples in the following increments: 6.5 – 7.5 – 8.5 – 9 – 9.5 – 10.5 – 11. In 

addition, pH adjustments were now made after bubbling as the process was noted to significantly 

disturb the solution’s pH, rendering any adjustments made beforehand pointless. For the last 2 days 

where no bubbling occurred, only the pH was monitored and adjusted if necessary, with aliquots 

being taken before and after measurement/adjustment. On the final day, after the final pH 

adjustment, 3 hours were allowed to pass to let the solution stabilize before samples for zeta 

potential measurements were taken.     

For MP-AES measurements, all 0.5 ml sample aliquots were diluted to 5 ml using deionized water, 

and 180 µl of concentrated HNO3 as well as 50 µl of a Cs buffer solution were added to each. A series 
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of 10 ml standard solutions was prepared for each equilibration solution. Each standard contained 

the following cations: Mg, Al, Mn, Na, K, Fe and Ca. Standard concentrations were 0 ppm, 0.5 ppm, 

1 ppm, 5 ppm, 10 ppm, 20 ppm and 50 ppm. Standard solutions were made in the same dilution 

ratio as the aliquots (1/10) using deionized water and their respective equilibration solutions. 

Standards also received 360 µl of concentrated HNO3 and 100 µl of Cs buffer each. In addition, 50 

ml solutions containing 2 ppm of Ca were prepared from each equilibration solution to act as 

external standards. These solutions followed the same 1/10 solution/water ratio and received 1.8 

ml of concentrated HNO3 as well as 500 µl of Cs buffer.    

For zeta potential measurements, approximately 0.9 ml of solution were drawn directly from each 

sample after centrifugation (10 min, 4500 rpm) and transferred to Zetasizer cells.    

 3.6 Series 3 equilibration 

Details and experiment conditions for the third series are summarized in Table 6.   

Table 6. Summary of Series 3 experiments. 

Calcite Solution # of samples Experiment 

length 

pH control pH range Bubbling 

Pure 

(0.75 g) 

SGW2  

(50 ml) 

7 1 month yes 6.5 – 11 1 h /  

2x per week 

Pure 

(0.75 g) 

NaCl   

(50 ml) 

7 1 month yes 6.5 – 11 1 h /  

2x per week 

 

In the third series, the equilibrium achieved using the bubbling method was investigated on a longer 

timescale. NaCl and SGW2 batches from the second series were selected to undergo further studies 

to determine if equilibrium had actually been reached or if the samples had not yet fully stabilized 

in the previous experiments. These batches were bubbled twice every week for 1 h at a time over 

the course of 1 month, with 0.5 ml aliquots taken before and after each bubbling session. pH control 

was performed using HCl/NaOH to keep samples in the range of pH 6.5 – 11. The same pH 

increments as in Series 2 were used, and adjustments were still made after bubbling. On the final 

week, no bubbling was done on the last 2 consecutive days of the experiment, and samples for zeta 

potential measurements were taken on the final day after a 3-hour wait following pH adjustment.   
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For MP-AES measurements, all 0.5 ml sample aliquots were diluted to 5 ml using deionized water, 

and 180 µl of concentrated HNO3 as well as 50 µl of a Cs buffer solution were added to each. The 

same standard solutions from Series 2 were used (10 ml, 0-50 ppm, Mg + Al + Mn + Na + K + Fe + 

Ca). In addition, fresh 50 ml solutions containing 2 ppm of Ca were prepared from both equilibration 

solutions to act as external standards, following the same solution/water ratio and receiving 1.8 ml 

of concentrated HNO3 as well as 500 µl of Cs buffer.   

For zeta potential measurements, approximately 0.9 ml of solution were drawn directly from each 

sample after centrifugation (10 min, 4500 rpm) and transferred to Zetasizer cells.    

 3.7 Cation exchange capacity 

Two separate 0.0166 M exchange solutions of [Co(NH3)6]Cl3 were prepared for Bukov and pure 

calcite samples. 0.25 g of prepared Bukov calcite were added to one solution and 0.25 g of prepared 

pure calcite were added to the other. The suspensions were placed in an ultrasonic bath for 30 min, 

after which both were magnetically stirred for another 30 min. The suspensions were then left to 

equilibrate until the experiment could be performed. In this case equilibration lasted approximately 

two weeks, but leaving the solutions overnight should otherwise be sufficient [33]. 

CEC samples consisted of 1 g of fine-grained calcite weighed into 20-ml centrifuge tubes for a total 

of 6 samples: 3 containing Bukov calcite and 3 containing pure calcite. 10 ml of [Co(NH3)6]Cl3 solution 

saturated with the appropriate type of calcite were added to each sample, after which the samples 

were shaken for 1 h. 0.5 ml supernatants were taken from each sample to measure Ca, and separate 

5 ml supernatants were collected for the determination of other ions.    

For MP-AES measurements, the 0.5 ml supernatants were diluted to 5 ml using deionized water, 

and 180 µl of concentrated HNO3 as well as 50 µl of a Cs buffer solution were added to each. Two 

separate series of 10 ml standard solutions were made for Bukov and pure calcite samples 

respectively. Each standard only contained Ca. Standard concentrations were 0 ppm, 25 ppm, 50 

ppm, 75 ppm and 100 ppm. Standard solutions were made in the same dilution ratio as the 

supernatants (1/10) using deionized water and the exchange solution saturated with the 

appropriate type of calcite. Standards also received 360 µl of concentrated HNO3 and 100 µl of Cs 

buffer each. In addition, two 50 ml solutions containing 2 ppm of Ca were prepared from the 

exchange solutions to act as external standards, following the same 1/10 solution/water ratio and 

receiving 1.8 ml of concentrated HNO3 as well as 500 µl of Cs buffer each. These solutions were 
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identical with the exception of the type of calcite they were saturated with and were used with their 

respective sample and standard series. Only Ca was measured with these samples.    

The 5 ml supernatants were diluted to 10 ml using deionized water, and 360 µl concentrated HNO3 

as well as 100 µl of a Cs buffer solution were added to each. Two separate series of 10 ml standard 

solutions were made for Bukov and pure calcite samples respectively. Each standard contained the 

following cations: Mg, Al, Mn, Na, K and Fe. Standard concentrations were 0 ppm, 0.25 ppm, 0.5 

ppm, 0.75 ppm and 1 ppm. 250 µl of 1000 ppm Ca were also added to each standard to ensure a 

similar background level. Standard solutions were made in the same dilution ratio as the 

supernatants (1/2) using deionized water and the exchange solution saturated with the appropriate 

type of calcite. Standards also received 360 µl of concentrated HNO3 and 100 µl of Cs buffer each. 

In addition, two 50 ml solutions containing 2 ppm of each previously mentioned cation were 

prepared from the exchange solutions to act as external standards. These solutions followed the 

same 1/2 solution/water ratio and received 1.8 ml of concentrated HNO3, 500 µl of Cs buffer, and 

1.25 ml of 1000 ppm Ca each. They were also identical except for their type of calcite saturation. 

4. Results 

 4.1 Uncertainty estimation 

Uncertainty values of MP-AES results obtained in this work were estimated using the Measurement 

Uncertainty kit (MUkit software) [50, 51]. The program combines random and systematic error 

components to produce a final combined standard uncertainty according to the following equation: 

𝑢𝑐 = √𝑢𝑅𝑤
2 + 𝑢𝑏

2     (2) 

where uRw
 is the uncertainty component for intralaboratory reproducibility (random error), and ub

 

is the uncertainty component for method and laboratory bias (systematic error). The result is then 

used to calculate the expanded uncertainty U in order to reach a high enough confidence interval:  

      𝑈 = 𝑘 × 𝑢𝑐     (3) 

where k is an integer. In general, k is set to 2, which achieves a confidence interval of about 95%. 
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4.2 Cation exchange capacity 

CEC was calculated with the following equation: 

𝐶𝐸𝐶 = ∑
𝐶×𝑉×𝑍

𝑚×𝑀
    (4) 

where C is the concentration of an individual exchangeable cation (ppm = mg/l), V is the volume of 

the solution (l), Z is the charge of the cation, m is the mass of calcite used in the experiment (mg), 

and M is the molar mass of the cation (g/mol). V was constant (10 ml = 0.01 l), as well as m (1 g = 

1000 mg). The values used for Z and M are listed in Table 7.  

 

Table 7. Exchangeable cation Z and M values. 

 Mg Al Mn Na K Fe Ca 

Z 2 3 2 1 1 2 2 

M 

(g/mol) 

24.305 26.982 54.938 22.99 39.098 55.845 40.078 

 

The MP-AES detection limit was calculated for each relevant element with the following equation 

using the Currie method [52]: 

               𝑁𝐷 = 4.65 × √𝑁𝐵 + 2.71   (5) 

where NB is the number of counts recorded in a blank sample.   
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4.2.1 Bukov calcite cation exchange capacity 

Below are the MP-AES results obtained from the solution saturated with Bukov calcite. The values 

are corrected for dilution and device performance based on the external standard. Background 

subtraction is also performed on the sample average based on blank measurements.  

