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Abstract 

The State of Kansas is facing increasing demands on limited available drinking water sources. 

Reclaiming and reusing wastewaters for water applications able to utilize lower quality water 

sources could help to extend and conserve existing drinking water sources. Oil production in 

Kansas generates over one billion barrels of produced water each year, which must be properly 

managed in compliance with environmental regulations. Successful reclamation of this 

wastewater for industrial and other uses could reduce freshwater requirements in the oil industry 

and provide a new water source for other water needs of the state.  

Produced waters from Kansas oil fields are usually very salty with a median total dissolved 

solids (TDS) concentration of 90,000 mg/l. However, there are a few oil formations in the 

Central Kansas Uplift area that have less salty water with a TDS of 40,000 mg/l or lower. 

Exchange of formation brine, where the highly salty brine from one formation is injected into the 

lower salinity formation, along with extraction of the lower salinity formation water to balance 

formation pressure, has been proposed as a way of managing produced water for potential reuse 

applications. This study was conducted to further investigate the feasibility of brine exchange as 

a produced water management practice from a geochemical and environmental standpoint.  A 

geochemical software program (PHREEQC) was utilized, along with both the PHREEQC and 

Pitzer databases, to predict precipitation reactions that might occur during the brine exchange. 

These predictions were compared to laboratory results to determine the limits and degree of 

accuracy of the model. Adverse reactions such as precipitation of solids in the formation during 

the exchange could block the pore spaces and reduce the conductivity of the formation. 

This study established that mixing Lansing Kanas City formation brine with Arbuckle formation 

brine (from the Wellington wellfield in Kansas) could potentially cause calcium carbonate scale 
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formation, and that cutting down the bicarbonate content is essential to prevent scaling. Also, 

using both the Pitzer and PHREEQC databases, PHREEQC accurately predicted the amount of 

carbonate scale formed at well oversaturated conditions, i.e., having a saturation index (SI) > 2, 

within the range of ionic strength investigated, i.e., 1 M to 3.65 M. However, the model is likely 

to overestimate the amount of scale formation at close to saturation conditions, for SIs between -

0.5 and 2, for the mineral phases barite, celestite, gypsum, and anhydrite. For SIs in this range, 

both databases are likely to predict similar SIs for the sulfate minerals; but for the carbonate 

mineral phases, the predicted SIs from the Pitzer database are higher. This is due to the higher 

predicted activity for the carbonate ion, as the Pitzer database does not consider ion pairing or 

complexation, and more specifically the formation of NaHCO3
+
. pH predictions from both 

databases closely agree with the each other but failed to accurately predict measured pH values 

in lab experiments. This is most likely due to interference with pH measurement due to the high 

sodium ion concentration.  
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Chapter 1 Introduction 

Water is simultaneously produced and consumed by the oil and gas industry. Water is used in the 

oil and gas industries for drilling and hydraulic fracturing, processing at oil and gas refineries, 

and improved oil recovery, and as cooling water for power generation. Oil and gas bearing rocks 

contain water which is extracted during oil and gas production as “produced water”. The amount 

and composition of water used, produced, reused or sent for disposal varies widely. It is 

generally dependent on the geological formation, time and length of production, regulations 

surrounding water use and disposal, and economic factors
1
. 

The volume of produced water generated in the state of Kansas in 2002 was about 1.2 billion 

barrels
1
. The predominant way of managing this colossal volume of water is to inject the 

produced water into the subsurface through regulated wells called class II injection wells. There 

are currently 5,000 disposal wells and 11,600 secondary/enhanced oil recovery wells in Kansas 

that make up the 16,600 permitted class II injection well in the state
2
.  Deep well injection 

(disposal wells) has been associated with the incidence of earthquakes. Prior to 2010, only 30 

earthquakes were recorded
3
. The increase in the number of disposal wells and volume of 

produced water injected are believed to have caused 127 earthquakes in 2014 alone
3
. As such, 

there is the need for reusing or recycling of produced water (PW) not only to reduce seismic 

activities, but also to augment freshwater supplies for use in the oil and gas industry or for other 

applications. 

The State of Kansas is facing increasing demands on limited available drinking water sources. 

Reclaiming and reusing wastewaters for water applications that demand lower quality water 

supply could help to extend and conserve existing drinking water sources. Climate change, 
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population growth, urbanization and industrialization have all put immense pressure on the 

limited potable water resources available for use today. Current use of freshwater and ground 

water for fracking and other oil and gas production activities increased during the recent boom in 

oil prices, and freshwater use is expected to increase over the next decade
4
. Even though oil and 

gas activities consume freshwater resources, they also produce colossal amounts of wastewater 

(brine) with the potential for reuse to supplement existing water resources. 

Produced waters from Kansas oil fields are usually very salty with an average total dissolved 

solids (TDS) concentration up to 100,000 mg/l. However, there are a few oil formations in the 

Central Kansas Uplift area that produce less salty brines with a TDS of 40,000 mg/l or lower. 

Exchange of formation brines, where the highly saline brine from one formation is exchanged 

with lower salinity brine of another formation, has been proposed as a way of managing 

produced water for potential reuse applications
5
. In previous work, Thompson

5
 identified wells 

in the Arbuckle Production Group that produced significantly less salty brines than wells in the 

Lansing Kansas City Group. Both groups are in the Central Kansas Uplift Area and within 

realistic geographic distance to potentially make brine exchange economically and 

environmentally feasible. This study was conducted to further investigate the feasibility of brine 

exchange, as a produced water management practice, from a geochemical and environmental 

standpoint. 

1.1 Objectives  

The objectives of this work were to:    

1. Predict, using a software model (PHREEQC), scale-forming minerals when Arbuckle 

and the Lansing-Kansas City (LKC) formation waters are mixed 
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2. Investigate the formation of scales using both experimental measurements and software 

analysis (PHREEQC) for high salinity brines  

1.2 Scope 

This study discusses the mineralogy of the study area, the chemical compatibility of the fluids 

that would be used in a hypothetical brine exchange, and how the fluids would interact with LKC 

formation rock. The study also assessed scale predictions form the PHREEQC software, using 

two distinct databases (Pitzer database and standard PHREEQC database) under varying 

conditions. The scope of this work does not consider the organic component of produced water 

(PW). It is limited to laboratory experiments with reagent-grade chemicals used to prepare 

solutions simulating the ionic composition of actual produced water samples.  
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Chapter 2 Literature Review 

2.1 Introduction to literature review 

This chapter reviews the use of freshwater in oil and gas production. The section also discusses 

produced water volume, composition, management as well as produced water treatment. A 

review of scale formation in the oil and gas industry is presented in this chapter together with a 

literature review on calcite (the main formation mineral for the Lansing Kansas City and 

Arbuckle formations). A literature on the mechanisms responsible for incremental oil recovery 

during low water salinity flooding in carbonate formation is discussed in this chapter. This 

chapter closes with a discussion on modeling of mineral chemistry in produced waters. 

2.2 A closer look at water use in oil and gas production  

Water use in the oil and gas sector is projected to increase worldwide
4
. The energy sector is the 

second largest consumer of available water, although it uses significantly less water than is 

consumed by irrigation practices. Figure 1 shows the distribution of water consumption amongst 

the various sectors that consumes significant proportions of water.  

 

Figure 1: Global projected water consumption
4
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The estimated consumption by the energy sector encompasses water use in oil and natural gas 

exploration and production, and in energy production using coal, nuclear energy and biomass. 

Natural gas and nuclear energy use significantly less water per unit of energy production than 

biomass, oil refining, and oil exploration and production. Water use in crude oil production 

generally increases as you move from primary recovery to tertiary oil recovery. In the US, 

freshwater withdrawn for use as cooling water for thermoelectric power accounts for 

approximately 40% of total freshwater withdrawal
6,7

. Because the water withdrawn is not 

necessarily consumed in the cooling process, a lot of it is returned into nearby water resources, 

creating a significant difference between water consumption and withdrawal. Table 1 shows the 

water to energy production for the major primary energy production resources worldwide. 

Table 1: Water use coefficients in primary energy production worldwide (from Xylem and 

incorporated into the 2015 report on water use in oil and gas production
4
) 
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2.2.1 Freshwater use in hydraulic fracturing  

Freshwater users in the oil and gas industries compete with other water users such as industrial, 

agricultural and municipal water users. These competing demands cause water stress in areas that 

have relatively less available water. For example, fracking a typical non-conventional well in a 

shale formation in the Marcellus play requires 3 to 5 million gallons of water within a two to five 

day span
8
. This could create high water stress within the locality. Also, a large amount of 

flowback or produced water would have to be managed properly.  This poses logistical problems 

to operators along with the high costs associated with acquisition of freshwater and disposal of 

the wastewater that follows. Factors influencing water economics for oil and gas operators 

include freshwater availability, water treatment, transportation cost to the well, transportation 

cost from the well to disposal site and cost of disposal (treatment to meet regulations or pumping 

cost associated with injection)
8
. High volume withdrawals can cause local water shortages, 

which can in turn lead to water quality degradation in locations with drier climates such as 

Texas, California, Kansas and Colorado
9
. Declining water quality creates a negative public 

awareness, threatening the energy production industry.  Even in water abundant areas, seasonal 

variation in stream flow can lead to water shortages if withdrawals are high enough during the 

dry season
9
.  

2.3 Produced water  

Subsurface geological formations are porous in nature and contain different fluids such as gas, 

oil and brine. Saline water is first trapped in rocks before its displacement by hydrocarbons with 

lower density. Over time, these fluids tend to coexist together in the formation. Brine could flow 

from above or below the hydrocarbon zone during production. It could also come from within 

the formation or from the injected fluids used for hydraulic fracturing or drilling
10

. Water that 
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comes out immediately after its application for fracking is known as the “flowback water”.  

During the oil and gas extraction process, both the formation water and the flowback water are 

produced together with the hydrocarbons. The flowback and formation water combined are 

generally referred to as produced water. Produced water contains organic and inorganic 

substances in varying degrees that makes it difficult to treat and use for beneficial purposes. It 

often requires expensive treatment technologies or a “train” of treatment processes that makes it 

economically unappealing to most uphill energy producers. As a result of produced water’s 

composition and associated environmental health concerns, there have been a lot of stringent 

regulations placed on discharges of produced water.   

 

2.3.1 Produced water volumes 

Several factors affect the volume of water produced during hydrocarbon extraction.  Figure 2 

shows the global produced water volumes estimated for onshore and offshore well fields. 

Reynolds and Kiker
11

 summarized these effects as follows: 

1. The location of the well field: In general, onshore wells generally produce more water 

than offshore wells. Also, the location of the well within a heterogeneous or 

homogeneous reservoir plays a major role. For example, in homogenous reservoirs, 

horizontal wells reduce the amount of water produced, while in heterogeneous 

formations, the specific area of the well in contact with the formation determines the 

volume of water produced. 

2. The method of drilling: Vertical wells have a lower rate of water production than 

horizontal well with a similar drawdown. 
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3. The type of formation: Some formations contain more water than others, regardless of the 

drilling technology used. 

4. Structural integrity of the wellbore: Compromising the wellbore integrity can allow more 

water into the well.  

5. The age of the well:  As the wellfield ages, there is a gradual decline of hydrocarbons and 

an increase in brine. 

 

 

Figure 2: Global produced water volumes onshore vs off shore 
12

 

The volume ratio of produced water to oil averages about 10:1 in the U.S., but is higher or lower 

depending on the formation
13

. In the state of the Kansas this ratio is around 22:1
13

. The waste 

water volume accounts for between 80 to 95 % of liquid waste with the rest making up the 

organic component of the waste stream
14,15

. Figure 3 below illustrates the volume of produce 

water over the life of a wellfield. 
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Figure 3: Typical produced water volume over the age of a well field
16

 

2.3.2 Produced water composition  

Produced water typically contains dissolved gases
17

, dissolved minerals, dissolved and dispersed 

oil compounds, suspended solids (such as bacteria, formation minerals, and scale forming 

minerals), chemicals from injected fluids, and naturally occurring radioactive materials. 

 The total dissolved solids (TDS) concentrations in produced water vary widely, ranging from 

less than 1000 mg/l to over 300,000 mg/l
18,19

. The primary contributors to TDS in most produced 

waters are Cl
-
 and Na

+
. Other ions such as K

+
, Ca

2+
, Mg

2+
, Sr

2+
, Fe

2+
, Mn

2+
, Ba

2+
, SO4

2-
, and 

HCO3
-
 are also found in produced water but typically at lower concentrations. However, these 

ions have significant impact on water chemistry parameters such as the buffering capacity and 

the scaling potential of the brine
17

. Heavy metals such as lead, copper, mercury, nickel, 

cadmium, silver, and zinc also occur in produced waters, mostly in trace quantities
17

.  

Naturally occurring radioactive materials (NORMs) have been found in some scales from 

produced water. 
226

Radium and 
228

 radium are the most abundant NORMs in produced water
20

.If 

present, they co-precipitate with barium sulfate precipitate
21

.  Vegueria et al. found a strong 

correlation between barium and radium isotope concentrations
22

. 
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Polar organic compounds such as benzene, toluene, ethylbenzene, and xylene (BTEX), as well as 

phenols, are naturally occurring organic compounds that are relatively soluble and commonly 

found in produced water
23

. Weak organic acids like propionic and formic acid are also found in 

produced water and are more soluble than BTEX. The salinity of produced water has little effect 

on the concentration of dissolved organics
24

. However, the pH and temperature do have an 

impact on the amount of dissolved organics present
10

. Toxic organic compounds like aromatic 

compounds are also present in produced water and are not well removed by water/oil separation 

techniques. There are usually higher BTEX concentrations in PWs from natural gas formations 

than from oil bearing formations
21

. Carboxylic acids, short-chain aliphatic hydrocarbons, and 

phenols are also soluble organic compounds found in produced water
21

. 

Synthetic and natural chemicals are added during production. These chemicals either prevent 

operational problems or increase the efficiency of the drilling or fracturing fluids. These 

chemicals include biocides, emulsion breakers, corrosion and scale inhibitors, foaming agents, 

clay stabilizers, buffering agents, acids, surfactants, polymers, oxidizers, enzymes and heavy 

metals (for example, titanium and zirconium)
25

. In 2014 Stringfellow et al.
25

 reported 81 

chemical additives that have been used in hydraulic fracturing fluids. Out of these, 70% were 

organic with 50% being biodegradable. There was no toxicology information found on 1/3 of the 

reported chemicals, with about 5 chemicals suspected to be carcinogens. About 21 chemicals 

were identified as making high to moderate contributions to the chemical oxygen demand (COD) 

of fracturing fluids
25

. 

2.3.3 Produced water management 

Produced water is managed through one or more of the following ways: (1) treatment to meet 

surface water or offshore discharge regulations, (2) recycling for drilling or incremental 
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enhanced oil recovery, (3) treatment for beneficial reuse such as irrigation, wetlands protection, 

or watering livestock, (4) injection into deep wells, (5) evaporation, and (6) off-site commercial 

disposal
10,26,27,

 
28

. Veil
29

 reported only four produced water management practices in the U.S. 