 

Table 8. Bukov calcite CEC results (MP-AES). 

 Mg (ppm) Al (ppm) Mn (ppm) Na (ppm) K (ppm) Fe (ppm) Ca (ppm) 

Sample 1 1.70 
 

0.267 
 

<6.54E-03 0.800 
 

0.441 
 

<0.369 25.9 
 

Sample 2 1.56 
 

0.296 
 

<6.54E-03 0.575 
 

0.312 
 

<0.369 21.9 
 

Sample 3 1.70 0.334 0.0293 
 

0.604 
 

0.277 
 

<0.369 23.1 
 

Blank 1 <2.24E-03 0.0630 
 

<6.54E-03 <3.13E-03 <5.00E-03 <0.369 1.07 
 

Blank 2 <2.24E-03 0.0200 
 

<6.54E-03 <3.13E-03 <5.00E-03 <0.369 1.90 
 

Blank 3 <2.24E-03 0.0380 
 

<6.54E-03 <3.13E-03 <5.00E-03 <0.369 1.82 
 

Average 1.65  

± 0.545 

0.259 

± 0.0803 

0.00976 

± 0.0512 

0.660 

± 0.409 

0.343 

± 0.233 

x 22.1 

± 8.62 

 

Detection limits were calculated from average intensity values from blank measurements using 

Equation 5 and MP-AES calibration data, shown with Al: 

𝑁𝐷(𝑐𝑝𝑠) = 4.65 × √329.2366667 + 2.71 = 87.08369155 

Al calibration equation obtained from device: 

𝐼𝑛𝑡𝑒𝑛𝑠𝑖𝑡𝑦 = 17269.04898417 × 𝐶 

Detection limit: 

𝑁𝐷(𝑝𝑝𝑚) = (
87,08369155

17269.04898417
) × 2(𝑑𝑖𝑙𝑢𝑡𝑖𝑜𝑛 𝑓𝑎𝑐𝑡𝑜𝑟) = 0.010085523 𝑝𝑝𝑚 ≈ 0.01 𝑝𝑝𝑚 
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Insufficient counts were obtained from most other elements to calculate every ND in this way. As 

such, for elements other than Al and Ca, ND was extrapolated by relating the detection limit 

calculated for Al to its internal intensity value the MP-AES used for calibration in this measurement. 

By multiplying ND (Al) by the ratio of intensities, ND was obtained as follows: 

𝑁𝐷(𝑒𝑙𝑒𝑚𝑒𝑛𝑡, 𝑝𝑝𝑚) = 𝑁𝐷(𝐴𝑙, 𝑝𝑝𝑚) ×
𝐼𝑛𝑡𝑒𝑛𝑠𝑖𝑡𝑦𝐴𝑙

𝐼𝑛𝑡𝑒𝑛𝑠𝑖𝑡𝑦𝑒𝑙𝑒𝑚𝑒𝑛𝑡
 

CEC was calculated by applying Equation 4 to each individual cation in the following manner, shown 

with Mg: 

𝐶𝐸𝐶(𝑀𝑔) =
1.65

𝑚𝑔
𝑙

× 0.01 𝑙 × 2

1000 𝑚𝑔 × 24.305
𝑔

𝑚𝑜𝑙

= 1.35775 × 10−6
𝑚𝑜𝑙

𝑔
 

Values calculated for each ion are compiled in Table 9. 

Table 9. Bukov calcite individual ion CEC values. 

 Mg (mol/g) Al (mol/g) Mn (mol/g) Na (mol/g) K (mol/g) Fe (mol/g)  Ca (mol/g) 

CEC 1.36E-06 2.88E-07 3.55E-09 2.87E-07 8.77E-08 0 1.10E-05 

 

The sum of all values in Table 9 gives the total CEC for Bukov calcite, presented in Table 10.  

Table 10. Bukov calcite CEC results. 

CEC mol/g mmol/g meq/100 g meq/kg 

Bukov calcite 1.31E-05 0.0131 1.31 13.1 
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4.2.2 Pure calcite cation exchange capacity 

Below are the MP-AES results obtained from the solution saturated with pure calcite. The values are 

corrected for dilution and device performance based on the external standard. Background 

subtraction is also performed on the final sample average based on blank measurements.  

Table 11. Pure calcite CEC results (MP-AES). 

 Mg (ppm) Al (ppm) Mn (ppm) Na (ppm) K (ppm) Fe 

(ppm) 

Ca (ppm) 

Sample 1 0.469 
 

0.0730 
 

<7.18E-03 0.167 
 

0.0444 
 

<0.536 8.36 
 

Sample 2 0.446 
 

0.104 
 

<7.18E-03 0.140 
 

0.0626 
 

<0.536 10.3 
 

Sample 3 0.386 
 

0.0994 
 

<7.18E-03 0.117 
 

0.0202 
 

<0.536 9.96 
 

Blank 1 <2.88E-03 0.0447 
 

<7.18E-03 <3.32E-03 <6.17E-03 <0.536 2.07 
 

Blank 2 <2.88E-03 0.0211 
 

<7.18E-03 <3.32E-03 <6.17E-03 <0.536 2.05 
 

Blank 3 <2.88E-03 0.0437 
 

<7.18E-03 <3.32E-03 <6.17E-03 <0.536 2.22 
 

Average 0.434 

± 0.152 

0.0556 

± 0.0267 

x 0.141 

± 0,0776 

0.0424 

± 0.0441 

x 7.43 

± 2,45 

 

ND and CEC were calculated in the same way as for Bukov calcite. CEC values calculated for each ion 

are compiled in Table 12.  

Table 12. Pure calcite individual ion CEC values. 

 Mg (mol/g) Al (mol/g) Mn (mol/g) Na (mol/g) K (mol/g) Fe (mol/g) Ca (mol/g) 

CEC 3.57E-07 6.18E-08 0 6.13E-08 1.08E-08 0 3.71E-06 
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The sum of all values in Table 12 gives the total CEC for pure calcite, presented in Table 13.  

Table 13. Pure calcite CEC results. 

CEC mol/g mmol/g meq/100 g meq/kg 

Pure calcite 4.20E-06 0.00420 0.420 4.20 

   

4.2.3 Cation exchange capacity summary 

CEC results from both types of calcite are presented in Table 14 for comparison. 

Table 14. CEC results summary. 

CEC mol/g mmol/g meq/100 g meq/kg 

Bukov calcite 1.31E-05 0.0131 1.31 13.1 

Pure calcite 4.20E-06 0.00420 0.420 4.20 

 

Bukov calcite shows a much higher CEC value than pure calcite. As CEC is a method to quantify 

negatively charged surface sites, this would suggest that Bukov calcite contains a larger number of 

such sites, and thus its capacity to retain cations is greater. This can likely be attributed to its 

composition: compared to pure calcite, Bukov calcite may contain certain impurities with properties 

that differ from calcite. These impurities could each have a capacity for cation exchange that is also 

different from calcite, which in turn would affect the final CEC value for the whole sample. Given 

the difference in magnitude between the CEC of pure and Bukov calcite samples, the effect caused 

by such impurities also seems to be rather significant.   

These results may be a useful foundation for interpreting the results of equilibration and zeta 

potential of calcite. Impurities in the calcite mineral could lead to a variable surface structure with 

regions that interact with the environment differently from a surface that consists entirely of calcite. 

As such, surface chemistry in Bukov calcite could be more complicated and less predictable, heavily 

depending on the kind of impurities present. The high CEC value relative to pure calcite could thus 

indicate that because of its impurities, Bukov calcite might interact with its surrounding solution 

more actively overall, adsorbing and releasing cations at a higher rate. High ion throughput would 

be detrimental to zeta potential measurements as it would mean that the calcite surface charge is 

constantly changing as different ions are cycled in and out. As such, due to a larger number of 

charged surface sites, surface reactions in Bukov calcite may naturally take longer to reach 
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equilibrium and could be more prone to disturbances than pure calcite. Surface chemistry could still 

be an actively ongoing process at the time of the zeta potential measurement, which might lead to 

poor results.  

Bukov calcite’s high CEC may also affect the equilibration of potential-determining ions in solution. 

If the Bukov samples were able to retain and release more cations than pure calcite, higher 

fluctuations in Ca concentration could be expected. Different cations could be adsorbed and 

released in different quantities at different times, including Ca2+. Thus, ongoing cation exchange 

could potentially lead to increases and decreases in the concentration of Ca at different points in 

time in addition to the effects caused by calcite dissolution and precipitation. At its core, this 

phenomenon is no different from the mechanisms that would occur in pure calcite, where 

adsorption and release of Ca2+ would also affect the Ca concentration in solution. However, this may 

only be a noticeable issue in Bukov calcite due to its greater CEC. In these circumstances, Ca 

concentration in the solution could be inherently more unstable due to Bukov calcite taking up and 

releasing non-negligible quantities of the cation. This effect may be further compounded if, for 

instance, conditions in the sample are regularly disturbed by the bubbling of CO2 into the solution, 

which was a key part of this work. Ultimately, there does not seem to be any reason why Bukov 

calcite would fail to equilibrate: the reactions and mechanisms are largely the same as in pure calcite 

and may simply require more time due to occurring on a larger scale and accounting for impurities.  

Lastly, the CEC values obtained in this work may be a reflection of the smaller particle size of calcite. 

The same CEC experiment was performed in an earlier work with grain sizes between 71 µm and 

300 µm, resulting in values of 5.868 meq/kg for Bukov calcite (≈ 45% of this work) and 1.377 meq/kg 

for pure calcite (≈ 33% of this work) [33]. While Bukov calcite was also found to have a much higher 

CEC than pure calcite just like in this work, the CEC values themselves were much smaller. This 

difference can likely be attributed to particle size: the size range in the earlier work was much 

greater and the smallest grain size was at least 7 times larger than the average size achieved in this 

work (Figures 10-11). As such, the larger surface area of small particles likely increased the 

interactions between the calcite and its surrounding solution in this work, leading to a more active 

exchange of cations and thus much larger CEC values.      
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 4.3 Series 1 equilibration 

  4.3.1 S1 Pure calcite equilibration  

Below are the MP-AES results for pure calcite samples from the initial equilibration experiments.  

 

 

 

Figure 18. Series 1 Pure calcite/SGW2 equilibration results. 
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Figure 19. Series 1 Pure calcite/CaCl2 equilibration results. 

 

Figure 20. Series 1 Pure calcite/NaCl equilibration results. 
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Pure calcite samples seem to show an overall trend towards stability. In general, the bubbling of 

CO2 initially coincides with a noticeable increase in dissolved Ca content, after which Ca 

concentration stays relatively stable with minor fluctuations around a certain value. The biggest 

change tends to occur after the first bubbling session, with subsequent sessions also affecting the 

Ca concentration but to a much lesser extent. Over time, most samples appear to gradually plateau 

around a certain concentration, with increases and decreases becoming steadily smaller in 

magnitude.  

While true stability was never achieved, it seems possible to lower the fluctuation of Ca 

concentration to the point where it may no longer be significant. An important factor to consider is 

time: as can be seen in Figure 18, the beginning of a plateau is observed, but considerable 

fluctuation still occurs and it cannot be predicted how the sample would continue to behave. On 

the other hand, Figures 19 and 20 were produced from experiments that lasted two days longer 

than the one in Figure 18, and the trend is much clearer. The curves begin to resemble straight lines 

more as time passes, becoming tightly packed near a particular Ca concentration in Figure 18 or 

stabilizing around different values in Figure 20. Some fluctuation is always observed in all samples, 

with the amount of Ca generally increasing after each bubbling session and decreasing overnight. 

However, the overall trend appears to be a trajectory towards a concentration from which the 

sample does not deviate significantly. Beyond that point, increases and decreases seem to be 

temporary and mainly caused by disturbances to the samples by repeated bubbling and exposure 

to air for the taking of aliquots. Lastly, the samples did not behave identically, with some requiring 

more time to reach a stable concentration than others. These differences can likely be eliminated 

simply by extending the duration of any given experiment, however.  

Overall, pure calcite appears to equilibrate well using the bubbling method in all solutions that were 

tested (SGW2, CaCl2, NaCl).   
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  4.3.2 S1 Bukov calcite equilibration  

Below are the MP-AES results for Bukov calcite samples from the initial equilibration experiments, 

as well as the first zeta potentials for the final batch. 

 

Figure 21. Series 1 Bukov calcite/SGW2 equilibration results. 

 

Figure 22. Series 1 Bukov calcite/CaCl2 equilibration results. 
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Figure 23. Series 1 Bukov calcite/NaCl equilibration results. 

 

Figure 24. Series 1 Bukov calcite/NaCl zeta potential results. 
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Bukov calcite samples seem significantly less stable and predictable than pure calcite. No real trend 

can be observed in any of the graphs: Ca concentration only rises after the initial bubbling in the 

case of NaCl (Figure 23), where the shape of the curves starts to resemble the results obtained from 

pure calcite, but after the third day all samples seem to break apart into random concentrations. In 

Figures 21 and 22, the initial increase in Ca concentration is either minor or non-existent, with Figure 

21 even showing a decrease in Ca concentration after the first bubbling session. Ca appears to 

fluctuate randomly over a wide range of concentrations, and the samples never properly converge 

or stabilize. 

The lack of stability is further illustrated by zeta potentials in Figure 24, which were measured from 

the NaCl solution containing Bukov calcite. The sample batch in question was first equilibrated for 

5 days like the rest, and then underwent an additional 3 days of equilibration combined with pH 

control over a fairly narrow range (7.8 – 9). However, even with the differences between sample pH 

values being relatively small, the zeta potentials of different samples are still far too close in value 

to one another with ± 1.5 mV of difference at most, while also appearing randomly distributed with 

large margins of error. Results such as these might suggest that the system was not in equilibrium, 

with ongoing surface chemistry constantly altering the zeta potential.  

Overall, equilibration of Bukov calcite using the bubbling method appears to be less effective than 

pure calcite. As could be inferred from CEC results, the magnitude of the fluctuations in Ca 

concentration and the unpredictable shapes of the curves suggest that the issue does not lie with 

simple adjustable variables like time, but rather originates from the inherent properties of Bukov 

calcite. As such, the equilibration method used in this work was deemed unsuitable for it, and the 

use of Bukov calcite in all subsequent experiments was discontinued.        

  

 

 

 

 

 

 



 

43 
 

4.4 Series 2 equilibration  

Below are the MP-AES and zeta potential results from the second sample batch (only pure calcite). 

  4.4.1 S2 Pure calcite in synthetic groundwater (SGW2) 

 

 

Figure 25. Series 2 Pure calcite/SGW2 equilibration results (full scale). 

 

Figure 26. Series 2 Pure calcite/SGW2 zeta potential results. 
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Pure calcite in SGW2 appears particularly stable with pH control, even more so than in Series 1. In 

almost all samples there was no significant fluctuation in Ca concentration over time. Above pH ≈ 8, 

even the differences between aliquots from freshly prepared samples and aliquots following the 

first bubbling appear non-existent. None of the samples were pre-equilibrated: fresh samples were 

prepared for every batch in Series 2 and none reused from the previous series, undergoing the exact 

same procedures from the same starting point as Series 1. The only difference from the previous 

series was a wider range of solution pH values, which seems to have had a drastic effect. 

At pH 6.5, equilibrium was clearly not achieved. Ca concentration is several times higher than in 

other samples and fluctuates wildly over time (Figure 25). The most likely cause for such a high 

concentration is calcite dissolution, as discussed in previous sections. pH 7.5 is more promising and 

more closely resembles the results obtained in Series 1: noticeable fluctuations can clearly be seen, 

but the sample appears to have centered around 20 ppm of Ca and does not deviate from it by too 

much. 

By contrast, at pH 8.5 – 11 all samples appear highly stable. Ca concentration starts and remains 

low, barely fluctuating throughout the whole experiment. Even on a smaller scale (Figure 27), 

excluding the curve for pH 6.5, there is very little variation in Ca concentration over time. Unlike in 

Series 1, the samples also appear to be stable from the very start of the experiment and are missing 

the post-bubbling increases in concentration that were routinely seen in Figures 18-20. These 

differences can likely be attributed to calcite dissolving to a much lesser extent in high-pH 

environments, as well as the added base acting as a buffer for the carbonic acid introduced by the 

bubbling of CO2 and resisting decreases of solution pH. 

Greater sample stability appears to be reflected in zeta potential results as well. In Figure 26, a clear 

downward trend can be observed between the samples, with the zeta potential becoming more 

negative as the pH increases. This is in line with the theoretical assumption that the calcite surface 

would become more negatively charged at higher pH values due to the prevalence of anionic species 

in solution. An expanded pH range also aids in visualizing this trend. 

As such, pH control and a larger pH range of 6.5-11 seems to have had a positive effect both on 

equilibration and zeta potential in SGW2. At roughly pH ≥ 8, pure calcite samples seem to become 

rather stable in terms of Ca concentration and equilibrate quickly, which also aids in producing more 

reliable zeta potential results.  
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Figure 27. Series 2 Pure calcite/SGW2 equilibration results (smaller Y scale). 
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4.4.2 S2 Pure calcite in NaCl 

 

 

Figure 28. Series 2 Pure calcite/NaCl equilibration results. 

 

Figure 29. Series 2 Pure calcite/NaCl zeta potential results. 
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Pure calcite in NaCl seems to produce very similar results to SGW2. Curves in Figures 25 and 28 

closely resemble each other, with only relatively minor differences between them. As shown in 

Figure 28, samples at pH 6.5 and 7.5 once again appear the least stable and exhibit higher Ca content 

than other samples, but this is much more pronounced in the case of NaCl. The sample at pH 6.5 

rises to almost the same Ca concentration as in Figure 25, though this increase is more gradual. By 

contrast, at pH 7.5 much more calcite seems to have dissolved when using NaCl: Ca concentration 

is seen rising to about 80 ppm, while in SGW2 the highest recorded concentration at pH 7,5 is just 

under 30 ppm. Most likely for this reason the sample at pH 7.5 also appears to be far from stable, 

only beginning to plateau around the fifth day and clearly requiring more time than was allocated.          