(the first four practices mentioned above) as of 2007, which increased to six management 

practices in 2012. Figure 4 illustrates the distribution of produced water management practices 

from among the options available in the U.S.  Deep well injection for disposal and use of 

produced water for enhanced oil recovery are the most widely used management practices in the 

U.S. Deep well injection has been associated with earthquakes (as discussed later herein).  

 

Figure 4: Distribution of produced water management practices in the US
29

. 

2.3.3.1 Produced water for enhanced oil recovery or use in preparing fracturing fluids 

A boom in oil prices resulted in a 54 % annual growth rate of enhanced oil recovery (EOR) 

practices between 2007 to 2011 even though EOR accounts for only 2 % of oil production
4
.The 

use of PW for EOR or injection for disposal are the most environmentally friendly and cheapest 

amongst the management options available. In 2007 about 96 % of total produced water was 

injected into the subsurface, but this declined to 84 % in 2012 as shown in Figure 4 
29

. There is a 

general reduction of reservoir pressure during extraction. Over time, the reservoir pressure drops 

below a threshold that cannot sustain anymore production. Therefore, water is reinjected into the 
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formation to either maintain or increase the reservoir pressure, thereby increasing oil recovery
30

. 

Use of produced water for EOR cuts freshwater use and its associated adverse impacts. The use 

of PW for EOR is also very advantageous if the volume, demand, and distance of the wellfields 

are within reasonable limits. Also, the final volume of PW requiring disposal shrinks 

significantly making the other options more economically feasible. However, high salinity PW 

presents challenges in EOR applications, and it is generally avoided for such applications.  

2.3.3.2 Produced water for beneficial reuse 

If the quality of PW is relatively good, it can potentially be used with minimal treatment for 

applications that require a higher quality water. Water demand for applications such as livestock 

watering, wildlife watering and habitat, dust control, wetland development, and vehicle and 

equipment washing can be met by either supplementing freshwater resources with produced 

water or by the use of produced water as a stand-alone source. Each of these applications have 

water quality requirements that must be met before the water is suitable for this use. Another 

factor to consider apart from quality requirement is the cost of using produced water for these 

applications. If using fresh water is cheaper than using PW, reuse of PW would be very low 

regardless of its quality. The logistics of storing, transporting, and treating PW play a major role 

in determining the cost of using it.  In drier climates, reuse of PW is often given more attention 

than in areas where there is an abundance of fresh water
29

. PW from coal bed methane 

formations is known to be of higher quality (relatively lower in salinity), such that is can 

generally be more readily treated and used, depending the quality requirements of the application 

in question
29

. 
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2.3.3.3 Produced water reuse for irrigation 

There is a gradual push towards reuse of PW for agriculture irrigation and livestock watering. 

The suitability of PW for irrigation purposes should be assessed based on the chemical, physical 

and microbiological quality of the water. The high salinity of PW is a major limiting factor in use 

for irrigation. Sodium, boron and chloride are the major chemicals in produced water associated 

with plant toxicity
31,32

. The cationic composition of most PWs is dominated by sodium, and the 

direct use of PW for irrigation without adequate treatment would excessively increase the 

amount of sodium ion in the soil, increasing its sodicity to unacceptable levels. A low calcium to 

sodium ratio affects ion selectivity in root membranes and will result in the selection and 

accumulation of sodium in plants. Boron toxicity causes leaf burn, anthocyanin, leaf cupping, 

chlorosis, premature leaf drops anthocyanin, branch dieback, rosette spotting, and reduced 

growth
31-33

.   

In addition to the ions discussed above, trace levels of metals and organic compounds, as well as 

inorganic compounds and other parameters such as temperature and pH, can also affect the use 

of PW water for irrigation. Toxic and nutritional effects of trace elements in irrigation water, and 

recommended maximum concentrations, are listed in Table 2. 

Table 2: Recommended maximum concentrations of trace elements in irrigation waters
31,33

 

Element  Recommended 

maximum 

concentration, mg/L 

Remarks 

Al (aluminum)  5.0 Can cause nonproductivity in acid solids (pH < 5.5) 

but in more alkaline soils (pH > 5.5) will precipitate, 

eliminating any toxicity. 

As (arsenic)  0.10 Toxic level for plants varies widely, ranging from 12 

mg/L for Sudan grass to <0.05 mg/L for rice. 

Be (beryllium)  0.10 Toxic level for plants varies widely, ranging from 5 

mg/L for kale to 0.5 mg/L for bush beans. 
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Cd (cadmium)  0.010 Toxic to beans beets and turnips at concentrations as 

low as 0.1 mg/L in nutrient solutions. Conservative 

limits are recommended because of the potential for 

cadmium to accumulate in plants and soils to 

concentrations that may be harmful to humans and 

animals. 

Co (cobalt)  0.050 Toxic to tomato plants at 0.1 mg/L in nutrient 

solution. Tends to be inactivated by neutral and 

alkaline soils. 

Cr 

(chromium) 

 0.10 Not generally recognized as an essential growth 

element. Conservative limits recommended because 

of lack of knowledge of toxicity to plants. 

Cu (copper)  0.20 Toxic to a number of plants at 0.1 to 1.0 mg/L in 

nutrient solutions. 

F (fluoride)  1.0  Inactivated by neutral and alkaline soils. 

Fe (iron)  5.0 Not toxic to plants in aerated soils but can contribute 

to soil acidification and to reduced availability of 

essential phosphorous and molybdenum. Overhead 

sprinkling may result in unsightly deposits on plants 

equipment and buildings. 

Li (lithium)  2.5 Toxic at levels >0.075 mg/L 

Mn 

(manganese) 

 0.20 Toxic to a number of crops at a few tenths to a few 

mg/L but usually only in acid soils. 

Mo 

(molybdenum) 

 0.010 Not toxic to plants at normal concentrations in soil 

and water. Can be toxic to livestock if forage is 

grown in soils with high levels of available 

molybdenum. 

Ni (nickel)  0.20 Toxic to a number of plants at 0.5 to 1.0 mg/L; 

reduced toxicity at neutral or alkaline pH  

Pb (lead)  5.0 Can inhibit plant cell growth at very high 

concentrations. 

Se (selenium)  0.020 Toxic to plants at concentrations as low as 0.025 

mg/L and toxic to livestock if forage is grown in soils 

with relatively high levels of added selenium. An 

essential element for animals but in very low 

concentrations. 

Sn (tin)  —  Effectively excluded by plants; specific tolerance 

unknown. 

Ti (titanium)  —  (See remark for tin) 

W (tungsten)  —  (See remark for tin) 

V (vanadium)  0.10 Toxic to many plants at relatively low concentrations. 

Zn (zinc)  2.0 Toxic to many plants at widely varying 

concentrations; reduced toxicity at pH> 6.0 and in 

fine-textured or organic soil 
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2.3.3.4 Produced water disposal into the subsurface 

One of the most common practices for managing waste streams from the oil and gas industries is 

injecting them into class II injection wells. Oil and gas producers often haul their waste streams 

to an offsite location where they can find the closest class II well. This style of management does 

not consider the waste stream as an unconventional resource where it could be treated and reused 

for a different purpose. This management practice can be relatively cheap or can substantially 

add to the final disposal cost. The distance to the injection site and the volume of waste stream 

determines the cost of disposal to producers. The cost increases as the volume of the waste and 

distance to the disposal site increases. On top of this potentially high cost, deep well injection has 

been linked to seismic activities and has been found to cause earthquakes in areas where there 

has been a high amount of waste injected along fault lines
3
. These liquids can cause the fault 

lines to slip, with the magnitude of the slippage determining the magnitude of the induced 

seismicity. In Kansas, the Arbuckle formation area contains many class II injection wells
3
. Data 

from the Kansas Geological Survey indicate that high volumes of waste disposed into areas of 

seismic concern caused a high incidence of observed earthquakes. Figure 5 shows the area of 

seismic concern in the Arbuckle region. 
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Figure 5: Areas of seismic concern in the Arbuckle formation area
3
 

The number of injection wells being used within the boundary was highest from January to June 

of 2015. This period experienced the highest frequency of earthquakes between January 2013 to 

January 2018
3
. As the number of class II injection wells in operation decreased from 439 to 99 

over the years within the boundary, so did the frequency and magnitude of earthquakes, as 

shown in Figure 6. Because of the strong connection between deep well injection of PW and 

earthquakes in areas of seismic concern, there would be additional advantages in these areas to 

shift from deep well injection to reuse of the PW. 
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Figure 6: Number and magnitude of earthquakes as the number of class II injection wells in use 

decreased from 439 to 99 in Harper and Sumner Counties
3
 

2.4 Produced water treatment 

The level of produced water treatment needed depends on the disposal or reuse option chosen, 

and the composition of the PW itself. Treatments include de-oiling, removal of heavy metals and 

NORMs, softening, degassing, removal of organic compounds, removal of sodium and chloride 

ions (the main contributors to ionic strength), and disinfection. Depending on the disposal or 

reuse option, a combination of these treatments may be required. These treatment options can be 

categorized into physical, chemical, biological, and membrane treatment. Although membrane 

treatment is a physical process, it is discussed separately, below. Treatment of PW using 

biological processes is rarely used and therefore excluded in the discussion. 
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2.4.1 Chemical treatment 

Chemical precipitation processes, often accompanied by coagulation, flocculation and 

sedimentation, can be effective in removing some of scale forming cations found in PWs, such as 

calcium, magnesium, barium and radium. Lime softening and modified hot lime softening have 

been used to reduce the hardness of some produced waters
10

. Chemical oxidation can be used to 

aid in the removal of dissolved ions such as Fe
+2

 that can be oxidized to a form that can be 

precipitated. Chemical treatment processes are usually part of a more integral complex treatment 

train, with each process targeting specific components of the PW. 

2.4.2 Physical treatment 

Physical treatment of produced water can involve the use of adsorbents, clarifiers, oil-water 

separators, coagulants, flocculators, sand filters, cyclones, evaporation ponds, air strippers, gas 

flotation devices, electrocoagulation, and electrodialysis processes. Adsorption of organic 

compounds found in produced water have been achieved by the use of resins, activated carbon, 

zeolite, organoclay products, and copolymers. Copolymers have been found to remove 85 % of 

the organic content found in produced water
17,34–36

. Sand filters have been demonstrated to have 

a high efficiency rate (about 90 %) for removing iron from produced water
37

; but for this to be 

achieved, the system should be pH adjusted or aerated with oxygen to initiate the iron oxidation 

reaction. Cyclones are used to separate oil, gas, water and solid particles from produced water.  

They are manufactured from plastic, ceramic or metals with a conical base and a cylindrical 

top
16

. Evaporation ponds are artificial ponds designed to hold produced water on or offsite so 

natural solar energy can cause the water to evaporate leaving the salts and chemicals behind
38

. 

They are mostly used in areas where the cost of land is relatively cheap, and the climate is 

warmer and dryer. They often require a liner to prevent the seepage of the water into the ground 
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beneath
39

. Also, they must be covered with a net to prevent animals that are drawn to the water 

from getting poisoned. When reuse is not a goal, this style of management is often chosen. Gas 

flotation systems are designed to bring suspended solids, which otherwise would not settle in 

sedimentation tanks, to rise to the top of the water so they can skimmed off as froth
40

. Gas 

flotation systems involve fine bubbles, created by the pressurized injection of gas into the 

produced water, that allow suspended particles and insoluble hydrocarbon to be brought to the 

surface for removal. This technology can remove grease and oil, volatile organics, natural 

organic matter, and suspended solids from produced water
40,41

. Electrodialysis is the process of 

attracting dissolved ions to an electrode with an opposite charge. There are membranes that are 

put in between two electrodes that select for anions or cations. This method of treatment is 

adequate for PWs with low TDS
42

.  Electrochemical charge driven systems include 

electrodialysis (ED), electrodialysis reversal (EDR), capacitive deionization (CDI) and 

electrodeionization (EDI) that are all possible options for the removal of dissolved ions in PW
43

. 

2.4.3 Membrane filtration 

Membranes are used in removing particulate matter, pathogens, organic matter, and dissolved 

ions from produced water. Some of the most widely membrane processes include microfiltration 

(MF), ultrafiltration (UF), nanofiltration (NF) and reverse osmosis (RO). MF and UF are mostly 

used to remove suspended particles from produced water. They often serve as a pretreatment step 

for NF or RO to decrease membrane fouling and increase the longevity of the NF and RO 

membranes. At times, UF with relatively smaller openings than MF can be used to separate oil 

and larger organic molecules from the produced water. Lia and coworkers have shown 98 %, 90 

%, and about 99 % removal of TOC, COD and residual oil using UF membranes modified with 

nano-aluminum particles
44

. UF membranes have also been found to meet regulatory 
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requirements for total hydrocarbons (THC), suspended solids, and dissolved constituents when 

used for the treatment of the PW from the North Sea oilfield
45

. NF membranes remove dissolved 

ions with an average molecular weight of 300 to 1000, as well as divalent ions, organics and 

microorganisms in the waste stream
31

. NF has a higher water recovery and operates at a lower 

pressure than RO. RO membranes are used for desalting produced water. They can effectively 

remove nearly all dissolved ions and cut down the TDS to close to freshwater quality standards 

(the typical exception being the secondary drinking water standard for chloride) but operate with 

a relatively lower recovery and high pressure than NF membranes. The drawbacks of RO and NF 

are limited water recovery, requirement for extensive pretreatment, and large waste stream 

(concentrate). The efficiency of the membranes, as well as their useful life, depends on the TDS 

concentration in the PW. A higher TDS increases the fouling propensity and decreases the life 

span of the membrane. The recommended maximum TDS is around 40,000 mg/l
43

. 

2.5 Scale formation in oil and gas production 

One of the fundamental problems that have attracted much attention in recent years is the 

formation of scales on pipelines and equipment, above and below ground, and in producing 

formations. Oilfield scaling problems resulting from oil-field water flooding have been reported 

in oil fields in Indonesia, Algeria, Saudi Arabia, and Russia
46,47

. Scales are normally formed if 

two incompatible fluids are mixed to form a supersaturated solution with respect to a given 

mineral. They can also form as a result of changing temperature and pressure. The solubility of 

all mineral scales decreases when the pressure decreases, at a constant temperature. This effect is 

more pronounced for divalent scale forming cations
48

. The key in successfully predicting scale 

formation and corrosion in the oil and gas industry is accurately determining the pH, brine 

chemistry and scaling tendencies of a production system
48

. Scales such as barite, celestite, 
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calcium sulfates and halite are not pH sensitive. On the other hand, dolomite, calcite, siderite and 

sulfide scales are strongly pH dependent
48

.  

2.5.1 Barite 

The mineral formed by the reaction between barium and sulfate (BaSO4) is referred to as barite. 

Barite can be formed as a consequence of supersaturation resulting from the mixing of a sulfate 

containing water (e.g., seawater) with a water that contains barium. The thermodynamic 

solubility constant of barite is 1.1 x 10
-10 

which is relatively less soluble than calcium carbonate. 

It can also be formed from the mixing of waters from two zones if one contains sulfate and the 

other contains barium. If the saturation state of the mineral is very high, no amount of scale 

inhibitor can stop its formation. The scale may not form immediately upon mixing
49

. Logs of 

barium vs sulfate for a large number of wells suggest that barite scale forms under downhole 

conditions
50

. Either Ba
2+

 or SO4
2-

 is usually the limiting reagent, thus high concentrations of the 

two ions are never present simultaneously. Barium and sulfate concentrations below 1 and 15 

mg/l, respectively, are difficult to measure
48

. During water flooding, the conditions around the 

injection well and the production well can change drastically
51

. The potential for barite scale 

formation is highest in these regions. 

The temperature of the formation affects the critical saturation index (SI) at which barite 

precipitates. The critical SIs for temperatures of 25 and 120 °C are shown in Figure 7. The rapid 

formation of barite from produced water usually incorporates strontium ions into its structure 

when present. It has been found that for every seven barium ions, up to one strontium ion is 

incorporated into the barite mineral structure
20

 . Barite is also one of the biggest sources of 

NORMs as 
226

Ra
2+

 is also able to substitute into the crystal lattice
20

. 
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Figure 7: Critical SI values for barite precipitation at different temperatures (modified from Kan 

and Tomson
48

) 

2.5.2 Calcium sulfates 

Gypsum (CaSO4•2H2O) and anhydrite (CaSO4) are the commonly reported phases of calcium 

sulfate. Gypsum has been °reported to form between 40 to 90 
o
C while anhydrite forms above 90 

o
C

48
. Gypsum has also been reported to be stable below 38 

o
C  while anhydrite is the only stable 

phase above 58 
o
C and at a pressure of about 100kPa

52
. In high ionic strength solutions, where 

the activity of water is low, a third phase called hemihydrate or bassenite (CaSO4•1/2H2O) 

usually forms at intermediate temperatures
48,53

. From Figure 8 gypsum is the stable phase at low 

temperature and pressure while anhydrite is more stable at a temperature of about 60 
o
C. Lu et 

al.
54

 and Kan and Tomson
55

 found the formation of anhydrite to occur at lower temperatures 

when hydration inhibitors like methanol and monoethylene glycol (MEG) lowered the activity of 
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water. Calcium sulfate precipitates can form when produced water that contains calcium and 

sulfate near saturation experiences a pressure drop or increase in temperature. They can also 

form due to the mixing of incompatible fluids during water flooding
54–56

.  

 

Figure 8: Gypsum and anhydrite phase stability with respect to pressure and temperature
53

.  

2.5.3 Silica 

Ordinary “low” quartz is the stable form of silica between temperatures of 0 to 200 
0
C while 

amorphous silica is metastable within this range
57

. Silica usually does not form under production 

conditions because it polymerizes very slowly at lower temperature
48

.  Silicates polymerizes to 

form large polymers with time, with slower kinetics at lower temperature and faster kinetics at 

high temperatures
48

. The extent of nucleation is predicated on the degree of supersaturation and 
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the interaction of silanol groups to form polymers or aggregates
58

. At pH 8 or greater, silica 

precipitates quickly turn into aggregates
58

. 

2.5.4 Dolomite 

Dolomite precipitates do not form under abiotic laboratory conditions at room temperature and 

pressure despite multiple attempts to do so
48,59

. Inducing dolomite precipitation has been 

achieved in the lab in the presence of both aerobic and anaerobic microorganisms, or under 

special conditions such as high pressure, temperature and pH
60,61

. Vasconceolos et al.
62

 

performed an experiment to precipitate dolomite in the presence of sulfate reducing bacteria 

(SRB) from the Desulfovibrio group. They proposed that the direct involvement of these 

anaerobes can help overcome the kinetic barrier to dolomite nucleation, by increasing the pH and 

alkalinity of the solution, and also reducing the inhibition effect of sulfate on dolomite 

formation
63

. Other researchers like Sanchez-Roman et al. 
64

  conducted an experiment at 25 
o
C 

and 35 
o
C with SO4

2- 
concentrations of 0 to 56 mg/l in an attempt to induce dolomite 

precipitation. They used aerobic microorgansims (V.marismortui and H. meridiana) that are 

known to cause the formation of Ca–Mg carbonate precipitates with an initial Mg/Ca ratio of 7.5. 

From the study, it was inferred that sulfate had no inhibitory effect on dolomite formation as 

claimed by other researchers.  

2.5.5 Halite 

The mineral formed by sodium chloride precipitation is called halite.  Halite precipitate has been 

found at wellheads of gas reservoirs. The declining pressure head coupled with the increase in 

the solubility of water in methane is responsible for this phenomenon
65

. Pitzer et al. 
66

 estimated 

the solubility of halite to be 6.275 M at 50 
o
C. When the formation brine is saturated with respect 

to halite, a slight decrease in temperature can cause halite precipitation
48

. 
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2.5.6 Sulfides 

Sulfide scale control is still a subject that is not well understood. Precipitation of metal sulfides is 

caused mainly by a decrease in temperature and an increase in the concentration of heavy metals 

in solution in the absence of other anions that are capable of reacting with these heavy metals
67

. 

The solubility of sulfides generally increases with temperature, as such it is more likely to form 

near wellheads where there is considerable drop in temperature
67

. These scales include PbS, CaS, 

ZnS, FeS2, FeS and are not limited to these examples. Hot gas fields contain about 25 % or more 

by volume of H2S gas
48

.  As such, sulfide scale is more predominant in gas formations that 

contain heavy metals.  

2.5.7 Calcium carbonate 

The crystallization of calcium carbonate (CaCO3) mostly occurs in three abundant polyforms: 

calcite, aragonite and vaterite. Of these three polyforms, calcite is the most thermodynamically 

stable form in pure water at ambient conditions followed by aragonite and vaterite
68,69

. The other 

polyforms of calcite include monohydrocalcite, ikaite and amorphous calcium carbonate 

(ACC)
70

. The thermodynamic conditions determine which form is crystalized and the less stable 

forms of calcium carbonate could transform into another stable polyform if the right 

thermodynamic conditions are met, with vaterite (the metastable form of calcium carbonate) 

being a precursor of aragonite and calcite
71

.  ACC is the most unstable polyform of calcium 

carbonate which quickly transforms to the other stable polyforms of calcium carbonate in 

solutions at ambient temperature
72

. The structure with the lowest Gibbs free energy at a 

particular temperature and pressure determines the most stable crystal
68

. Calcite is the most 

common type of scale found in major industrial settings. In an oil field setting, Kan and 

Tomson
48

 have argued that pressure drop is the main cause of calcite scale in saline waters
48

. 
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They stated that if the bottom hole pressure drops by a factor of 5 to 10, there is a likelihood of 

calcite scale forming at the wellhead
48

.  

2.6 Low salinity water flooding (LSWF) in carbonate formations  

Water flooding has been in existence since 1865
36

. It is the most commonly used oil recovery 

technique. Waterflooding is the process of injecting relatively high salinity water (more saline 

than freshwater) to increase reservoir pressure to enhance or improve oil production. Water 

flooding has been modified by adding specific ions to aid in the wettability alteration of rock 

surfaces from an oil-wet to a water-wet condition. This technique has seen an extensive 

application in sandstone and carbonate reservoirs. Laboratory experiments conducted by 

researchers have pointed to one conclusion: LSWF enhances oil recovery in both secondary and 

tertiary oil recovery scenarios
73–87

. In sandstone, wettability alteration is related to the properties 

of the associated clay. For carbonates however, the actual mechanism responsible for wettability 

alteration is still under contention, with a lot of research speculating about the possible causes of 

improved oil recovery. 

2.6.1 Wettability alteration during LSWF of carbonate formations 

Production efficiency in oil bearing petroleum reservoirs is determined by the wettability of the 

rock surface. Overall, water-wet formations favor oil production over oil-wet rock surfaces
88

. 

Yousef et al.
89

 used seawater and its dilutions with TDS concentrations ranging from 57,670 

down to 600 ppm to perform a series of core flooding experiments. Contact angle and interfacial 

tension (IFT) measurements were conducted at reservoir conditions to investigate the effect of 

low salinity on oil recovery from carbonate rocks. The result showed an 18 % incremental oil 

recovery after flooding the core in succession with seawater and a stepwise dilution of seawater. 

The results from Figure 9 illustrated that IFT had little to do with the incremental oil recovery.  
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In Figure 10, the change in contact angle on the rock surface was observed from an intermediate 

water-wet zone to a water wet-zone after coreflooding, illustrating wettability alteration. After 

performing a nuclear magnetic resonance test, they surmised that wettability alteration occurred 

due to dissolution of the rock and the resulting change in the surface charge of the rock. They 

also concluded that the wettability alteration, and not the change in interfacial tension, was the 

cause for the observed incremental oil recovery. 

Aladasani et al.
90

 simulated published results of the core-flooding data from Yousef et al.
89

. 

They concluded that the incremental oil recovery during LSWF is caused by alteration of the 

wettability from oil wet to intermediate wet. They also observed that the capillary pressure 

became less negative, increasing the end point relative oil permeability and hence the observed 

incremental increase in oil recovery in Yousef et al.’s
89

 work. 

 

Figure 9: IFT measurement after coreflooding with seawater and its dilutions
89
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Figure 10: Contact angle measurement after coreflooding with seawater and its dilutions
89

 

2.6.2 Wettability alteration due to ion exchange 

Some researchers have attributed wettability alteration of rock surfaces to be due to the presence 

of Ca
2+

, Mg
2+

 and SO4
2−

 ions
76,80–87

. The rock surfaces of carbonate formations have been found 

to have a positive charge, below a pH of about 8 to 9.5
91

, which interacts with the carboxylic 

acid functional groups of oil constituents to form bonds
92

, thereby making the rock surface oil-

wet and retarding oil flow. These bonds can be disrupted by the reaction between the free 

electropositive ions (especially divalent cations such as magnesium and calcium) and the 

carboxylic acid groups of the oil at the rock surface. Brady et. al
92

 explained that this type of 

reaction forms complexes with a net positive charge, such as R-COO-Ca+. The net positive 

charge on the rock surface repels the net positive charge on the carboxylic acid complex, 

inhibiting bonding of the oil to the rock surface. In addition, Strand et al.
93

 studied the effect of 

sulfate on wettability alteration by performing spontaneous imbibition studies on calcite, 
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magnesite, and dolomite. They discovered that the influence of sulfate on the imbibition of these 

rocks was more pronounced at high temperatures. At high temperatures, sulfate is able to react 

with the positively charged surface of the rock, giving the surface a net negative charge and 

causing a break in the electrostatic force between the rock surface and the carboxylic ions of the 

oil
94

. Figure 11 shows the contact angle measurements taken during the experiment. 

Hognesen and his co-workers
95

 performed an imbibition experiment on limestone and chalk core 

at 90-130 
o
C using seawater with a modified (increased) sulfate concentration and found sulfate 

to be a good catalyst for wettability alteration in the presence of surfactant. They used a sulfate 

concentration of 2.31 g/l, higher than the 1.7 g/l used in Strand et al.’s
93

 work. 

 

Figure 11: Contact angle measurements of brines with calcite, dolomite and magnesite under 

various conditions
97

(C12TAB is the applied surfactant.) 

Zhang et al.
85

 also explained that, at high temperatures, Ca
2+

 and SO4
2-

 as well as Mg
2+

 and SO4
2-

 

react at the surface of chalk to cause a displacement of the carboxylic acid groups of the oil, 
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reducing the electrostatic forces between the oil and the rock. This mechanism is depicted in 

Figure 12. 

 

Figure 12: Suggested wettability alteration in chalk (from Zhang et al.
83,85

) 

Alameri et al.
74

 also conducted an experiment to look into the observed incremental oil 

recovered in a carbonate formation during low salinity water flooding. After measuring the 

contact angle, interfacial tension (IFT) and the changes in the concentrations of Ca
2+,

 Mg
2+

, Cl
-
 

and SO4
2-

 ions,  the decrease in the concentrations of these ions lead them to believe is was 

possible that multi-ion exchange on the surface of the rock caused the observed wettability 

alteration. 

 2.6.3 Calcite dissolution 

Al-shalabi et al.
96

, in their attempt to understand the cause of wettability alteration, performed an 

extensive investigation by matching model predictions with previously published data
89,96

. In 

their research, UTCHEM software was used to match the results of a published coreflooding 

experiment that used seawater and its dilutions. After modeling the process, they performed an 

optimization and sensitivity analysis of the published result. They concluded that carbonate 

mineral dissolution and changes in the surface charge of the rock were the reasons behind 

wettability alteration in carbonate formations
96

. Al-shalabi et al.
97

 argued that the change in pH 

due to dissolution changes the wettability if the pH exceeds the point of zero charge. This 
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expands the electric double layer and also changes the rock’s surface charge. Figure 13 illustrates 

the change of the rock surface from an oil-wet to a water-wet surface
36

. 

 

Figure 13: Wettability alteration due to mineral dissolution
98 

Austad et al.
73

 drew a parallel between the low salinity effect of the work of Zhang et al.
83

 and 

carbonates containing anhydrite. Instead of adding sulfate to the injected brine, dissolution of the 

rock provided the required sulfate to serve as the catalyst for wettability alteration, as explained 

by Zhang et al. 
83

  

In contrast to the above findings, Mahani et al.
99

, after measuring the zeta potential and contact 

angle in the solution and on the surfaces of dolomite and limestone rocks, reported an increase in 

in the oil recovery during low-salinity water flooding without any observed mineral dissolution. 

A summary of the proposed mechanisms for wettability alteration is shown in Figure 14. 
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Figure 14: Flow chart for the proposed mechanisms of wettability alteration in carbonate 

formations
36

 

 

2.7 Theory of calcite dissolution 

The previous section underscores the importance of calcite dissolution in understanding the 

geological and environmental setup in formations contain hydrocarbons (oil and gas formations). 

The kinetics of calcite dissolution and precipitation at varying temperatures have been 

investigated in a number of studies
100–108

.  
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2.7.1 Kinetics 

There has been a large variance in the reported rate constants for calcite dissolution and 

precipitation kinetics. These discrepancies can be attributed to experimental techniques and their 

associated reaction conditions such as the solution saturation stage, CO2 partial pressure, the 

solution ionic composition, pH, seed surface properties, calcite dissolution or precipitation 

inhibitors, and the hydrodynamics of the solution
108

. 