Similarly to SGW2, samples at pH 8.5 – 11 are much more stable. All of them remain at relatively 

low Ca concentrations and do not fluctuate to a notable extent during the experiment, with some 

of them almost looking like straight lines by the fifth day. The biggest difference from SGW2 is that 

the Ca content in every sample appears higher. In SGW2, all samples starting from pH 8.5 are tightly 

packed near 0 ppm and all remain below the concentration of 10 ppm (Figure 25). On the other 

hand, in NaCl the samples are spread apart far more, with several of them showing Ca 

concentrations close to 20 ppm (Figure 28). However, the same trend in calcite dissolution can still 

be observed: as pH increases, Ca content decreases, with pH 11 producing results barely above 0 

ppm. In addition, all samples at pH ≥ 8.5 again appear to become quite stable over time and seem 

to achieve a state of equilibrium by the end of the experiment. Fluctuations in Ca concentration stop 

completely after the third day, coinciding with the bubbling being stopped. After this, Ca 

concentration seems to stay unchanged in every sample, with the only difference being that every 

sample stabilized around a different concentration. 

The trend with zeta potentials is less clear, however. In Figure 29, while a general downward 

trajectory can be inferred, it is much less obvious and smaller in magnitude than the one observed 

in SGW2 (Figure 26). Certain samples also show results that are the opposite of what can be 

expected, most notably at pH 11 where the zeta potential suddenly rises significantly. Results such 

as these might suggest that the samples were not entirely stable and may have needed an additional 

few days of waiting before measurement. Alternatively, it is also possible that NaCl is inherently a 

less stable medium than SGW2, hinted at by greater calcite dissolution.        
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  4.4.3 S2 Pure calcite in NaCl (5 mM) + MgCl2 (2.5 mM)  

 

 

Figure 30. Series 2 Pure calcite/NaCl (5 mM) + MgCl2 (2.5 mM) equilibration results. 

 

Figure 31. Series 2 Pure calcite/NaCl (5 mM) + MgCl2 (2,5 mM) zeta potential results. 
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Pure calcite in a mixture of 5 mM NaCl and 2.5 mM MgCl2 does not deviate from previously 

established equilibration patterns. As before, Figure 30 shows a highly unstable curve at pH 6.5 and 

increasing stability as pH increases. It seems, however, that in this solution the sample at pH 7.5 also 

managed to equilibrate rather well: fluctuations in Ca concentration are minor and the curve 

appears to plateau already after the first day.  

Equilibration results are otherwise very similar to SGW2 and NaCl. Dissolved Ca content decreases 

as pH is increased, and the samples eventually become more or less equally stable and settle at 

different concentrations by the end of the experiment, as was seen in NaCl. It is also possible that 

calcite dissolution increased once again as numerous samples starting from pH 8.5 now go well 

beyond the previously recorded maximum Ca concentration of 20 ppm in Figure 28. At the same 

time, however, even though the sample at pH 7.5 still shows a higher Ca concentration than higher-

pH samples, it is a notable decrease from the results seen in NaCl at pH 7.5, suggesting that a 

different phenomenon may have occurred instead of increased dissolution.      

Zeta potential results are drastically different from previous batches. In Figure 31, the values appear 

randomly scattered without suggesting any sort of trend, unlike in NaCl where the beginnings of 

one could at least be observed. Given how the total ionic strength of this batch was kept the same 

as the previous NaCl batch and only difference was that MgCl2 now accounted for half of it, it is likely 

that Mg has had a strong effect on zeta potential.  

A possible explanation is the specific adsorption of metal ions to the calcite surface. As established 

previously, calcite readily sorbs divalent metal ions, and their complexation with charged surface 

groups can alter the overall surface charge to the point of switching its sign from negative to positive 

[7, 32, 53]. In these circumstances, the dependence of zeta potential on ionic strength also does not 

follow an obvious trend. Mg2+ is a divalent cation that is highly similar to Ca2+ in terms of its chemical 

properties, which is why it is often found incorporated into the calcite crystal structure where it can 

influence its growth and precipitation [54–58]. Due to these similarities, Mg2+ is also considered a 

potential-determining ion with just as much influence on zeta potential as Ca2+ [38]. In addition, 

Mg2+ has a smaller ionic radius than Ca2+ and may bind to surface groups more strongly and 

selectively due to reduced steric hindrance [53, 59].  As such, even though the total ionic strength 

of the solution in this batch was unchanged, the exact composition differed due to the presence of 

Mg2+. As a result, it may have ended up competing with Ca2+ for surface sites, which could complicate 

surface chemistry and explain the poor zeta potential results.                
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  4.4.4 S2 Pure calcite in NaCl (2.5 mM) + MgCl2 (3.75 mM) 

 

 

Figure 32. Series 2 Pure calcite/NaCl (2.5 mM) + MgCl2 (3.75 mM) equilibration results. 

 

Figure 33. Series 2 Pure calcite/NaCl (2.5 mM) + MgCl2 (3.75 mM) zeta potential results. 
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Perhaps unsurprisingly, pure calcite in a mixture of 2.5 mM NaCl and 3.75 mM MgCl2 exhibits very 

similar equilibration patterns to the previous batch. The very same trends established in other 

experiments also persist: the inverse relationship between pH and Ca content is once again 

observed, and most samples become quite stable over time (Figure 32). The only notable difference 

is at pH 7.5: the sample does not seem to plateau as cleanly as the one where 2.5 mM MgCl2 was 

used (Figure 30) and instead keeps steadily rising throughout the experiment. In addition, it reaches 

a Ca concentration approximately 20 ppm higher than what was seen in the previous batch. It is 

uncertain whether this is caused by a particular mechanism or is a result of random variation 

between different batches: the only variable in this case was Mg content, which seems to have had 

opposite effects in different experiments. The addition of 2.5 mM MgCl2 seemed to noticeably 

decrease the Ca concentration observed at pH 7.5 compared to a NaCl solution lacking Mg (Figures 

28 and 30), while a slightly more concentrated 3.75 mM MgCl2  appeared to increase it (Figure 32). 

Nothing concrete can be concluded, however, especially since samples at other pH values seem 

largely unaffected by the change in Mg content. 

On the other hand, zeta potential results seem to have been altered even more by the rise in Mg 

concentration. The same overall ionic strength as in the previous batches was maintained in this 

one, but the relative amount of Mg was increased further. In Figure 33, zeta potentials of different 

samples are once again scattered randomly, with significant differences in magnitude between even 

some adjacent samples. This is similar to results obtained in 2.5 mM MgCl2, but with an even wider 

range and variation of zeta potentials. In addition, positive zeta potentials were also recorded, which 

never occurred in any of the previous experiments. These results make sense in the context of the 

previous batch, however: if Mg2+ complicated the surface chemistry and affected the zeta potential 

then, an even stronger effect can be expected if the concentration of Mg2+ is raised further. In this 

case, even more potential-determining ions would be present in solution, with ongoing sorption, 

desorption and complex formation. Given the occurrence of positive zeta potentials, it is also likely    

that some surface charges were locally altered by complexation of surface groups. As a result, it 

would be difficult for the system to stabilize and achieve equilibrium, leading to a random and non-

representative spread of zeta potentials. Mg2+ thus appears to be highly detrimental to zeta 

potential measurements, and its presence should be avoided.   
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 4.5 Series 3 Equilibration 

Below are the MP-AES and zeta potential results from the third sample batch (only pure calcite). 

Both batches are a direct continuation from Series 2: the exact same samples were studied for an 

additional month after the original 5 days of equilibration. 

  4.5.1 S3 Pure calcite in synthetic groundwater (SGW2) 

 

Figure 34. Series 3 Pure calcite/SGW2 equilibration results and comparison with 1 week. 
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Figure 35. Series 3 Pure calcite/SGW2 zeta potential results and comparison with 1 week. 
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Pure calcite in SGW2 appears to maintain a steady equilibrium when monitored for an additional 

month. In Figure 34, at pH 6.5 the sample is still highly unstable for the entire duration of the 

experiment and exhibits significantly higher Ca concentrations than any other sample. pH 7.5 

appears to be right on the verge of equilibrium: the curve is trending towards a straight line, 

although noticeable fluctuations in concentration remain. At pH 8.5 and above, the samples appear 

to be at an effectively constant Ca concentration, with the most significant fluctuations being 

approximately 1-3 ppm in magnitude (Figure 36). In addition, beyond pH 9 Ca concentration remains 

very low and rarely exceeds 1 ppm. When approaching pH 11, most of the results were under the 

MP-AES’ detection limit. As such, high pH again appears to have significantly reduced the dissolution 

of calcite and contributed to sample stability. It is also unlikely that the results would change to any 

notable extent if the experiment were conducted for even longer: over the course of one month 

most of the samples appear to have settled around a certain Ca concentration and show no signs of 

significant variation or any new developing trends. The more unstable samples seem to have been 

influenced most by pH and would not benefit from longer equilibration times. 