Plummer et al.
100

 considered calcite dissolution in a CO2 -H2O solution using free-drift methods 

and pH stat at ambient surface conditions. The ranges of temperature, pH and PCO2 were 5 to 60 

o
C, 2 to 7, and 0.0003 to 0.97 atm, respectively. From the study they suggested that calcite 

dissolution is governed by the following equilibrium reactions: 

CaCO3(s)+ H
+

(aq) ⇌ Ca
2+

 + HCO3
-
  (1) 

CaCO3(s) + H2CO3(aq) ⇌ Ca
2+

 + 2 HCO3
-
 (2) 

CaCO3(s) + H2O ⇌ Ca
2+

 + HCO3
-
 (aq) + OH

-
 (3) 

The rate of dissolution (Rf) was given by the following equation: 

Rf = k1{H
+
} + k2{H2CO3} + k3{H2O} (4) 

where k1, k2, and k3 are dissolution rate constant(molescm
-2

s
-1

) and {α} are the activities of the 

species present. The values of the dissolution constant depend on the temperature and are related 

by the following equation: 

Log k1 = 0.198 − 444/T − 3   (5) 

Log k2 = 2.84 − 2177/T − 3   (6) 

Log k3 = −1.10 −1737/T − 3   (7) 
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Appelo and Postma
109

, citing Plummer et al.
102

,  described k3 to be related to temperature by the 

following equation: 

Log k3 = −5.86 − 317/T for T ≤ 298  (8) 

Log k3 = −1.10 – 1737/T − 3 for T ≥ 298  (9) 

The overall rate (dissolution and precipitation) equation from the study was given by: 

R = k1{H
+
} + k2{H2CO3} + k3{H2O} – k4 ({Ca

2+
}{HCO3

-
})   (10) 

where the rate of precipitation, Rb = k4 ({Ca
2+

}{HCO3
-
})    (11) 

In the study by Plummer et al.
100

, experiments were not run to observe the rate of calcite 

precipitation. Reddy et al.
106

 measured the rate of  calcite precipitation at 25 
o
C and fixed partial 

pressure of CO2 between 0.03 and 0.3 atm to validate the equation put forward by Plummer et 

al.
100

 Talman et al.
110

 tested this same model at 100, 150, and 210 °C and found the Plummer et 

al.
100

 model to be applicable at these temperatures. 

Chou et al.
111

 used a continuous fluidized bed reactor at 25 °C to investigate the dissolution of 

various carbonate minerals. Their observation was similar to that of Plummer et al.
100

. The 

following overall rate equation was put forward as a result of their study: 

R = k1{H
+
} + k2{H2CO3} + k3{H2O} – k-4({Ca

2+
}{CO3

2-
})  (12) 

where k-4= k3/ Ksp, and Ksp is the thermodynamic solubility. Kanel and Morse
112

 also described 

the rate of calcite dissolution (Rf) as follows: 

Rf = kf (1-Ω)
n
        (13) 
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where Ω is the ratio IAP/Ksp, IAP is the ion activity product, Ksp is the thermodynamic solubility 

product constant, and kf is the dissolution rate constant. 

Morse in his later work with Arvidson
113

 gave the following equation for the overall rate: 

R =   
 

 
)K (1-

   

   
)
n
       (14) 

where A is the surface area of the calcite mineral, v is the volume of solution, K is the rate 

constant, and n is the overall order of the reaction. 

2.7.2 The reaction order (n) 

There is a wide variance in both the rate constants and reaction orders determined from 

laboratory experiments. Walter and Morse
114

 together with Keir
115

 ascribed a high reaction order 

to the rate of calcite dissolution in seawater (n = 3 and 4.5, respectively). Others have argued for 

a linear dependence on the saturation state of calcite in seawater (thus, n = 1)
115

. However, 

perturbation due to aquatic organisms may affect the in-situ rate and hence the reaction order. 

The reaction orders reported by Nancollas and Reddy
116

 and Davies and Jones
117

 were 1 and 2, 

respectively. 

2.7.3 Rate controlling mechanisms  

There are generally two rate limiting steps in calcite (limestone) dissolution in water: (1) 

dissolution at the surface of the mineral, which is dependent on the ionic composition at the 

liquid-rock boundary; and (2) diffusion of the dissolved ions (Ca
2+

, HCO3
-
, and  CO3

2-
) from the 

boundary to the bulk solution, which also depends on physical factors such as the V/A (volume 

to surface area) ratio of the mineral, flow conditions (e.g., turbulent or laminar flow) and carbon 

dioxide partial pressure in equilibrium with the solution
118

. 
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Morse and Arvidson
113

 broke down the rate controlling mechanism for dissolution into seven 

steps.  These physical and chemical processes are listed as follows: 

1. Diffusion of the reactants from the bulk solution to the mineral surface 

2. Diffusion of the product form the mineral surface to the bulk solution 

3. Adsorption of the reactant unto the mineral surface 

4. Transport of the reactant from the solid surface to active energy site 

5. Transport of the product away from the reaction site 

6. Chemical reaction between the solid surface and adsorbed reactants, which may include 

intermediate steps such as hydration, bond formation, etc. 

7. Desorption of the product from the mineral surface into solution 

In general, the slowest of these steps becomes the rate limiting step. The rate is said to be 

diffusion controlled when steps 1 and 2 are the slowest. Also, a combination of the surface-

controlled mechanisms in steps 3 through 6 can become the rate limiting step. Most soluble 

minerals have the diffusion control mechanism as their rate limiting step while insoluble 

minerals are usually surface controlled
119

. Carbonate minerals belong to the latter group. The 

saturation state varies linearly with the rate at which the reaction proceeds if the rate is diffusion 

controlled. On the contrary, the saturation state varies non-linearly if the rate is surface 

controlled
113

. Diffusion controlled kinetics prevail under extreme undersaturation. If the 

saturation state approaches equilibrium, the rate limiting step gradually transitions from a 

diffusion-controlled to a surface-controlled reaction
113

.  

Multiple researchers have found dissolution rates to be slower in the field compared to laboratory 

experiments because the physical and chemical conditions play a pivotal role in dissolution and 

precipitation of calcite
120–124

. Hydrodynamic conditions with respect to the mineral surface 
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(stagnant, turbulent or laminar flow) affect the transport of reactants or products to and from the 

diffusive boundary layer (DBL) formed around the rock
113

. In flowing conditions, molecular 

diffusion is substantially slower than advective transport. When molecular diffusion through the 

boundary is slower than the surface controlling mechanism, it becomes the rate limiting step. The 

thickness of the boundary around the mineral also shrinks considerably in turbulent flow 

condition which can also control the rate of reaction 
113

. The concentration gradient of the 

dissolved mineral between the DBL and bulk solution is responsible for the movement of flux of 

solute across the water-sediment interface 
125

. With suspended mineral sediment present, 

transport of the product and reactant from the surface as well as the individual reaction that 

forms or dissolve the mineral in the diffusive boundary layer is actually faster and affects the rate 

constant because of the reduction in size of the DBL.  Also, exposing all the mineral surface to 

resuspension of the sediments reduces the DBL around each grain, increasing the rate 

constant
125

.  

2.7.4 Effect of pH 

Calcite dissolution has been found to occur under different rate controlling mechanisms in three 

pH regimes: low, transitional and high
126

. Sjöberg and Rickard
126

 discovered that in the low pH 

regime (pH< 4), the dissolution rate is diffusion controlled and it is  directly proportional to the 

H
+
 concentration. Equation 18 below describes the relationship between the rate of dissolution 

and the H
+
 ions. In this regime, movement of H

+
 through the DBL from the bulk solution, and 

diffusion of the reactant from and to the surface of the mineral through the DBL become the rate 

limiting steps
127,128

.  

Rf = k’f{H
+
}

0.9
     (18) 
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where k is the rate constant and {H
+
} is the activity of the hydrogen ion. Between pH 4 and 5.5, 

the dependence of the rate constant on the H
+
 ions in the solution varies. This regime is normally 

referred to as the transition zone. The hydrodynamic conditions, nature of the mineral surface 

and composition of the bulk solution determines the pH at which the transition zone occurs. 

Calcite dissolution in this regime is controlled by both surface-reaction and diffusion through the 

DBL
102,107,127

. 

The rate is no longer dependent on pH above a pH of 5.5
100

. This is usually referred to as the 

high pH regime or H+ independent regime as shown in Figure 15. The reaction rate is directly 

proportional to the square root of the product of the calcium and carbonate concentration.  

 

Figure 15: The dependence of calcite dissolution kinetics on pH and temperature
129

 

2.7.5 Effect of calcium concentration 

The influence of Ca
2+

 goes beyond the saturation state of the mineral itself. Sjöberg
130

, in a study 

on calcite dissolution kinetics, found a 17 % increase in the rate constant when the concentration 

of calcite in the initial solution increased from 0 to 10 mM. Gutjahr et al.
131

 found an 

approximately 40 % increase in the rate constant when the concentration of calcium in the 

solution was increased from 0.16 to 4.090 mM. Even though there is a wide discrepancy between 
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the reported values from these works, the underlying premise that increasing calcium 

concentration increases the rate constant was found to be true in both studies.  Gledhill and 

Morse
132

  conducted an experiment with high ionic strength solutions and they also found that an 

increase in the calcium ion concentration caused an increase in the rate constant.  

2.7.6 Effect of magnesium concentration 

Sjöberg
133

 and Buhmann and Dreybrodt
134

 found a strong inhibitory effect of magnesium on the 

dissolution rate of calcite. Sjöberg
133

, after expressing the inhibitory effect of magnesium as a 

Langmuir-type adsorption, concluded that the rate of calcite dissolution becomes independent of 

the inhibitory effect of magnesium after a threshold concentration is exceeded
133

. The 

concentration of magnesium used in his work was less than 50 mM. Other researchers such as 

Campton and Brown 
135

  found the inhibitory effect of magnesium to be strong at neutral to 

alkaline pH (8-9) while Alkattan et al.
136

 found the effect of magnesium at acidic conditions (pH 

1-3) to be negligible
136

. Campton and Brown
135

 conducted their experiment in an alkaline 

environment which enhanced the inhibitory effect of magnesium
135

. Van Cappellen et al.
137

 and 

Pokrovsky and Schott
138

 have reported a lower inhibition effect of cations below the point of 

zero-surface charge of pH 8.2
137,138

.  Gledhill and Morse
132

, after varying the concentration of 

magnesium between 0.02 and 0.12 M, discovered only a moderate inhibition effect on the rate of 

calcium dissolution. They alluded to the work of Sjöberg
133

 as a basis for their observation that 

increasing the concentration of magnesium beyond a certain threshold concentration does not 

affect the rate constant any further.  

2.7.7 Effect of sulfate 

Sjöberg
130

 found that sulfate reduces the dissolution rate by 40 % if the concentration in the 

solution is equal to the concentration of sulfate found in seawater
133

.  In the presence of 
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increasing magnesium and calcium concentration, Sjöberg
130

 observed an increase in the 

inhibitory effect of sulfate on the mineral dissolution of calcite
133

. Gledhill and Morse
132

 also 

found that at lower sulfate concentrations (<<less than seawater) the effect of sulfate can be 

analogous to that caused in seawater if the total dissolved solids (TDS) is greater than 200,000 

mg/l. It should be noted that this is true only if the pCO2 > 0.1 and pH< 6.5. They also found an 

increased inhibitory effect similar to what Sjöberg
130

 observed when the concentrations of 

calcium and magnesium in the solution were increased
133

. 

2.7.8 Effect of pCO2 

The carbonate system’s speciation, i.e., the relative concentrations of carbonic acid (H2CO3), 

bicarbonate (HCO3
-
) and carbonate (CO3

2-
), depends very heavily on pH. In general, carbonic 

acid dominates the species at acidic pH (pH<6.3), bicarbonate dominates at neutral pH, and 

CO3
2-

 dominates in the basic region (pH>10.3)
139

. When dissolved in water, carbon dioxide 

reacts with water to form carbonic acid. At high pCO2, therefore, solutions tend to be relatively 

acidic. Aqueous CO2 reacts with water to form carbonic acid H2CO3. Carbonic acid diffuses into 

the DBL and reacts with the calcite surface to increase dissolution of calcite in the DBL. The 

concentration gradient caused by the rapid dissolution of calcite facilitates the transport of Ca
2+

 

and CO3
2-

 from the DBL into the bulk solution. The acidic pH allows the carbonate ion to 

quickly react with water to convert to bicarbonate. Hence, high pCO2 pressure increase both the 

amount and the rate of dissolution. 

2.7.9 Effect of ionic strength  

Ionic strength has been reported by Morse and Gledhill
132

 to inhibit the rate of calcite dissolution 

as shown in Figure 16. In their experiment, they varied the ionic strength from 1 M to 4 M while 

keeping the pCO2 at 0.5atm and temperature at 25 
0
C

132
. The solution contained 6,480 mg/l of 
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calcium, 1,625 mg/l of magnesium, and no sulfate They cited Sjöberg
130

 as an explanation for 

their observation
133

. Sjöberg
130

 alluded to the fact that the activity of water at high ionic strength 

decreases hydration of metal ions. A decrease in the number of water molecules surrounding 

calcium ions could retard the rate of calcite dissolution because the hydration energy might be 

less able to overcome the attractive forces within the mineral lattice. Also, Morse and Gledhill
132

 

suggested that stronger interparticle attraction in high ionic stength solutions increases the rate of 

precipitate formation and seed growth in a manner similar to colloid flocculation. Finneran and 

Morse
140

 investigated the effect of ionic strength on the dissolution of calcite in a solution 

containing KCl and NaCl without  phosphate and magnesium ions,  and found  the rate to be 

faster in KCl than NaCl. They also observed that the rates generally decreased with an increase 

in ionic strength. They contended that for calcite dissolution to proceed, a minimum of 45-55 %  

mole fraction of free solvent is required in undersaturated conditions at temperature and pCO2 

ranges of 25-55 
o
C and 0.1-1 atm, respectively

140
. A study by Zuddas and Mucci

141
 on the effect 

of ionic strength on calcite precipitation from seawater showed that an increase in the ionic 

strength increased both the partial reaction order of the carbonate ion and the forward reaction 

rate constant. Conversely, Pokrosky and coworkers
142

 found that, far from equilibrium, the 

calcite dissolution rate did not change with ionic strength in a pure NaCl solution up to 1M. 
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Figure 16: Change in the dissolution rate of calcite as ionic strength increases
132

 

2.8 Modeling mineral chemistry in PW 

The primary causes of formation damage are influenced by physiochemical, chemical, 

hydrodynamic, mechanical and biochemical factors
143

. Understanding these factors through 

modeling, field and laboratory experiments is imperative to combat against reservoir damage in 

EOR applications involving water flooding. 

Civan
143

 cited Bishop’s
144

 summary of the mechanism controlling formation damage as follows:  

fluid-fluid incompatibilities, rock-fluid incompatibilities, solids invasion, phase trapping or 

blocking (entrapping of water-based fluids), chemical adsorption or wettability alteration, fines 

migration, and biological activities during drilling. Among the mechanisms listed above, rock-

fluid incompatibility and fluid-fluid incompatibility are two of the major causes of scale 

formation in petroleum reservoirs. For predicting the equilibrium of dissolved salts, the mean ion 

activity and the solubility product must be known. The solubility products of many salts can be 
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found from thermodynamic data. However, the activity of free ions governs the solubility of 

minerals or salt, especially in higher ionic strength solutions, as discussed below. 

2.8.1 Activity corrections and coefficients  

The interactions of ions with other ions in solution with low background ion concentrations are 

oftentimes ignored.  However, in high ionic strength solutions, the behavior of specific minerals 

or chemicals becomes non ideal, making the concentration of ions available ions for reaction 

(free ions) lower than the analytically measured concentration. The background ions partially 

shield the interactions between specific ions as well as the charges of these ions. Ions can also 

come close enough in a way that allows them to form new species, or complexes. Activity 

coefficients are used to correct concentrations of specific ions in high ionic strength solutions. 

The effective free ion concentration of ions in a mixture available for chemical reaction is the 

“activity” of the ion. In very dilute solutions, activity and the concentration are generally 

considered equal. Failure to accurately predict activity coefficients in high ionic strength 

solutions can lead to large errors when estimating the solubility of inorganic minerals or species. 

The Debye-Hückel theory and model for estimating activity corrections are essentially based on 

two fundamental laws: (1) coulomb’s law of electrostatic attraction and repulsion between 

particles with opposite or similar charges, and (2) the Boltzmann distribution law, which 

describes the effect of temperature on the attraction and repulsion forces that exist between 

charged particles
139

. The Debye-Hückel equation, which assumes ions behave as point-charges, 

has the form: 

       
  

    

    
  20 
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where γ is the activity of the ith ion; e is the unit charge on the electron; k (in the denominator) is 

the Boltzmann’s constant; D is the dielectric constant; k (in the numerator) is the reciprocal of 

the thickness of the electrical double layer surrounding the ion (also known as the Debye radius), 

which depends on the ionic strength of the solution; Z the integer value of the charge of the ion; 

and T is the temperature in kelvin. This equation assumes an infinitely dilute solution and, as the 

concentration of dissolved ions increases, the shielding of ions by other ions is not properly 

accounted for. This leads to an overestimation of the Coulomb forces, producing activity-

coefficients that are too small. This error becomes significantly worse as the ionic strength (I) 

increases above 0.005 M
139

.  Another parameter was introduced to mitigate the error encountered 

using the Debye-Hückel equation at high ionic strength, leading to the extended form of their 

equation.  They called it the “ion size parameter,” represented by a in the equation below: 

        
  

  √ 

     √ 
  (21) 

where A and B are constants, with A = 1.8248 x 10
6
 (DT)

-3/2
 and B = 50.29 x10

8
 x (DT)

-1/2
; T is 

temperature in degrees Celsius and I is the ionic strength of the solution. The constant a 

represent the mean distance between the ion of interest and the other surrounding ions. The 

extended Debye-Hückel equation is generally assumed to model ion activity well up to I ~ 0.1 

but fails to account for specific ion interactions that occur in higher ionic strength solutions. The 

Davies equation was then introduced to account for the specific effect of ion interactions at I > 

0.1. The Davies equation becomes less accurate when the I become greater than ~ 0.5. There is a 

gradual decline in the activity of ions as I approach 0.5. Above this threshold, the activity begins 

to increase as the ionic strength increases as shown in Figure 17. 
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Figure 17: Variation in activity as ionic strength increases. The dashed line represents the 

extended Debye-Hückel equation
145

. 

Pitzer and his co-workers
147

 in 1970 developed an ionic interaction model that extended the 

Debye-Hückel equation by introducing short range non-electrostatic ionic interactions not 

accounted for by the Debye-Hückel theory. The solvent, the concentration of the solute, 

temperature and pressure were incorporated into a virial expansion together with the Debye-

Hückel term to form the Pitzer ion interaction equation. With increasing dilution, the Pitzer 

equation gradually approaches the Debye-Hückel limit
146

. The Pitzer model has widely been 

accepted as appropriate for predicting ion interactions at high ionic strength, up to ~ 4 M
48

. The 

coefficients for the Pitzer model were derived in binary, tertiary and quaternary systems such as 

NaCl-H2O, NaCl-Na2SO4-H2O and Na-Ca-Cl-SO4-H2O respectively. The Pitzer model accounts 

for both the short-range interactions of ions in concentrated solutions and the long-range 

interactions described by the Debye-Hückel equation
147

. The electrostatic repulsion or attraction 
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(long-range interactions) that exists between ions is a derivative of Coulomb’s law of attraction 

describing the forces that that exist between charged species. The simplest form of the Pitzer 

equation is shown below. 

        
  

  √ 

     √ 
+        (22) 

The first term represents the extended Debye-Hückel equation (long-range ionic interactions) 

and the last term accounts for specific ion interactions (short-range interactions). The Bij 

constant varies linearly with ionic strength.  The virial expansion series of the binary and ternary 

interactions are used in deriving the Gibbs free energy as shown below
48

: 

       
                 

                
               (23) 

where ww is weight of water in kg, I is the ionic strength in molality, n is moles, µij and λij are 

ternary and binary constant respectively, and  

      
√ 

      √ 
 

 

   
         √       (24) 

where Aϕ= 0.3915 at 1atm and 25 
o
C. The activity coefficient can be rewritten as: 

      
        

         

   
        (25) 

The coefficients in the Pitzer model depend on the pressure, temperature, ionic strength and the 

composition of the solution. The constants and coefficients were derived in binary and ternary 

system such as NaCl-H2O and NaCl-NaSO4-H2O, respectively. There are about 36 constants 

included in the original derivation of the Pitzer model, however many parameters for other 

mineral species have not yet been established. 
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Chapter 3 Materials and Methods 

3.1 Brine exchange 

The idea of exchanging formation brines of different salinity was proposed as a way of cutting 

down on the colossal amounts of produced water disposed into deep injection wells. The 

incentive for an effective produced water management scheme is not only environmental, in fact 

water management is the largest contributor to the operating cost of producing wells. Thompson
5
 

suggested closing the wastewater loop by exchanging formation water in a way that would 

enable the treatment of the less salty brine and reusing it for activities that require relatively low-

quality water. With this scheme, little treatment is required to separate the oil from the brine 

before applying it in well fields for fracturing or incremental oil recovery.  Figure 18 

demonstrates the theory of brine exchange. Oil fields were identified by Thompson
5
 from the 

Arbuckle and LKC strata that are good candidates for practicing this proposed water 

management systems. They include the Trapp, Hall-Gurney, Fairport, Kraft-Prusa, and Gorham 

fields.  
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Figure 18: Potential brine exchange between the Arbuckle and LKC production Groups
5
 

3.2 Study formations 

The northwest and southeast Central Kansas Uplift (CKU) is known to contain two main 

hydrocarbon reservoirs: the Lansing-Kansas City (LKC) Group and the Arbuckle Group. While 

the LKC reservoir produced water is associated with high total dissolved solids, the Arbuckle 

Group is characterized by relatively low salinity produced water
148

. Both the LKC and Arbuckle 

are carbonate reservoirs made of interbedded shales and silts deposited in shallow to deep marine 

settings. Porosity is characterized by carbonate dissolution and precipitation
149

. The Arbuckle 

and LKC Group are prolific formations producing 36 % and 19 %, respectively, of Kansas oil 

from 1889-2002. The Arbuckle, being the most prolific oil producing formation has strong water 

drives that provide the required energy for production
150

.The characteristics of these two 

hydrocarbon reservoirs are ideal for the purpose of this investigation. Figure 19 represents oil 

production by stratigraphic unit in Kansas. 

 

Figure 19: Oil production by stratigraphic unit in Kansas
148
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3.2.1 The Arbuckle Group in Kansas 

The Arbuckle Group in Kansas emanates from the Cambrian-Ordovician craton in North 

America 
151

. The Arbuckle consists of dolomized carbonate rock with regional unconformity
151

. 

The north to the southern section  of the Arbuckle is rich in cherty dolomite, dolomitic limestone 

and dolomite deposits
152

. The limestone and dolomite regions of the Arbuckle in Kansas over the 

years have been known for their abundant oil production and are said to be the most prolific of 

the Arbuckle Group 
150

. The Arbuckle reservoirs in Kansas account for 2.19 billion barrels of oil 

out of a total of 6.1 billion barrels of oil produced through 2002. They also account for about 69 

% (1.269 million barrels) of oil produced in the Central Kansas Uplift area as shown in Figure 

20. The Arbuckle Group has a high water cut. A large portion of its porosity is primary in nature, 

developing from the original sedimentation process
153

.  

 

Figure 20: Ten county cumulative oil production in the Kansa Uplift Area. 
153
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3.2.2 The LKC Group 

The LKC Group are part of the Pennsylvanian series rocks. They were formed in geological 

times by the continuous cycle of covering and retreating of seawater in the region. The LKC 

Group is characterized by limestone rocks, shales and coal. Over the Central Kansas Uplift 

(CKU), the thickness of the LKC Group ranges from 200-400 ft. Carbonate facies in 

northwestern Kansas are highly variable
154

. The LKC Group is the second largest producer of 

hydrocarbon in Kansas with majority of the production coming from the CKU. The most prolific 

portions of the LKC Group located around the CKU are found 1500-2000 ft. below sea level
155

. 

Figure 21 shows total oil production from the LKC Group. 

 

Figure 21: Lansing-Kansas City oil production by county
153

 

3.2.3 Lansing-Kansas City and Arbuckle mineralogy 

The mineralogy of LKC and Arbuckle is comprised of calcite, dolomite, quartz, chlorite, illite, 

feldspar, and albite. Illite and quartz are the dominant minerals, and illite is interpreted to be 
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associated with burial diagenesis of the shale intervals. Calcite is also abundant, while dolomite 

is present mostly in small amounts
156

. 

Major elements identified in the intervals include calcium, magnesium, aluminum, silicon, 

phosphorous, potassium, and iron. Calcium is the most abundant element while silicon is the 

second most abundant element. Magnesium averages 3 % by weight and is found in increased 

concentrations where dolomites are present
156

.  

3.3 Brines 

Synthetic brines were prepared using laboratory grade reagents from Fisher Scientific 

(Pittsburgh, Pennsylvania) to investigate the geochemistry behind calcite dissolution kinetics as 

well as scale prediction using PHREEQC. The recipe and chemicals used for preparing the 

brines used in this study are listed in Table 4 in the Appendix. The various brines prepared were 

based on the composition of typical produced waters from the LKC and Arbuckle Groups, as 

well as synthetic analogues of two waters, used previously in our research groups’ treatment 

studies, obtained from oil production wells in Reno County and Douglas County, Kansas. The 

compostion of the synthetic Arbuckle brine used in this study, which has a TDS higher than 

40,000 mg/l, was based on analysis of a produced water sample collected from Wellington, KS, 

which is outside the area identified by Thompson
5
 as presenting the most abundant opportunities 

for brine exchange.  
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Table 3:  Compositions of brines used in this study 

Parameters LKC
a 

 

5X diluted 

LKC
a 

82X 

diluted 

LKC
a
  

Arbuckle 

Group
b 

 

Douglas 

County 

  

Reno 

County 

Ca
2+

(mg/l) 11000 2200 134 2100 730 9200 

Mg
2+

(mg/l)) 2800 560 34 750 310 2500 

Ba
2+

(mg/l) 0 0 0 0 470 3.8 

Sr 
2+

(mg/l) 0 0 0 0 90 1900 

Na
+
 (mg/l) 48000 9600 585 22740 9800 36000 

K
+
(mg/l) 400 100 6 210 128 400 

Cl
-
(mg/l) 101774 20383 1243 39951 17245 80866 

SO4
2-

(mg/l) 260 52 3 459 0 100 

HCO3
-
(mg/l) 0 0 0 1400 852 84.5 

IS, mol/L 3.3 0.65 0.04 1.25 0.53 2.59 

TDS, ppm 164318 32895 2006 67711 31416 131054 

pH 6.6 6.3 6.23 6.87 7.01 6.85 

Temperature  40 40 40 22 22 22 

a
The compositions of the synthetic LKC brine and its dilutions were similar those of the brines 

used by Tetteh et al.
77,79

 and Tetteh and Barati
78

. 

 
b
The composition of the synthetic Arbuckle brine was based on the composition of a produced 

water samples obtained from a wellfield in Wellington, KS. 

 



 

53 

 

3.4 Preparation of powdered calcite 

Powdered Indiana Limestone was used to determine the rate and amount of calcite dissolution in 

a closed system. Pure calcite is often used in laboratory experiments to understand its behavior 

under various conditions.  Diluted and undiluted samples of synthetic LKC brine were put in 

contact with the powdered limestone at reservoir conditions (40 
o
C). Before this, the rock was 

crushed with a jaw crusher, a disc mill and a ball mill in that order to create finely powdered 

particles. This was repeated several times and the powder was sieved through a 106 µm screen. 

The composition of the Indiana Limestone rock was determined using scanning electron 

microscopy (SEM) and X-ray diffraction (XRD).  The rock was found to be 99 % calcite, with 

trace amounts of dolomite and quartz. 

Figure 22 below illustrates the XRD image of the Indiana Limestone used in this study. 
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Figure 22:  XRD image of Indiana Limestone
78

. 

3.5 Calcite dissolution experiment 

The dissolution experiment was conducted by adding 0.3 g of Indiana Limestone powder to a 

series of 15 ml conical polypropylene centrifuge tubes with flat polyethylene caps 

(ThermoFisher Scientific), each containing 15 ml of preheated brine (using LKC, 5X diluted 

LKC and 82X diluted LKC brines), which were then placed on a shaker. All 15 ml test tubes 

were horizontally placed in the shaker to facilitate mixing and stored in a constant temperature 

cabinet (at 40 
o
C). At each time step (0, 5, 10, 20, 25, 30, and 50 min; 1, 2, 3, 5, 8, and 24 h; and 

2, 3, 5, and 10 days), a 15 ml sample was sacrificed for analysis. After each time period, a 

sample was removed from the cabinet and about 3 ml of the sample were filtered through a 0.45-

micron filter, from which 1000 times dilutions were prepared in triplicate using deionized water, 

which were then analyzed for calcium and magnesium concentrations using inductively coupled 

plasma - atomic emission spectroscopy (ICP−AES). The pH of the solution was immediately 
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checked using the remaining 12 ml solution left in the centrifuge tube. During the ICP−AES 

analysis, the ICP−AES equipment was calibrated with QC standard 23 (from RICCA Chemical 

Company) to measure concentrations from 1 mg/l to 10 mg/l. The difference between initial and 

final ion concentrations was used to determine the amount of dissolution or precipitation of the 

calcite mineral. The experiment was repeated two more times. 

3.6 pH measurement 

An Accumet pH meter (model number AB 150 from Fisher Scientific) with an electrode (part 

number 13-620-223A) was used for pH measurement throughout this study. The pH electrode 

was calibrated with a pH buffer group which included pH 4, 7 and 10 buffers. pH measurement 

was performed immediately after each experiment by sticking the pH electrode into the solution 

using a manual temperature compensation of 25 
o
C. For all pH measurements, the effects of 

ionic strength and sodium ion concentration were not corrected for. This was because all samples 

prepared in the lab had a mixture of multivalent ions in the background solution that reduced the 

influence of sodium on the pH measurement. However, an experiment was performed to assess 

the effect of ionic strength on pH by adding sodium chloride in a stepwise manner to increase the 

TDS from 10,000 mg/l to 200,000 mg/l in 5 ml samples containing pH 7 or 10 buffer. The 

correlation obtained from fitting the data points was used in an attempt to replicate the pH 

measurements made using the Accumet pH meter. The correlations were tested on the synthetic 

Douglas County (DC) and Reno County (RC) brines, and various mixtures of the two. 