Zeta potential results are also very similar to Series 2. Compared to Series 2 results, the trend in 

Figure 35 is not as obvious but still exhibits a clear downward trajectory. In addition, more negative 

zeta potential values than before are reached at higher pH, possibly due to a longer experiment 

time stabilizing the samples more and allowing calcite surfaces to adsorb more of the anions present 

in solution. This difference is rather small, however, and variation in zeta potentials could just as 

easily be attributed to random errors and instrument imprecision.  

Overall, extending the equilibration time from one week to one month does not seem to have had 

any significant effect on pure calcite in SGW2. All samples seem to equilibrate as well as possible 

during the first few days of the experiment and simply maintain their respective Ca levels afterwards 

regardless of how long the equilibration is continued. In addition, it does not seem possible to 

equilibrate samples below pH 8: calcite dissolution and precipitation lead to highly variable Ca 

concentration, which does not settle even after one month.     
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Figure 36. Series 3 Pure calcite/SGW2 equilibration results (smaller Y scale). 
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  4.5.2 S3 Pure calcite in NaCl 

 

Figure 37. Series 3 Pure calcite/NaCl equilibration results and comparison with 1 week. 
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Figure 38. Series 3 Pure calcite/NaCl zeta potential results and comparison with 1 week. 
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Pure calcite in NaCl also appears to maintain its equilibrium over the course of one additional month 

of study. For the most part, Figure 37 simply continues the trends established in Series 2, and no 

improvements to sample stability can be observed. High-pH samples have effectively plateaued 

already during Series 2 experiments, with only small and irregular fluctuations in Ca concentration 

still occurring. At pH 6.5 the sample still fails to equilibrate, and a rising trend in Ca concentration is 

seen even after one month. The only notable difference from Series 2 is pH 7.5: while the sample 

was clearly not yet stable in Series 2, after an additional month of equilibration it appears to finally 

plateau in Figure 37. While Ca concentration at pH 7.5 is still much higher than in higher-pH samples, 

by the end of the experiment it seems only slightly less stable than in them. As such, while pH clearly 

has the most influence on equilibration, in this case a longer equilibration time seems to offer a 

small benefit by allowing lower-pH samples to stabilize better. 

Zeta potential results appear much improved from before. Compared to Series 2, Figure 38 shows a 

much clearer trend towards more negative zeta potentials as sample pH increases. In this case, the 

difference is also unlikely to be caused entirely by random factors such as errors: the data points 

are arranged with a much clearer trajectory, changes in magnitude between individual zeta 

potentials are more noticeable, and much more negative zeta potentials are reached. Nearly all 

Series 2 results remained above -10 mV, and overall were quite close to each other in value. By 

contrast, Figure 38 shows a much more evident decrease in zeta potential as a function of sample 

pH after one month, and the lowest recorded potential at the highest pH values approaches -35 mV. 

As such, a longer equilibration time seems to have been very beneficial to zeta potential 

measurements. 

Overall, extending the equilibration time by an additional month seems to have improved the results 

in the case of pure calcite in NaCl. While no significant difference was observed in terms of 

equilibration, there is a very clear difference between zeta potential results obtained after one week 

and after one month, possibly due to calcite surface chemistry becoming more pronounced and 

established over time. This could also suggest that Ca concentration is not ideal as an indicator of 

equilibrium.  There does not seem to be a strong correlation between it and the quality of zeta 

potential results: even if the Ca concentration appears remarkably stable and unaffected by the 

length of equilibration, this does not necessarily mean that zeta potential will be similarly 

unaffected, as shown in this sample batch.  
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 4.6 Equilibration with CO2 compared to exclusion of CO2 

In an earlier work, calcite zeta potential was determined under anoxic conditions, with both O2 and 

CO2 excluded from the atmosphere [33]. The work was done in a glove box with a constant N2 

atmosphere, where calcite samples were placed in a 0.01 M NaClO4 solution and shaken over the 

course of two days. Sample pH was controlled on both days of the experiment, and zeta potentials 

were measured directly afterwards. As such, it is a very similar procedure to the one described in 

this work: equilibration with pH adjustment was attempted for the exact same types of calcite in an 

equilibration solution that, in terms of zeta potential, is effectively equivalent to NaCl that was used 

in this work. The two main differences are the length of equilibration and the atmosphere that the 

samples were exposed to. Only 2 days were allocated to equilibrating the samples as opposed to a 

minimum of 5 in this work, and the influence of CO2 was controlled with essentially the opposite 

approach: instead of saturating the samples, they were instead kept completely isolated from the 

gas. Results from this work are presented in Figure 39. 

 

Figure 39. Calcite zeta potentials under CO2 exclusion in NaClO4 [33]. 
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The most direct comparisons that can be made between this work and the anoxic work relate to 

Bukov and pure calcite in NaCl, summarized in Figure 40.  

 

Figure 40. Zeta potentials of CO2-equilibrated calcite in NaCl. 

In Figure 24, it is worth noting that the pH range is only 7.8 – 9 as opposed to 6.5 – 12 in Figure 39. 

Significant differences can be seen in this interval, however. In Figure 39, almost all zeta potentials 

for Bukov calcite between pH 7.8 – 9 are positive: in this work, all potentials remained below 0 mV, 

and no gradual rise or subsequent decrease in zeta potentials can be observed. The lowest zeta 
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potential recorded in this work at pH 8.8 closely mirrors the value observed at pH 9 in Figure 39, but 

that is the only similarity between the results. 

Figure 29 is more similar to Figure 39. Comparing to pure calcite this time, and with almost the same 

pH range of 6.5 – 11, the most obvious difference is the lack of positive zeta potentials in Figure 29 

while they can be clearly observed in Figure 39 around pH 7.7. Every value in Figure 29 again remains 

below 0 mV, although above pH 8.5 zeta potentials in Figure 39 reach much more negative values 

than any that are seen in Figure 29. Ultimately, however, both figures exhibit a fairly clear downward 

trend in zeta potential with increasing pH, with the biggest difference being the region of positive 

zeta potentials present in the anoxic work.  

Figures 38 and 39 resemble one another the most. Every zeta potential in Figure 38 again remains 

under 0 mV, and there is no region of positive potentials or even the slightest rising trend like the 

one seen in the anoxic work. Instead, the data points in Figure 38 are arranged like the points in 

Figure 39 above pH 8.25: a clear downward trajectory towards increasingly negative zeta potentials 

can be seen as pH increases. However, more negative zeta potentials are again reached in the anoxic 

work: the lowest recorded value in Figure 38 is around -35 mV, while Figure 39 reaches roughly -45 

mV.  

In general, there appears to be one main difference between this work and the one performed 

under an N2 atmosphere. Under the exclusion of CO2, a region of rising zeta potentials was always 

observed around pH ≈ 7.5 – 8, crossing over into positive values before falling back below 0 mV as 

pH increased. This phenomenon was not observed in this work: all zeta potentials remained 

negative and only decreased further along with rising pH. The cause of positive zeta potentials is not 

known for certain as they could have been a result of impurities present in the solution, incomplete 

equilibration or some unknown factor. However, given their absence in this newer work, it is 

possible that incomplete equilibration may have been the cause. As discussed previously, zeta 

potentials can be negative at low pH values due to calcite dissolution and the loss of ions from its 

surface, which can be seen between pH ≈ 6.5 – 7.5 in Figure 39 [35]. As pH increases, dissolution is 

reduced, stabilizing the system. However, at pH ≈ 8 neither anions nor cations are particularly 

favored by solution conditions, making them compete for surface sites. As such, if the system is not 

in equilibrium it may be possible to observe positive zeta potentials when approaching this pH if 

more cations happened to be adsorbed on the calcite surface at the time of measurement. This may 

explain the regions of positive zeta potentials observed in Figure 39. On the other hand, since this 
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newer work specifically set out to equilibrate calcite samples with CO2 through direct exposure and 

allocated additional time to this procedure, the samples may have equilibrated better and 

experienced more stable conditions by the time of zeta potential measurements. As a result, all zeta 

potentials remained negative and exhibited a downward trend with increasing pH. The same trend 

is also observed in Figure 39, but only above pH ≈ 9, at which point anionic species in solution likely 

became dominant and could reliably displace positively charged ions from the surface.      

5. Discussion and improvements 

This work set out to investigate the possibility of equilibrating calcite samples by direct saturation 

with CO2 and the effect this has on the calcite surface charge and zeta potential. While new 

information has been gained, numerous improvements can still be made to the procedure for future 

experiments. 

 5.1 Environment and atmosphere 

The most immediate issue concerns the environment of the experiment. As mentioned previously, 

the samples would ideally be placed in an isolated environment with a controlled atmosphere so 

that they could stabilize over time. Changing conditions and exposure to air could result in the 

uncontrolled dissolution of atmospheric CO2 and the entry of other possible contaminants [18, 32]. 

This would result in the amount of potential-determining ions changing, affecting surface reactions 

and rendering zeta potential measurements unreliable. Carbonate concentration almost certainly 

did not remain stable, however, as the samples could not be kept under a constant and controlled 

atmosphere.  