3.7 Effect of background sodium chloride ions on ICP analysis  

To neutralize the effect of ionic strength on the ICP measurement, both the starting and final 

concentrations of the various divalent ions were measured and recorded at the same time. Thus, 
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any effect of ionic strength on the measurements would apply equally if both were diluted to the 

same degree. This procedure was followed to reduce the effect of the background matrix on 

measured results. Cation precipitation was then estimated based on the difference between the 

initial and final concentrations of the samples. For the mixtures of DC and RC brines, the initial 

concentration was not measured but estimated from the brine compositions prior to mixing, 

thereby introducing a potential source of error. To address this issue, the effect of the 

background ions concentrations on measurement of the final concentrations in the samples was 

investigated. 

The effect of the background sodium chloride ions on ICP analysis was investigated by preparing 

NaCl solutions to produce a background chloride concentration of 6000, 26,000 and 53,000 mg/l.  

These target concentrations were derived from the chloride concentrations found by mixing the 

DC and RC brines in ratios of 80:20, 50:50 and 80:20, respectively. A standard cation solution 

was prepared in these NaCl solutions to contain 1000 mg/l of calcium, magnesium, barium and 

strontium in 2 % nitric acid solution. (The full composition of this brine is shown Table 5 in the 

appendix.) The prepared cation solutions were then diluted to make 1, 2, 5, 7.5 and 10 mg/l 

standards that were used to calibrate the ICP equipment. The calibration curves were compared 

to the calibration curve derived from QC standard 23 (from RICCA Chemical Company), shown 

in Figures 23 to 26 and referred to as the base solution. The measured ICP intensities (in counts) 

at each concentration were recorded and the slope of each curve calculated. The slopes for each 

cation are shown in Table 6 in the appendix. 
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Figure 23: Effect of background chloride ions on Mg measurement 

 

 

Figure 24: Effect of background chloride ions on Ca measurement 
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Figure 25: Effect of background chloride ions on Sr measurement 

 

Figure 26: Effect of background chloride ions on Ba measurement 
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between the calculated initial sample concentration and the final measured sample concentration 

is used to determine the amount precipitated. 

From Figures 23 to 26 above, the background sodium chloride ions caused an underestimation of 

the measured concentration of 12 to 17 % for magnesium, 16 to 23 % for calcium, 8 to 16 % for 

strontium 17 to 20 % for barium. The 53,000 mg/l chloride solution for barium was not 

considered in the analysis because the data point seems to be an outlier. For mixtures of DC and 

RC brines, percent removal values that fall within the ranges shown above for the respective ions 

can be considered to be zero. 

3.8 Precipitation experiment 

To investigate PHREEQC’s accuracy in predicting formation of scales that occur in oil and gas 

operations, three ranges of SI values were explored, and the resulting precipitate formation was 

observed: 

 SI values far below saturation (SI<−2) 

 SI values close to saturation (−0.5<SI<2)  

 SI values far above saturation (SI>−2) 

These predictions were compared with experimental results to further understand the limitations 

and accuracy of the software using both the standard PHREEQC and Pitzer databases. 

3.8.1 SI values far below saturation (SI<−2) 

For SI values far below saturation, the LKC brine was allowed to equilibrate with CO2. This 

experiment was performed in two ways: 
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(1) At room temperature (22 ± 1 
o
C) the LKC brine was allowed to equilibrate with atmospheric 

CO2 in an uncontrolled environment by pouring 100 ml into a beaker and allowing it to sit in 

the lab for three days; when the pH became constant samples were prepared for ICP−AES 

analysis. The sample volume lost due to evaporation was noted and accounted for in 

PHREEQC.  

(2) To avoid potential experimental errors introduced by evaporation and salinity changes, pure 

CO2 gas from a CO2 tank was bubbled through 50 mL of brine. The CO2 was humidified by 

bubbling it through DI water in a glass washing bottle with a fritted disk. To ensure 

equilibrium, the humidified CO2 gas was left to bubble through the solution until the pH 

dropped from 6.21 to 3.5. The samples were allowed to sit for 3 days in a closed centrifuge 

tube, after which the magnesium and calcium concentration were measured. A negligible 

change was observed when the measured concentrations were compared to the initial 

concentrations in the samples after the 3 days analysis. The samples were then adjusted to a 

pH of 5.52 (equilibrium pH predicted by the model when CO2 and LKC brine are in 

equilibrium) by adding 80 microliters (μl) of a 1 M NaOH solution. This would cause the 

total carbonate, which exists predominantly as H2CO3 at pH 3.5, to be partially converted to 

bicarbonate, with a negligible change in the carbonate ion concentration. The samples were 

allowed to sit for 3 days and analyzed again for change in magnesium and calcium 

concentrations. The whole experiment was then repeated three more times. 

3.8.2 SI values close to saturation (−0.5<SI<2) 

SI values near saturation were explored by mixing synthetic Douglas County (DC) and Reno 

County (RC) brines in ratios of 20:80, 50:50 and 80:20. For the mixing ratio 20:80, 2 ml of the 

DC brine and 8 ml of the RC brine were added to a test tube. The test tube was swirled 
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repeatedly to ensure adequate mixing. After three days, samples were taken for ICP–AES 

analysis to determine the change in the concentrations of Ca
2+

, Mg 
2+

, Ba
2+

, and Sr
2+

 ions in the 

solution. The amount of precipitation or dissolution of each cation was determined by the 

difference between the initial and final cation concentrations. This process was repeated for the 

mixing ratios 80:20 and 50:50. But this time 8 ml of the DC and 2 ml of the RC Brine, and 5 ml 

each of the two brines were mixed the prepare the 80:20 and 50:50 ratios, respectively. 

3.8.3 SI values far above saturation (SI>2) 

Barium, calcium, magnesium and strontium precipitation were induced by creating solutions 

where SI values were far beyond saturation (SI> 2). Barium precipitate was induced by adding 

0.5 M sodium sulfate to the DC synthetic brine at 22 
o
C; 3.55 g of sodium sulfate were weighed 

out using an electronic balance (A&D, GF-2000) and added to 50 ml of the DC brine, which was 

then stirred and allowed to sit for three days before preparing samples for ICP−AES analysis.  

The initial and final pH values, as well as cation concentrations of the mixture, were measured 

and recorded at the beginning and at the end of the experiment. The experiment was conducted 

three times to assess its reproducibility (precision). 

Also, a 1 M dosage of sodium carbonate was added to the Reno County brine to precipitate 

calcium, magnesium and strontium carbonate out of solution. A volume of 50 ml of the RC brine 

was poured into a 50 ml centrifuge tube and 5.23 g of sodium carbonate were weighed out and 

added to the sample. After three days, triplicate samples were collected for cation analysis by 

ICP−AES.  The experiment was repeated three more times.  
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3.9 PHREEQC 

PHREEQC, a computer program used for aqueous geochemical simulations, was employed to 

simulate the mixing scenarios of Arbuckle and LKC brines at varying pressures. PHREEQC 

evolved from the Fortran program PHREEQ, originally an acronym for pH-REdox-

EQuilibrium
157

. PHREEQC was developed by the United States Geological Survey and has been 

widely used for speciation and chemical equilibrium calculations. It can also perform batch-

reaction calculations, transport modeling, surface complexation and ion exchange calculations
157

. 

PHREEQC version 3.4.0 was used for all the modeling work in this study. 

The precipitate function was used to predict how much of a given supersaturated phase would 

need to be precipitated to reach equilibrium. Two databases were used for this investigation: the 

Pitzer database (pitzer.dat) and the standard PHREEQC database (phreeqc.dat). Pitzer.dat is 

based on Pitzer’s
158

 interaction model designed for high ionic strength solutions (up to 6M)
159

. 

Phreeqc.dat was developed for chemical equilibrium calculations in groundwater
160

. The two 

databases are different in terms of the number of ion pairs and complexes considered, the 

included mineral phases, and how they account for the effects of ionic strength (Pitzer vs Debye-

Hückel theory) as described in section 2.8.1.  

The two databases were compared with each other in terms of their ability to predict pH, 

precipitation, and the SIs of potential scale-forming minerals pertinent to brine exchange. The 

effects of ionic strength on the predictions from the two databases were also assessed.  

The synthetic brine compositions shown in   
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Table 3 were modeled using both databases with the PHREEQC software program. The results 

for modeled solutions were then compared to those obtained in laboratory experiments. The 

models were allowed to form precipitates by specifying 1M of the mineral to be in contact with 

the solution. All mineral phases that were predicted by both databases to be saturated were 

allowed to precipitate by using the precipitate keyword function and stating 1M of the mineral to 

be in contact with the solution. This was performed for all simulations run using both databases. 

The results were then compared as follows: 

• The SI and pH predictions from both databases were compared to each other. 

• The pH predictions from both databases were compared to the experiment pH results. 

• The amounts of solid phases dissolved or precipitated were compared between both 

databases and the experimental work. 
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Chapter 4 Results and Discussion 

4.1 Modeling the Arbuckle and the LKC brines in the PHREEQC model 

The Arbuckle and LKC brines were modeled in PHREEQC to determine their scale forming 

tendencies. The results from the model showed that the LKC brine was undersaturated with 

respect to all minerals using both the standard PHREEQC and Pitzer databases. 

 The Arbuckle brine was predicted to be saturated with respect to calcite, aragonite and dolomite 

Using both databases. Using the Pitzer database and allowing the model to precipitate the 

mineral phases with respect to their saturation state predicted just a 12.4 % reduction in the 

concentration of calcium ion in the solution, which was associated entirely with calcite 

precipitation. The model (using the Pitzer database) predicted that the magnesium ion 

concentration would remain unchanged; and calcite, dolomite and aragonite had SI indices of 

+1.46, +2.81, and +1.18, respectively. On the other hand, using the PHREEQC database, the SI 

indices for the minerals above were +1.26, +2.50 and +1.12, respectively, and allowing 

precipitate formation gave an 8.98 % reduction in the calcium concentration. Dolomite 

contributed 2.50 % to the overall loss in calcium concentration while calcite contributed 6.48 % 

to the loss in calcium. The loss in magnesium from dolomite precipitation was 4 %.  

Dolomite and calcite contributed to precipitate formation when using the PHREEQC database. In 

contrast, only calcite contributed to calcium removal when the Pitzer database was used. The 

corresponding SIs for dolomite and calcite were higher for the Pitzer database, yet only calcite 

was formed in contrast to the PHREEQC database. One reason for this observation might be the 

preference for calcite precipitation over dolomite if they both reach supersaturation. At 

atmospheric temperature and pressure, calcite would preferentially precipitate out of solution. 

This effect is more pronounced when using the Pitzer database than the PHREEQC database.  
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4.2 Mixing the Arbuckle and LKC brines in the PHREEQC model at different 

pressures 

Mixing of Arbuckle and LKC brines was modeled with different mixing ratios and varying 

reaction pressure within the range used in Thompson’s work
5
. As the percentage of Arbuckle 

water increases in the mixture, both models predict an increase in precipitate formation. When 

the reaction pressure was varied between 14.7 psi (1atm) and 2000 psi, the effect on SI was 

almost negligible, for both databases, for calcite, dolomite, aragonite, gypsum and anhydrite, as 

shown in Figure 28 (which is a representative of all other mixing ratios).  However, at high 

reaction pressures, there is a slight increase in the solubility of the scale forming minerals. 

Anhydrite and gypsum remained undersaturated regardless of the reaction pressure or Arbuckle 

volume in the mixture in both databases. 

 When the PHREEQC model was used, the point of saturation for calcite, dolomite and anhydrite 

occurred when the mixture contained 40 % by volume of the Arbuckle brine. On the other hand, 

using the Pitzer database, precipitate formation was predicted for these minerals with only 5 % 

Arbuckle brine, by volume, in the mixture. The SI values associated with these minerals indicate 

a supersaturation state (SI>1), making the two waters incompatible according to the Pitzer 

database. As shown in Figure 27, the Pitzer database predicted higher SI for the carbonate 

minerals compared to the  PHREEQC database across all mixing ratios at 1 atm. Based on these 

results, it could be inferred that the Pitzer database is likely to predict a higher saturation state for 

these minerals at most conditions.  
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Figure 27: SI at 1 atm for selected carbonate minerals as the percentage of Arbuckle water 

increases in mixtures of LKC and Arbuckle produced waters 
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Figure 28: Effect of pressure on the SI of potential scale forming minerals for a 50:50 mixture of 

LKC and Arbuckle brines 

4.3 Effect of ionic strength on the saturation state of selected minerals  

In simulations using PHREEQC, the Reno County brine was modified by adding varying amount 

of sodium chloride to produce solutions with an overall ionic strength from 1 to 5 M. 

Simulations were conducted at standard atmospheric pressure and temperature. Figure 29 

demonstrates the difference in SI (∆SI) between the two databases (SI value predicted using the 

PHREEQC database minus the value predicted using the Pitzer database) as the ionic strength is 

varied. A value of zero indicates that the two databases yielded the same SI for the given 
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database for the mineral in question. A negative value of the ∆SI signifies that the Pitzer 

database predicts a higher SI than the standard PHREEQC database.  

For barite and celestite the difference between the predictions from the two databases is 

negligible up to an ionic strength of about 3 M.  

As seen in Figures 30, 31, and 32, the saturation state of the carbonate minerals becomes more 

positive as the ionic strength increases. The Pitzer database SI predictions have a steeper 

response to the increase in ionic strength than the standard PHREEQC database for the carbonate 

minerals.  

 

Figure 29: Effect of the choice in database on the solubility of aragonite, calcite, barite, celestite, 

and dolomite as ionic strength increases; SI value predicted using the PHREEQC database minus 

the value predicted using the Pitzer database. 
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Figure 30: SI of calcite when the RC brine was modified by changing the sodium chloride 

concentration to increase the ionic strength and modeled using both the PHREEQC and Pitzer 

databases 

 

 

Figure 31: SI of aragonite when the RC brine was modified by changing the sodium chloride 

concentration to increase the ionic strength and modeled using both the PHREEQC and Pitzer 

databases 

0

0.5

1

1.5

2

1.03 1.5 2 2.6 3 4 5

SI
 

Ionic strength(M) 

Calcite 

PHREEQC Pitzer

0

0.5

1

1.5

2

1.03 1.5 2 2.6 3 4 5

SI
 in

d
ex

 

Ionic strength(M) 

Aragonite 

PHREEQC Pitzer



 

70 

 

 

 

Figure 32: SI of dolomite when the RC brine was modified by changing the sodium chloride 

concentration to increase the ionic strength and modeled using both the PHREEQC and Pitzer 

databases 
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mixture is 6.85, making the bicarbonate ion the dominant aqueous species in the carbonate 

system. The PHREEQC database includes calcium complexes while the Pitzer database does not. 

Even though this is the case, including complexes had little influence on the concentration of free 

Ca
2+

 ion estimated using the PHREEQC database, i.e., the free ion was 99.62 and 99.71 percent 

of total dissolved calcium at 1 M and 3 M ionic strength, respectively, with activity coefficients 

of 0.248 and 0.45, respectively.  