While the original plan was to simply store all samples inside a glove box with a constant pCO2 and 

allow them to equilibrate, this proved impossible due to a number of practical concerns. To begin 

with, the length of the experiment under these conditions was projected to be prohibitively long: 

several months would be needed in order for the CO2 to dissolve and properly saturate the samples. 

In addition, no vacant glove box with the capability of controlling its own atmosphere was available 

in the first place. None could be repurposed and committed to housing a specific CO2 mixture for 

the length of time that this work would require, making it necessary to use a much simpler model 

(Figure 14). This model amounted to little more than a sealed plastic box that had to be manually 

filled with gas from an external bottle. While this could theoretically meet the requirement of having 
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a constant atmosphere, in practice the integrity of this glove box was highly questionable, and some 

gas exchange with the surrounding air must have constantly occurred.  

On top of an unreliable internal atmosphere, the glove box was also of insufficient size. Opening 

and repressurizing this particular glove box would significantly disturb its interior atmosphere each 

time this was done, meaning that in addition to the samples, every object necessary for the 

experiment would have to be stored inside the glove box as well to avoid having to open it after 

starting the experiment. This would have to include hundreds of centrifuge tubes for every single 

aliquot that was to be taken during those months, in addition to items like tube racks, pipettes, 

pipette tips, a pH meter, deionized water, acids, bases, waste bags and solution containers, to name 

a few. These items simply could not fit inside the glove box without making it impossible to do any 

work in it. In addition, the glove box lacked any access to power for the pH meter, and no reasonable 

number of portable chargers could last long enough to cover the entire experiment, rendering pH 

monitoring impossible. Lastly, even a single sample batch along with the necessary items filled up 

the glove box to an alarming extent, meaning that a very limited number of samples could be 

processed in this way simultaneously. Considering the months-long timescale, this would either 

drastically cut down the number and types of samples studied in this work, or extend the 

experiment by possibly years.  

As such, the main limitation of this work was the lack of a suitable environment to conduct it in. If a 

proper glove box with the appropriate size, access to power and capability to maintain a stable 

atmosphere were available, this issue and most of the following issues could have been avoided 

entirely.  

 5.2 Bubbling setup 

Because of the slow speed of passive dissolution and size limitations of the glove box, the initial idea 

of constant pCO2 was abandoned. Instead, direct bubbling of a 250 ppm CO2/N2 mixture into the 

samples was chosen as a way to more quickly introduce CO2 to the samples and speed up its 

dissolution. However, because this was never part of the original plan, there was no dedicated 

infrastructure or equipment available, making it necessary to utilize simple and custom-made 

solutions with questionable reliability.     

The first issue with this method was the lack of any way to introduce the gas into the samples. A 

dedicated delivery system simply did not exist due to a lack of any previous demand, and it was 
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deemed too costly and wasteful to invest in one for the purposes of this work alone. As a result, a 

simple solution was chosen, essentially being nothing more than a series of flexible plastic tubes 

connecting the gas supply to the samples (Figures 13-17). These tubes were measured and cut to be 

roughly of the same length at each stage, but this was done by hand and thus none could be made 

exactly identical. While sufficient, this resulted in poor repeatability for the experiment as the exact 

conditions are effectively impossible to replicate by anyone else. 

The custom nature of the delivery system also had an effect on its performance. Gas would naturally 

flow along the shortest and clearest path, meaning that ideally every part of the system should be 

identical to divide the flow evenly. However, because every part of the tubing was made and 

assembled by hand without any special tools or materials, there inevitably were small differences 

between them. Most prominently, the length of the tubing varied, and gas would preferentially flow 

along the shorter paths more readily than the rest. This had unfortunate implications for the 

bubbling because at the end of its path and upon encountering the solution, the gas would have to 

break through surface tension in order to reach the sample. Since gas flow along certain paths was 

stronger than in others, it was not distributed equally and would struggle to overcome surface 

tension in some samples while flowing reliably into others. This issue could be resolved by increasing 

the overall gas flow until it was strong enough in all parts of the system, but this also occasionally 

resulted in samples being disturbed to the point of spilling over if they already had a strong enough 

gas flow originally. As a result, bubbling could not be a slow and controlled process and was instead 

quite violent and unpredictable. In addition, this naturally accelerated the expenditure of the gas 

mixture, which led to its own problems.  

The most significant issue with the 250 ppm CO2/N2 gas mixture was that it was quite expensive and 

could not be used anywhere outside of this work, making it highly wasteful to acquire and store in 

large quantities. As a result, its supply was limited and its use had to be minimized as much as 

possible, which was made difficult by the need to overcome flaws in the gas delivery system by using 

faster flow rates. In addition, concerns about cost made it necessary to make further revisions to 

the plan. Initially, the intention was to bubble the gas constantly over a period of several days, 

essentially exposing the samples to a constant pCO2 more directly and locally rather than relying on 

passive dissolution from the environment. However, it was discovered that at the flow rates 

necessary to reliably deliver the gas, a single bottle would only last a little over two days at best. 

Due to the high cost of replacement and the large number of samples to process, it was instead 
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decided to only bubble the gas in one-hour-long sessions. At other times, the samples were tightly 

capped to minimize their exposure to outside environments and maintain a constant internal pCO2 

that they achieved after bubbling. As such, the specialized nature and high cost of the gas meant 

that it could not be used to the fullest extent possible, which likely had a negative effect on 

equilibration. 

In addition, gas delivery imposed a limitation on sample size. As stated previously, dividing the gas 

among different delivery tubes weakened the flow heading towards each individual sample, and 

this flow would sometimes be unable to overcome surface tension when it encountered the 

solution. The only way to counteract this was to increase the total flow rate, which ran contrary to 

the need to minimize gas expenditure. As a result, increasing the number of samples being bubbled 

simultaneously effectively meant increasing the use of gas and thus driving up costs, making it 

necessary to reach a compromise between a sufficiently large sample size and acceptably low gas 

expenditure. This is the reason why samples had to be processed in individual batches, and why no 

more than 7 samples were ever processed at a time. In turn, this limited the number of data points 

obtained from each experiment and extended the duration of the work considerably as it was 

impossible to process large quantities of samples simultaneously even if there would otherwise have 

been opportunity to do so.  

Overall, the lack of specialized equipment gave rise to most issues with the bubbling system. The 

use of simple materials and non-uniform parts resulted in unequal gas delivery to the samples, 

which necessitated the use of higher flow rates to overcome the issue. This meant that an expensive 

gas mixture would be expended more quickly, which in turn limited the time it could be used for, 

reduced the number of samples that could be processed, and made it difficult to properly expose 

the samples to the gas. Ultimately, the bubbling setup, while functional, contained numerous flaws 

that often gave rise to other flaws that all fed into each other. The only sensible improvement to 

make would be to use a dedicated gas delivery system and not limit the use of the gas mixture, but 

the feasibility of these improvements depends entirely on the available budget.  

 5.3 Exposure to air 

As mentioned previously, all samples should ideally have been stored in an isolated environment 

with a constant atmosphere, which could not be achieved. A simple glove box was used over the 

course of this work, but because of the bubbling it could not be sealed or pressurized. Due to a 

design limitation there was no way to connect an additional tube to the glove box, and the gas 
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delivery tubing had to enter through a separate opening that was not designed for that purpose. 

This opening was originally connected to the ventilation system through a filter and used to 

manually vent excess gas without compromising internal atmosphere. Following this modification, 

excess gas would eventually still exit through that same opening, but it could no longer be sealed 

due to having a gas tube passing through it, leaving the glove box constantly open to the 

atmosphere. As a result, the glove box essentially contained regular laboratory air at all times, and 

the only reason it was still used at all was that it provided a convenient location to conduct the 

experiments.  

This marks the primary issue facing the samples: while exposure to air was to be avoided completely, 

it was inevitable with the setup used in this work. Sample tubes had to be open to the atmosphere 

during bubbling to allow excess gas to escape, and while it can be assumed that the CO2/N2 gas 

mixture would displace anything dissolving from the air during bubbling, this could not be kept 

constant due to high costs. An internal atmosphere inside the glove box could not be created using 

this gas mixture either as the way the gas entered also kept the glove box permanently open to the 

outside atmosphere. The gas was also too expensive to use in this way regardless, which is also why 

the glove box’s original tubing could not be replaced to fill it with this particular gas instead to keep 

air out between bubbling sessions. As such, it is very likely that the samples experienced some form 

of contamination at times when they were not capped and not undergoing bubbling. While efforts 

were made to minimize the time of exposure, it is unknown how well the samples were isolated 

from air since the only measure that could be taken to do so was to cap the tubes immediately after 

bubbling concluded. It also cannot be known for certain how well one hour of bubbling truly 

saturated the samples with CO2 and how well they maintained their concentration between 

sessions. Lastly, the samples were always sealed in an environment that contained regular air, 

meaning some of it would always be trapped inside the sample tubes regardless even after they 

were capped for storage. 