The main factor underlying the observed differences in SI has to do with the Davies equation and 

Pitzer equation used for activity correction in the PHREEQC model and the Pitzer model, 

respectively. As shown in Figure 33, activity coefficients associated with the Pitzer database are 

generally higher than those predicted using the PHREEQC database. Above ionic strength of 3 

M, the activities of magnesium and calcium become greater than the free ion concentration with 

this effect being more pronounced using the Pitzer database. For example, at an ionic strength of 

5M, the activities of calcium are 1.4 and 5 times the concentration of the free ion in the 

PHREEQC and Pitzer databases, respectively. Likewise, the magnesium ion activities at the 

same ionic strengths are 3 and 8 times more than the free ion concentrations when using the 

PHREEQC and Pitzer databases, respectively. This phenomenon makes the dolomite SI more 

susceptible to the choice of database because ionic strength has a strong influence on the 

magnesium ion activity correction in the Pitzer database.  

 Also, the carbonate ion activity has an effect on the observed difference in SIs estimated using 

the two databases. The carbonate ion activity coefficient from the PHREEQC database is higher 

than that from the PITZER database shown in in Figure 34 A. However, paying close attention to 

the actual concentrations at each ionic strength, the actual concentrations available for the 

reaction after activity corrections are higher in the Pitzer database than the PHREEQC database, 
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as shown Figure 34 B. One reason for this is the number of total carbonate complexes formed in 

each database. The PHREEQC database includes 14 complexes while the Pitzer database has 

only one complex (MgCO3
0
). The difference in complex formation causes the Pitzer database to 

have a higher concentration of available carbonate ion for dolomite, calcite and aragonite mineral 

formation.  

  

Figure 33 A) Activity coefficient for Ca
2+

 as ionic strength increases. B) Mg
2+

 activity 

coefficient as ionic strength increase 
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Figure 34: A) Activity coefficient of the carbonate ion as ionic strength increases. B) Activity of 

the carbonate ion as ionic strength increases 
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At an ionic strength of 3 M or less, the predicted SIs from both databases are very similar 

although the databases use different pathways to arrive at a similar result. The sulfate ion 

activities from the PHREEQC database are higher than sulfate activities from the Pitzer database, 

as shown in Figure 36 B. On the contrary, the barium activities are higher in the Pitzer database 

than in the PHREEQC database. As a result of these differences, the combined effect of the of 

the activities of barium and sulfate from the two databases result in ion activity products which 

are very comparable, yielding similar SIs. It is difficult to deduce which database pathway 

arriving at the IAP is closer to the truth, since the individual activities of sulfate and barium in 

solution were not measured. 

 

Figure 35: SI of barite when the RC brine was modified by changing the sodium chloride 

concentration to increase the ionic strength and modeled using both the PHREEQC and Pitzer 

databases. 
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Figure 36: Activity coefficient as ionic strength increases for sulfate ion. B) Activity as ionic 

strength increases for sulfate ion 

The predicted SI values for celestite using both the Pitzer and PHREEQC databases generally 

decreased as ionic strength increased up to about 3 M. The decrease occurs more sharply when 

using the Pitzer database than for the PHREEQC database. The activity of the strontium ions 

increases sharply in the Pitzer model as the ionic strength increases while the sulfate ion activity 

decreases with an increase in ionic strength. Even though the sulfate activity is higher in the 

PHREEQC database, it is not high enough to fully compensate for the sharp increase in 

strontium activity predicted using the Pitzer database. Thus, the difference in strontium activity 

is the main driver for the observed differences in SI between the two databases shown in Figure 

37.   
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Figure 37: SI of celestite when the RC brine was modified by changing the sodium chloride 

concentration to increase the ionic strength and modeled using both the PHREEQC and Pitzer 

databases. 

4.4 Equilibrating Arbuckle and LKC brine mixtures with calcite 

The LKC and Arbuckle brines were mixed together at different ratios after which the mixtures 

were equilibrated with powdered Indiana Limestone (primarily composed of calcite, the main 

mineral in the LKC formation). At calcite equilibrium, the amount of calcium precipitation 

increased as the volume of the Arbuckle brine increased regardless of the database used. The 

Pitzer database predicted this trend beginning at about 5 % Arbuckle water by volume, while the 

PHREEQC database did same at about 20 % Arbuckle water by volume. The LKC brine had 

zero carbonate content and mixing that with Arbuckle brine caused the bicarbonate concentration 

in the mixture to increase. Hence, as the Arbuckle brine increases in volume in the mixture, so 

does the amount of carbonate in the mixtue, which in turn leads to calcite precipitation with 

increasing Arbuckle volume in the mixture. The Pitzer database predicted a much higher amount 
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of precipitation at every mixing ratio.  One reason for this observation is that minerals are  

relatively less soluble in the aqueous phase when  the Pitzer database is used as seen in Figure 30 

to 32. Figure 38 illustrates the amount of dissolution or precipitation of Ca
2+

 as the percent 

Arbuckle water by volume increases. A positive value on the ordinate of the chart represents 

precipitation while a negative value connotes dissolution. The presence of organic compounds as 

well as solids from the formation may affect the size and morphology of crystals, precipitation 

kinetics and the equilibrum of the reaction
161

. It should however be noted that the possible effects 

of organic compounds were not accounted for in this investigation since there was no organic 

component added to the synthetic brines. Organics such as antiscalants, e.g., polyphosphonates, 

if present, can inhibit precipitation while organics such as methanol could aid in 

precipitation
162,163

.  Adsorption of  organic matter on active crystal site could impede 

precipitation
164

. It is therefore very important to also assess what kinds of organic compounds are 

in the PW before assessing what effects they might have on scale formation. 
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Figure 38: Change in the precipitated calcium concentration as the percentage of Arbuckle brine 

in the mixture increases 

Also, changes in the solution pH as a result of calcite equilibration support the observation of 

more precipitate formation when the Pitzer database is used. When calcite is removed from 

solution, the solution pH drops lower, for a given buffer capacity, if more calcite is formed. 

Thus, the difference in pH for a given solution is a direct result of how much precipitation 

occurred. However, as the percentage of Arbuckle water approaches 100 %, the predicted 

solution pH values from both databases converge, even though the amounts of calcite 

precipitated are different. A difference of 31 mg/l calcium precipitation between the two 

databases did not correspond to a significant difference in solution pH, as shown in Figure 39. 

The fundamental reason for this discrepancy, as already mentioned above in other contexts, is the 

difference in computation of the activity corrections for the Ca
2+

 and carbonate ions by the two 

databases. 
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Figure 39: Effect of increasing percent Arbuckle water on the pH of the mixture 

4.5 Calcite dissolution experiment 

The LKC and 5 times diluted LKC brines took about 10 min. to approach equilibrium with 

powdered calcite (Indiana Limestone) based on monitoring the amount of calcium dissolution 

over time as shown in Figure 40. The 82 times diluted LKC brine took about 30 min. to approach 

equilibrium. The amount of calcite dissolution decreased in the following order: LKC, 5 times 

diluted LKC, and 82 times diluted LKC.  It is very important to note that the rate of calcite 

dissolution from the calcite-brine mixture was very fast at the onset (<10 min.) in all three brines, 

as shown in Figure 40. Similar observations have been made by other researchers
165

,
166

. Close to 

equilibrium, it took longer to detect any significant changes in both the concentration of the 

calcium ion (Figure 40) and the pH of the solution (Figure 41). In Figure 41, the changes in pH 

within the first 10 min. of the experiment demonstrate the effects of dissolution, i.e., all of the 
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solutions were initially undersaturated with respect to CaCO3(s), as expected, since the starting 

carbonate concentration was zero for all three brines. 

The volatile nature of the changes in the concentrations of the calcium ions in all three 

suspensions makes it difficult to accurately determine the equilibration time from Figure 40 

below; but it appears that all three suspensions were close to equilibrium in about 10 minutes and 

there appears to be little or no net change in calcium ion concentrations after 30 min. However, 

using the pH change as the reaction proceeds indicates that there are slow but noticeable changes 

in pH over extended time periods. This raises questions as to whether the equilibration time put 

forward is accurate. The centrifuge tubes used were sealed but the manufacturer did not specify 

if the tubes were airtight or not. It is possible for the samples to have been in contact with 

atmospheric CO2 despite being sealed, which could be the reason for the drift in pH observed as 

the time proceeded 

To better understand the complex nature of the calcite dissolution experiment conducted using 

powdered Indiana Limestone, an experiment was conducted using reagent-grade CaCO3. The 

pure reagent-grade powdered CaCO3 was added to LKC, 5 times diluted LKC, and 82 times 

diluted LKC brines. The experimental procedure followed was similar to that for the limestone 

powder dissolution experiment. The concentration of the Ca
2+

 ion was monitored after 24 h and 

30 days. For the 24-hour measurements, the experiment was repeated 3 times, and for the 30-day 

measurements, the experiment was repeated 6 times. Dilutions were prepared in triplicate for 

ICP analysis.  
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Figure 40: Amount of calcite dissolution with respect to time in the LKC brine and its dilutions 

 

Figure 41: Temporal change in pH of suspensions of powdered Indiana Limestone in diluted and 

undiluted LKC brines   

The pH values after 24 h and 30 days in the suspension of reagent-grade CaCO3 were very 
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dissolution behavior was very different, as shown in Figure 43. The calcium ion concentrations 

indicated that dissolution occurred only in the 82 times diluted LKC brine at both 24 h and 30 

days. For the LKC brine and the 5 times diluted LKC brine, the changes in calcium ion 

concentration indicated a loss of calcium ions from the solution, contrary to what was observed 

when the powdered limestone rock was used, even though similar pH values were observed in 

both cases for all three brine samples. 

The dissolution of calcium carbonate (calcite) should have been similar for both powdered 

Indiana Limestone and reagent grade CaCO3, especially since the measured pH values were 

similar. The carbonate system controls the pH of the solution. Dissolved carbonate ions react 

with H
+
 to form bicarbonate, and the pH of the solution increases as the H

+
 ions are consumed. 

The initial dissolution of calcium carbonate in the suspension of powdered Indiana Limestone, 

and the reaction of carbonate to form bicarbonate, occurred quickly, within the first 10 min. of 

the reaction, as shown in Figure 41 above. From the results using the reagent-grade calcium 

carbonate, it can be inferred that calcium ions in the solutions of the 5 times diluted LKC and 82 

times diluted LKC brines were adsorbed onto the surface of the calcium carbonate particles, 

since the calcium concentrations decreased as shown in Figure 43. On the other hand, the 

limestone rock experienced only desorption which might be due: 1) a smaller number of 

adsorption site on the limestone surface, or 2) that the difference in surface area between the 

powdered limestone and the regent grade CaCO3. It should be noted that the surface area of the 

powdered limestone and the reagent grade CaCO3 were not measured, and surface area is 

mentioned as a possible reason for the discrepancy observed.   
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Figure 42: pH after adding powdered limestone and reagent grade calcium carbonate to LKC 

brine and its dilutions 
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Figure 43: Change in Ca
2+

 concentration at 30 days using reagent-grade CaCO3 vs powdered 

limestone  

4.6 Scale formation predictions using PHREEQC. 

The ability of PHREEQC to accurately predict scale formation in brines was assessed in a 

variety of ways using both the PHREEQC and Pitzer databases. Initially far from saturation, the 

LKC brine was equilibrated with both atmospheric CO2 and humidified CO2 and the 

experimental results were then compared to the modeling results. If the models indicated that the 

brines were supersaturated with respect to any of the precipitates of interest, as indicated by a 

positive SI, the models were made to predict the amount of precipitate formed. A few mixing 

scenarios involving the DC and RC brines were also used to compare model predictions with 

experimental results. Supersaturated conditions were created experimentally and then modeled to 

determine how closely the model predicted the observed precipitate formed. 
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4.6.1 SI values far below saturation (SI<−2) 

4.6.1.2. Direct equilibration of LKC brine with the atmosphere 

The modeling using both databases, as well as the results of the lab experiment, showed a decline 

in pH after the synthetic LKC brine was equilibrated with atmospheric CO2.  Using the 

PHREEQC database the model predicted a pH change from 6.6 to 5.6, with a similar change 

predicted by the Pitzer database. In comparison, the experimental pH measured in the lab 

changed from 6.6 to 6.14. 

Equilibrating the synthetic LKC brine with CO2 caused part of the solution to evaporate.  After 

accounting for 10 % evaporation of the samples in the model, the model and experiment agreed 

excellently with each other in terms of the concentrations of Ca
2+

 and Mg
2+

, as shown in Figure 

44. The standard deviations were 938 mg/l for the calcium ion and 183 mg/l for the magnesium 

ion as shown by the error bars in Figure 44. However, leaving the samples exposed to the 

atmosphere for longer periods (for about 10 more days after the initial three days equilibration) 

caused about 50 % evaporation of the samples, which greatly increased the Ca
2+

, Mg
2+

, Na
+
, and 

Cl- concentrations, causing some mineral precipitation.  The precipitate formed was white and 

formed around the sides of the beaker. Halite, gypsum, and anhydrite were predicted to be 

oversaturated with SIs of +0.58, +0.14 and +0.30, respectively, when the PHREEQC database 

was used for modeling the reaction. These same minerals had SIs of +0.65, +0.17 and +0.27, 

respectively, when the Pitzer database was used. The amount of Na
+ 

that precipitated as a result 

of halite precipitation was 39.7 % and 39.2 % using the Pitzer and PHREEQC databases, 

respectively. Also, less than 0.5 % of Ca
2+

 was predicted to precipitate out of solution, for both 

databases, as a result of anhydrite precipitation. The model allowed anhydrite to preferentially 

precipitate over gypsum for the simple reason that in water-deficient systems, anhydrite is more 
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likely to form at ambient conditions. The precipitate formed from the experiment is more likely 

to be sodium chloride precipitate, as predicted by the model. The amount of CO2 dissolved was 

too low to precipitate CaCO3, based on the predicted SI values (of calcite and aragonite) for both 

databases. The model’s prediction of no mineral precipitation when the LKC brine equilibrated 

with CO2, without considerable water loss from the samples, agrees well with the experimental 

results. 

  

Figure 44: Concentrations of calcium and magnesium after equilibrating the LKC brine with 

atmospheric CO2 and correcting for 10 % sample evaporation  

4.6.1.3 Equilibrating the LKC brine with humidified CO2 

Bubbling humidified CO2 through the LKC brine produced no precipitates as shown in Figure 

45. The model and the experimental results complemented each other excellently, with both 

indicating no precipitation of any kind, similar to the results for direct equilibration with 

atmospheric CO2, after 10 % sample evaporation. The standard deviations of the measured 
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concentrations, as indicated by the bars in Figure 41, were 70 and 352 mg/l for magnesium and 

calcium ions, respectively, before equilibration, and 50 and 402 mg/l, respectively, after 

equilibration. The SI values for all the carbonate phases were less than -2, representing extremely 

undersaturated conditions with respect to these minerals. It should also be noted that the starting 

bicarbonate concentration in this brine, prior to the introduction of CO2, was zero. From the LKC 

brine CO2 equilibration experiment, it can be concluded that, far from saturation, the model 

provides an excellent prediction of whether a mineral phase would precipitate or not. 