Exposure to air was not limited to the glove box either. Due to relatively high gas flows, bubbling 

was always rather active and disturbed both the sample solution and the solid calcite at the bottom, 

creating a suspension. Aliquots could not be taken from such samples, and they regularly had to be 

brought out of the glove box for centrifugation. Similarly, pH could not be recorded inside due to a 

lack of a power supply, and samples had to be measured outside. Naturally, this meant opening the 

tubes and leaving them open to laboratory air for extended periods of time while measurements 
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were ongoing. In addition, pH adjustments had to be done at this time as well, further extending 

the time each sample spent open and exposed.  

In the confines of this work no alternatives were available, and some exposure to air had to simply 

be accepted and its possible effects taken into account. The only realistic way to combat these issues 

would be to use a proper glove box, as mentioned previously, since a lack of such is what led to 

these flaws in the first place.   

5.4 pH adjustment   

pH adjustment was also a likely source of error. While a set pH range with specific increments was 

chosen, there was no way to predict how much acid or base must be added to any sample and in 

what concentration to reach the desired values. In addition, samples would not maintain their 

respective pH values and needed constant monitoring and adjustment to avoid drifting too far. HCl 

and NaOH had to be added regularly and essentially blindly until a reasonably extensive record of 

amounts added to each sample could be created and rough trends established. Because of this, pH 

adjustment was a very time-consuming process that consisted of alternating between measuring 

pH and adding HCl/NaOH until an acceptable value was achieved for every sample. This not only 

slowed down the experiments in general, but also forced the samples to be exposed to air for even 

longer while they were being measured. This was made even more problematic by the fact that 

sample pH did not behave predictably or have clear trends: sometimes a sample could maintain an 

almost identical value overnight and need no adjustment, while at other times the same sample 

could drift and require significant adjustment to shift even a little.  

In addition, not all pH values were realistic to reach. For instance, pH 6.5 is unlikely to have lasted 

in any sample: in almost every case pH increased to around 8 overnight even if the sample was left 

undisturbed after adjustment. The same happened even if pH was adjusted to much lower values 

such as 4 the previous day, meaning it was not possible to pre-emptively compensate for the 

increase by intentionally changing pH to a lower value than the true desired one. It appears that at 

a low enough pH calcite dissolution would always begin, and the subsequent reactions would always 

return the sample to the lowest possible stable point. The same phenomenon was observed with 

samples at pH 7.5, albeit to a lesser extent. At higher pH values, samples were significantly more 

stable but still could not maintain a truly constant pH, regularly requiring unpredictable and slow 

adjustment. As such, it is worth noting that the pH range targeted in this work was not fully attained, 

and achieving the desired pH also had to be balanced with maintaining sample equilibrium. Zeta 
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potential measurements could not be conducted immediately after pH adjustment as the calcite 

surface required time to regain equilibrium after the addition of acid or base, but they could not be 

delayed too long either as pH would drift further away from the desired values over time. Because 

of this, some variation was present in every sample, and below pH = 8 it cannot be stated with any 

certainty if the samples even maintained the indicated pH by the time their zeta potentials were 

measured.     

The impact of the addition of HCl and NaOH may also be worth considering. For the most part, only 

small amounts were needed to adjust pH, which should have little to no effect on the sample aside 

from changing the pH. However, because adjustment had to be performed regularly over the course 

of a week and all the way up to a full month in some cases, these small amounts could potentially 

add up and become significant. In the case of certain samples, volumes of over 1 ml of acid or base 

were sometimes needed to reach the desired value during only one adjustment, which is not a 

negligible amount in a 50 ml sample. In certain cases, even 1-2 M acid/base solutions had to be used 

because less concentrated acids and bases proved insufficient and would exceed the maximum 

volume of sample tubes with continued addition. Furthermore, the ionic strength of equilibration 

solutions was intentionally kept low for the sake of zeta potential measurements, which would only 

strengthen the impact that added ions could have. Na+ and Cl- were originally present in most 

equilibration solutions, but their amounts would grow over time due to the addition of HCl and 

NaOH, making it difficult to judge the true ionic strength and composition of the solutions. While 

ions like Na+ and Cl- are generally thought to have little to no tendency to sorb onto the surface of 

calcite and considered indifferent, zeta potential is known to decrease in magnitude with increasing 

ionic strength, which indifferent ions do contribute to [38, 60]. Because of this, zeta potentials could 

possibly begin to be affected if an experiment lasts for a long enough time as the equilibration 

solution could gradually change from its starting state and experience an increase in its ionic 

strength. 

Given the importance of pH to zeta potential, these issues may not have an easy or obvious solution. 

Adjustment is necessary to create a wide enough range of values, and there is little that can be done 

about the unpredictable nature of sample pH. As such, the addition of extra ions to the solutions 

and the slow and uncertain process of pH adjustment may be inherent flaws and sources of error 

that have to be accepted. Fortunately, due to being monovalent ions, Na+ and Cl- are much less likely 

to influence the zeta potential of calcite than ions such as Mg2+ regardless. It may, however, be 
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worth setting the lower boundary of experiments at around pH = 8: below this point calcite samples 

appear highly unstable and their pH becomes too unpredictable to reliably achieve any particular 

incremental value.         

 5.5 Zeta potential measurements 

The main goal of this work was the measurement of calcite surface zeta potential. While sample 

equilibration took up the vast majority of the time, it was only done for the sake of later performing 

these measurements, and the quality of the results was ultimately determined by this last step. 

However, in this work zeta potential measurements ended up producing highly variable results with 

several possible causes and implications.  

The primary issue faced during measurements was the wide range of zeta potential values in almost 

every sample. With repeated measurements of the same cell, zeta potentials could differ by as much 

as ± 10 mV even if measured mere minutes apart. In some cases, both positive and negative values 

were recorded for the same sample in the same run. In addition, zeta potentials had a tendency to 

steadily increase in magnitude as more measurements were performed until appearing to settle 

and fluctuate around a certain value. All of this combined made it necessary to perform numerous 

repeat runs for every sample. Even then, data analysis remained problematic as there was no way 

to know which results were close to the true value and which were clear anomalies or errors. It was 

ultimately decided to obtain as many data points for each sample as possible to determine which 

values appeared most often and were the closest to one another, after which their average would 

be calculated and considered the “true” value. The results shown in this work were all processed in 

this way. However, this simple approach ignored many data points that were too far from this 

average as outliers, which could underestimate the uncertainty of the results. As such, the zeta 

potentials obtained in this work likely have a larger error associated with them than what could be 

accounted for and should be viewed more as indicators of trends and not as concrete values.  

It is difficult to state what the cause of this large uncertainty could be. Instrument performance was 

likely a major factor: results from the same sample cells could differ drastically even if measured 

consecutively and over a short period of time, which is unlikely to have been caused by anything 

other the device itself. Sample preparation would have had an effect as well. Zetasizer cells are 

troublesome to fill, and it is likely there were differences and defects between samples, such as 

variations in volume and small air bubbles going unnoticed. In addition, it is worth recalling that the 

Zetasizer’s operation is based on the movement of charged particles, and sample aliquots consisted 
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of very small volumes taken from recently centrifuged solutions. As such, the number of suspended 

calcite particles transferred to the cells may have occasionally been so small that errors and 

inconsistencies in their behavior influenced the results as much as their “true” behavior. Lastly, all 

the issues mentioned in the previous sections would certainly have an effect as well. Prior to zeta 

potential measurements, all samples had to undergo equilibration, which had numerous flaws and 

sources of error in itself. Imperfect or incomplete equilibration would have directly affected calcite 

surface reactions and thus the zeta potential, and this possibility cannot be ignored due to all the 

issues outlined so far.  

Seeing how zeta potential measurements were the last step in this work, there is little that could be 

improved at this stage. The preparation of samples for measurement is ultimately a matter of 

experience, and not much can be done about instrument performance. The biggest improvement 

that can be made is to address the previously mentioned issues regarding equilibration: this would 

likely lead to more reliable results overall, while errors arising from zeta potential measurements 

can simply be taken into account when discussing them. It is also worth remembering that zeta 

potentials are known to inherently be quite inconsistent and difficult to reproduce and compare 

between experimental works [32, 38]. Results are heavily dependent on numerous factors, such as 

electrolyte composition and concentration, the type of calcite used and its impurities, the sample 

preparation method, the exact experimental conditions and the measurement method itself. Slight 

differences in any of these factors even between samples of the same set are bound to introduce 

variation into the results and are difficult to keep under control.      

 5.6 Scope and planning 

Certain issues pertaining to this work originated not from practical difficulties faced during the 

study, but rather its design. The lack of a well-defined scope and priorities introduced much 

uncertainty into the work, leading to an inefficient use of time and limiting the usefulness of the 

results obtained.  

First, there was a lack of a concrete plan and schedule because decisions regarding every 

subsequent experiment were always made live based on freshly obtained results from previous 

sample batches. While this approach allowed for the gradual modification and refinement of 

experimental procedures in real time, it also means that it is very difficult to compare most samples 

in this work and draw conclusions. Their conditions are simply too different to make any reliable 

claims, which is why it was necessary to treat different samples as belonging to different batches. 
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For example, after Series 1 the aliquot dilution factor for MP-AES measurements was changed from 

20x to 10x, meaning that the device may have had more difficulty detecting elements in the highly 

diluted solutions early on in the work and underestimated the true amount of Ca present. Because 

of this, results from Series 1 are not fully comparable with the later series due to additional 

uncertainty imposed by this extra variable. In addition, external standards were not yet in use while 

Series 1 was being worked on, adding further uncertainty to the Ca concentration. On top of that, 

the use of Bukov calcite was abandoned shortly after starting the work, and some equilibration 

solutions like CaCl2 and MgCl2 were only used for a limited time and not carried over between series 

until the end of the study. As a result, certain comparisons and conclusions also cannot be made 

simply because there is no data to compare to. The exact scope, priorities and direction of this work 

remained uncertain until it had reached the final stages, which made it difficult to know what to 

focus on and plan experiments accordingly.       

A lack of focus also likely delayed the work considerably. As described previously, the bubbling 

method was utilized to accelerate the dispersion of CO2 into sample solutions for the purposes of 

equilibration. However, this method still required several days of work at minimum to produce 

results. This work had to be done in regular intervals, in some cases daily, in order to keep sample 

conditions as similar as possible and make the results comparable. Bubbling had to be conducted 

for the same number of days and for the same length of time, and aliquots needed to be taken 

shortly afterwards. This created a rigid schedule for sample processing, and the need for regular, 

uninterrupted work contrasted greatly with its uncertain goals. Each sample batch was a significant 

time investment that produced a large number of aliquots, and the experiment could not be 

interrupted once started: as a result, it was necessary to finish all preparations before committing. 

Missing even one day of bubbling on any given week due to, for instance, lacking washed and labeled 

sample tubes for aliquots, could invalidate that entire week if there were not enough days left to 

finish the experiment in full, making it necessary to delay all work. The experiment setup, while 

simple in nature, demanded considerable preparation and was extremely sensitive to changes, 

requiring a clear plan and schedule for the work to be executed effectively. However, because it was 

sometimes not even known what the next sample batch or experiment length is going to be, it was 

often impossible to make preparations in advance or quickly react to new information due to the 

scale of the preparations. As a result, this work suffered from a considerable amount of dead time 

during which nothing could be done even with an otherwise clear schedule.  
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A lack of focus also shows in the number of variables present in this work. Every sample batch took 

considerable time to equilibrate and measure, with the addition of even one more meaning at least 

another week of work. In the case of Series 3 that lasted for a month, the effect of changes and 

additions would be even more severe. Because of this, it would be particularly important to carefully 

select what kinds of samples to investigate as any additional data would come with a large cost in 

time to both acquire and analyze. However, the samples used in this work varied considerably from 

one another: different types of calcite were equilibrated for different lengths of time in different 

solutions at different pH values. All of this means that, despite this work covering a fairly wide 

assortment of samples, only a few useful comparisons can actually be made. For instance, nothing 

definite can be concluded from looking at two samples of the same type of calcite that were 

equilibrated for a week, but at different pH values and submerged in different solutions. 

Investigating any one kind of sample or variable in greater detail was not possible in these conditions 

as there were simply too many of them and it would take too much time to study them equally. As 

such, while this work offers an overview of many different samples and conditions, it remains fairly 

shallow as no single sample batch could be investigated thoroughly. More attention was given to 

pure calcite in SGW2 and NaCl solutions, but even this remains quite limited in scope due to all the 

other work that needed to be done. 

Lastly, the considerable length of each experiment and the number of experiments to perform in 

the available timeframe negatively affected the accuracy and reliability of the results. Because of 

the scale and resource-intensive nature of the work, it would have taken an unrealistic amount of 

time and effort to repeat any of the experiments. Parallel samples also could not be taken as even 

the storage and processing of primary samples already proved challenging due to the sheer quantity 

of them. As a result, each data point in this work is limited to only a single measurement and thus 

highly vulnerable to errors. In the case of CEC, this led to very high uncertainties and the need to 

estimate detection limits when some results proved unworkable instead of conducting further 

measurements to obtain more data. Furthermore, elements other than Ca were measured with MP-

AES as well to obtain a clearer picture of the equilibration process, but due to time constraints and 

uncertainties about work priorities, external standards were never implemented for them. For this 

reason, despite taking considerable time to produce, results from other elements could not be 

processed and corrected in the same way as Ca, and thus could not be used or presented alongside 

Ca due to the inherent differences in reliability.  
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Overall, a clear goal and work plan would have been highly beneficial. This work both covers a 

decent assortment of different samples and investigates a few of them in greater detail, but it does 

not commit to either approach, which limits the quality and usefulness of the results. Very few 

conclusions can be drawn from wildly different samples that were also not studied for very long, 

while only vague trends can be speculated about with samples that received greater, but still 

insufficient attention. This work may serve well enough as an overview, but any future research 

would benefit from a more focused approach that concentrates on just one variable at a time and 

does not change its operating procedures during the process.  

6. Conclusion 

Calcite is a ubiquitous and highly reactive mineral with complicated surface chemistry. Its role as a 

contaminant sink as well as its many engineering applications and environmental significance make 

it important to understand the behavior and interactions of calcite with its environment. Because 

of this, considerable effort is being put into developing surface complexation models for calcite, 

which could aid in understanding its surface chemistry and predicting its behavior under different 

conditions [39, 46]. Robust and detailed models would be of great benefit to such applications as 

spent nuclear fuel disposal, where decisions could have considerable long-term implications, and 

the results presented here can further the development of such models. In this work, the zeta 

potentials of pure and Bukov calcite samples were investigated between pH 6.5 – 11 following a 

period of equilibration with CO2 gas through direct bubbling. While numerous improvements can 

still be made to the procedure, this equilibration method appears to function reasonably well overall 

and achieves its full effect after only 3-5 days of regular 1-h bubbling sessions on average. Zeta 

potentials obtained from solutions equilibrated in this way repeatedly demonstrated a trend 

towards more negative values as the solution pH rises, which is in good agreement with theory and 

could thus justify further investigation and refinement of this method.    

Bukov calcite did not seem to equilibrate in this work. The concentration of Ca in all samples 

containing Bukov calcite never stabilized and kept fluctuating even after several days of 

equilibration. This suggests that the number of potential-determining ions in solution remained 

unstable, and in these conditions zeta potentials cannot be measured reliably. For this reason Bukov 

calcite was not investigated further in this work, but there does not seem to be a strong theoretical 

basis for claiming it is incapable of equilibrating. As hinted at by its larger CEC, Bukov calcite is a 
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more complicated material than pure calcite and may simply require more time to stabilize. In the 

future, the length of the equilibration period could be increased to determine if the Ca 

concentration eventually achieves equilibrium. Should this not happen, it is likely that either the 

bubbling method is not suitable for Bukov calcite, or the presence of CO2 overall is best avoided. 

The equilibration of pure calcite met with more success. In every equilibration solution tested, the 

concentration of Ca quickly stabilized and did not experience any major fluctuations afterwards. 

Deviations from this trend were only observed below pH ≈ 8, where calcite dissolution likely begins 

to occur to an increasingly greater extent as pH decreases and renders equilibrium effectively 

impossible to achieve. On the other hand, zeta potentials for pure calcite showed considerable 

variation depending on the equilibration solution. The clearest and most stable trends were 

established using NaCl and SGW2: in every case the zeta potential steadily decreased as pH 

increased. In solutions containing MgCl2 the zeta potentials did not appear to correlate with 

anything: all data points are scattered randomly, likely due to the interfering presence of Mg2+ as an 

additional potential-determining ion. Overall, the bubbling method appears to function well for 

equilibrating pure calcite and does not require more than 3-5 days to achieve its full effect. Ca 

concentration stabilizes quite quickly during the initial few days, and no disturbances or 

improvements to stability were noted to occur even after one additional month of equilibration in 

the case of NaCl and SGW2. The effect of a longer equilibration time on zeta potential is not as clear, 

however. No significant difference was observed with pure calcite in SGW2 after continuing 

equilibration for a month after the initial 5 days, but results for pure calcite in NaCl seemed to 

improve after the same procedure. In the future, more equilibrations could be conducted in the 

short and long term to gather more data and come to a more definite conclusion.  

Equilibration with CO2 may lead to more stable sample conditions and improve the reliability of zeta 

potential results, but more experiments should be conducted to obtain more reliable data. The 

bubbling setup utilized in this work suffered from many design flaws that increased uncertainty, and 

it was not possible to conduct repeat measurements or investigate samples in detail given the time 

constraints. Addressing the issues outlined in Section 5 would be critical to any future investigations. 

In addition, it is worth noting that Ca concentration may not be sufficient to track the progress of 

equilibration by itself. Equilibration as defined in this work technically was reliably achieved in all 

cases, but this did not always translate to good-quality zeta potential results. This is most clearly 

seen in NaCl/MgCl2 solutions: their concentrations of Ca remained just as stable over time as in all 
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other solutions, but due to the presence of Mg2+, their zeta potential results are essentially a random 

spread of values. As such, the procedure described in this work does not account for the presence 

of contaminants, competing potential-determining ions and the effect of any other factors, which 

should be noted when evaluating zeta potential results. 
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