 

Figure 45: Concentrations of calcium and magnesium before and after equilibrating the LKC 

brine with humidified CO2 

4.6.2 SI values close to saturation (−0.5>SI>2) 

As discussed in section 3.7, the initial cation concentrations (Ca
2+
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2+
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2+

, and Ba
2+

) for the 

mixing cases discussed here in section 4.5.2 were calculated from the compositions of the brines 

(RC and DC) prior to mixing because some precipitation reactions could proceed very rapidly 
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after mixing. As a result, the impact of background ions may have resulted in artificially low 

estimates of the final concentrations of cations in these experiments, which would result in 

overestimates of cation precipitation from these mixtures. When the effect of the ionic strength 

on the measured concentrations were estimated, it was surmised in section 3.7 that this effect 

could overpredict cation removal by 12 to 17 % for magnesium, 16 to 23 % for calcium, 8 to 16 

% for strontium and 17 to 20 % for barium.  

4.6.2.1 Mixing DC and RC brines in the ratio 80:20 

No precipitate was visible when the two produced waters were mixed in an 80:20 ratio (DC:RC). 

However, both modeling approaches predicted oversaturation of some phases. Using the 

PHREEQC database, the model predicted SIs of +1.65, +1.79, +1.75, +3.53 for the mineral 

phases aragonite, calcite, barite and dolomite, respectively. Using the Pitzer database on the 

other hand, the model predicted SI values of +1.67, +1.95, +1.74 and +3.74 for the same 

minerals respectively. Both databases predicted about the same amount of barite precipitate even 

though the SI associated with barite was slightly higher using the Pitzer database. Magnesium 

and strontium had no precipitation predicted using either database even though SIs of dolomite 

indicated supersaturation. In the models, calcite would preferentially precipitate over dolomite 

when both phases were allowed to precipitate at the same time, resulting in no loss of Mg. 

 The experimental results (Figure 46) showed dissolution of 2 % of the calcium, which is within 

the range of the calculated standard experimental error (±2 %) for all cations in this samples. 

(The error bars represent the standard deviation of the measured concentrations in Figure 46.)  

Since dissolution cannot occur when two solutions containing no solid phases are mixed 

together, these results indicate that no significant precipitation of a Ca-bearing phase occurred. 

The initial sulfate and barium concentrations were 20 and 400 mg/l, respectively, after mixing, 
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so some precipitation of barium sulfate was anticipated. However, barium ions would have had 

to compete with the other divalent cations to react with the sulfate ions, which could lead to the 

observed little or no significant precipitation of barium sulfate. Taking into consideration the 

effect of the background ions in the measurement of divalent cations, no significant precipitation 

of scale-forming cations was observed, because all precipitated values fall within the range 

mentioned in section 3.7. 

A similar study conducted by He et al.
161

, which investigated the kinetics and equilibrium of 

barium and strontium sulfate in the Marcellus shale flowback water, found that barite 

precipitation occurred after 30 min. However, they found barite precipitation to take longer in a 

high ionic strength solution (3.9 M) when the initial barium (236 mg/l) and sulfate (150 mg/l) 

concentrations were low and the strontium concentration was roughly 8 times the concentration 

of barium. Assuming all the available sulfate reacted with the barium in the solution, the removal 

of barium would have been 90 %; but only 55 % removal was found. Although the ionic strength 

of the solution in this study was less than 0.65 M (<<3.9 M), there could be secondary reactions 

occurring between sulfate and the other divalent cations (calcium, magnesium, and strontium), 

which could inhibit barite from forming altogether or on a time scale relevant to this study, 

which the model does not take into account. Another potential reason could be due to the fact 

there could be uncertainties in the reported Ksp values (close to saturation) of barite which 

makes it less soluble thermodynamically.  Also, since the two databases are predicting the same 

amount of precipitate, with the PHREEQC database accounting for complexation and ion 

pairing, it is safe to assume that the PHREEQC database assumes these complexes are negligible, 

which may not be true for high strength brines.   
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Figure 46: Percent precipitation of scale forming divalent cations from solution after mixing DC 

brine and RC brine in a 80:20 ratio.  

4.6.2.2 Mixing DC and RC brines in a 50:50 ratio 

Using the PHREEQC database, the model predicted +1.57, +1.71, +1.73, and +3.34 for the 

mineral phases aragonite, calcite, barite and dolomite, respectively, when the two produced water 

brines were mixed in a 50:50 ratio. In contrast, using the Pitzer database, the model predicted SIs 

of +1.62, +1.90, +1.81 and +3.60 for the same minerals. The SI predictions associated with barite 

from both databases (+1.73 for PHREEQC and +1.81 for Pitzer) corresponded to 31 % and 26.7 

% barium precipitation, respectively. Using the PHREEQC database the model predicted 1.4 % 

calcium precipitation while using the Pitzer database yielded a prediction of 2 % calcium 

precipitation. The experimental results from the ICP analysis indicated 2 % average barium and 

calcium precipitation, no precipitation of magnesium, and 7 % precipitation of strontium, as 

shown in Figure 47. The error bars represent the standard deviations of the measured 

concentrations and are approximately 2 % for all divalent cations. The effect of ionic strength on 
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the measurement of the divalent cation concentrations, due to the background NaCl 

concentration and ionic strength, indicates no significant change in the concentrations after 

mixing for all divalent cations, since the values reported for calcium, strontium and barium fall 

within the possible range of cation under-measurement discussed in section 3.7. Despite 

prediction of substantial barite precipitation, no significant loss of Ba from solution was 

observed. The initial concentrations of 250 and 50 mg/l for barium and sulfate, respectively, 

were evidently low enough that inhibition by other cations (especially strontium, which is more 

than 4 times the concentration of barium) could have prevented barium sulfate precipitation. 

Mineral solubility generally increases as the ionic strength of the solution increases. With a TDS 

of 80,000 mg/l, this is a reasonable explanation for the lack of barite precipitation under the 

circumstances of this study, as explained He et al.
161

. The model’s failure to predict the amount 

of barite precipitation is presumably due to the same reasons mentioned in section 4.6.2.1. 

 



 

92 

 

 

Figure 47: Percent precipitation of scale forming divalent cations from solution after mixing DC 

and RC brines in a 50:50 ratio  

4.6.2.3 Mixing DC and RC brines in the ratio 20:80 

Barite, calcite, dolomite and aragonite were the only mineral phases for which PHREEQC 

predicted positive SI values for 20:80 mixtures of the DC and RC brines. Using the PHREEQC 

database the model predicted SIs of +1.50, +1.36, +2.65 and +1.21 for barite, calcite, dolomite 

and aragonite, respectively, and SIs of +1.58, +1.62, +3.05, and +1.34, respectively, when the 

Pitzer database was used. Once again, the SIs associated with the various cation saturation states 

were higher when the Pitzer database was used. The model predicted 87 % barium removal using 

the PHREEQC database, and 89 % using the Pitzer database, as shown in Figure 48, but only 6 

% removal was observed experimentally. The experimental results showed no removal of 

magnesium or calcium, and strontium removal is not significant given the uncertainty in 

estimated cation removal discussed in section 3.7. The model predictions and experimental 

results diverge significantly for barium in this case. Barium and sulfate, after mixing, had initial 

concentrations of 103 and 80 mg/l, respectively, with a TDS of 110,000 mg/l, but the strontium 
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concentration in this case was about 16 times more than barium. As explained earlier, it is very 

plausible to conclude that the inhibitory effect of strontium might be pronounced if its relative 

ratio to barium is high, preventing or slowing down the formation of barium sulfate scale. If both 

barium and sulfate exist in equal amounts such that both reagents are not limiting, the model is 

more likely to predict a high removal percentage for barium as shown in Figure 48.  

 

Figure 48: Percent precipitation of scale forming divalent cations from solution after mixing DC 

and RC brines in a 20:80 ratio   

4.6.2.4. Arbuckle brine CO2 equilibration experiment 

Arbuckle synthetic brine was equilibrated with atmospheric CO2. After exposure to the 

atmosphere for 3 days, the experimental results matched the predictions of both databases. The 

experimental results agreed with model predictions of approximately 20 % removal of Ca
2+

. 

There was also excellent agreement between the experimentally observed final pH and the 

model-predicted final pH values, as shown in Figure 49. 
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Figure 49: (A) Ca precipitated from solution during the CO2-Arbuckle brine equilibration 

experiment. (B) Measured and model-predicted pH values after precipitation has taken place. 

4.6.3 SI values far above saturation SI>2 

4.6.3.1 Addition of 0.5M sodium sulfate to the DC brine 

Aragonite, calcite, dolomite and magnesite (MgCO3) were the only mineral phases with positive 

SIs, +1.44, +1.73, +3.49, and +1.02, respectively, when the Pitzer database was used to model 

the DC brine (without supplemental chemical addition). The model predicted 11 % and 12 % 

removal of calcium and magnesium ions, respectively, as a result of dolomite precipitation. On 

the other hand, the PHREEQC database predicted saturation indices of +1.47, +1.61, +3.36, 

+1.21 and +0.95 for aragonite, calcite, dolomite, strontianite and witherite, respectively, when 

the original DC brine was modeled. Estimated precipitate formation was similar to that predicted 

using the Pitzer database, i.e., 10 % and 12 % removal of calcium and magnesium, respectively. 

It should be noted that there was no measured loss of magnesium or calcium fom the solution 

when an ICP analysis was performed on the DC brine samples.  
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When 0.5 M sodium sulfate was added to the DC brine, the model identified celestite (SrSO4), 

barite (BaSO4), aragonite, calcite, dolomite and gypsum as phases that were oversaturated, with 

SIs of +0.99, +4.40, +0.71, +0.99, +2.16 and +0.09, respectively, when the Pitzer database was 

used. The +0.09 gypsum SI corresponded to an estimated 80 % calcium precipitation. When the 

PHREEQC database was used, both anhydrite and gypsum were oversaturated, with SI values of 

+0.10 and +0.37, respectively. The +0.37 gypsum SI corresponded to a prediction of 57 % 

calcium precipitation as calcium sulfate. Also identified with positive SI values were celestite, 

barite, aragonite, calcite, dolomite, strontianite and witherite, with SI values of +1.25, +4.68, 

+1.03, +1.18, +2.41, +0.74, and +0.27, respectively. After allowing precipitate formation to 

reach a target SI of 0.00 for all of the aforementioned solid phases, the model results, using both 

the Pitzer and PHREEQC databases, predicted the same amount of precipitation for barium, all 

associated with barite precipitation.  Barite forms very quickly when there is enough barium and 

sulfate in the solution, even at high ionic strength.  

The Pitzer and PHREEQC databases both overestimated the amount of strontium and calcium 

precipitated. The Pitzer database more closely predicted the amount of strontium sulfate 

precipitated. The models predicted that calcium would precipitate as a result of gypsum and 

dolomite formation, using both databases, with gypsum contributing over 90 % of the calcium 

precipitation. Also, the model predicted strontium removal as a result of celestite precipitation, 

using both databases. The Pitzer database model over predicted magnesium precipitation while 

the PHREEQC database model under predicted magnesium precipitation, due to oversaturation 

with respect to dolomite in both cases. Where there are complex reactions such as adsorption and 

coprecipitation, the model overestimates the concentrations of free ions available, hence the 

errors in estimating the amount of precipitation of related phases. The Pitzer model does not 
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account for complex formation as such, which increases the number of free ions available to 

form the mineral phases. On the other hand, the PHREEQC database may underestimate the 

concentrations of the complexes formed, making it more likely to over predict the amounts of 

precipitates formed. Also, another reason for the overestimation of precipitation might be the 

reaction time required to form precipitates. As the results in Figure 50 indicate, after 150 days 

strontium precipitation increased from 62 % to 81 % while magnesium and calcium precipitation 

decreased by 2 %. This brought the experimental strontium precipitate closer to the model 

predictions. 

  

Figure 50: Experimental versus model-predicted removal of calcium, barium, strontium, and 

magnesium after 3 and 150 days when 0.5M sodium sulfate was added to the synthetic DC brine 

4.6.3.2 Addition of 1M sodium carbonate to the RC brine 

When the RC brine was modeled using both databases, aragonite, calcite, dolomite and barite 

were the only mineral phases that were predicted to be oversaturated, with SIs of +0.58, +0.86, 

+1.54, and +0.19, respectively, using the Pitzer database, while modeling using the  PHREEQC 
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database predicted +0.17, +0.31, +0.18 and +0.57, respectively for the same minerals. Allowing 

for precipitation caused the model to predict 35 % and 0.01 % removal of barium and calcium 

ions, respectively. This had a negligible bearing on the solution chemistry as the initial 

concentration of barium was only 3.8 mg/l. When the “precipitate function” was used in 

modeling the behavior of RC brine spiked with sodium carbonate, the model accurately predicted 

the experimentally determined brine composition, except for magnesium. The model predicted 

SI values of +4.84, +5.12, +9.61, and +3.74 for aragonite, calcite, celestite (SrSO4), and 

dolomite, respectively, when the Pitzer database was used. The PHREEQC database predicted SI 

values of +4.83, +4.97, +9.94, and +5.01 for the minerals mentioned above in the same 

respective order.  A consensus 99 % of calcium and strontium were precipitated out of solution 

based on model and experimental results after 3 and 150 days, respectively. It should be noted 

that the Pitzer database does not contain the strontianite mineral phase, so no comparison could 

be made between experimental and model-predicted results for the Pitzer database.  

Magnesium removal improved from 79 % to 96 % (Figure 51) indicating the importance of 

kinetics to Mg removal. Assuming equilibrium is reached after 150 days, the model predicts the 

removal of magnesium fairly accurately. The mechanism underling experimentally measured 

magnesium removal could have been precipitation of magnesium substituted calcite, which 

would remove less magnesium that the dolomite precipitation incorporated into the model results 

for both databases. Magnesium removal might also have been caused by adsorption onto, or 

coprecipitation with, other solids, but probably not through magnesium sulfate precipitation, 

since magnesium sulfate is very soluble. Without SEM imaging, it is difficult to determine the 

mechanism responsible for Mg
2+

 removal. Nevertheless, in this experiment, the experimental 

results and the modeling results from both databases complemented each other well 
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Figure 51: Comparison between model-predicted and experimental cation precipitation, after 3 

and 150 days, when 1M sodium carbonate was added to the Reno County brine 

4.7 Effect of Ionic strength on pH measurement. 

To further understand the role of ionic strength on pH measurement, the pH 7 and 10 buffer 

solutions used for pH meter calibration were modified by adding sodium chloride salt in a 

stepwise manner to increase the TDS from 10,000 to 200,000 mg/l. As shown in Figures 52 and 

53, the pH declined as the sodium concentration increased from 3,940 to 78,800 mg/l. The data 

points from the experimental results were fitted using both linear and polynomial equations. The 

R
2
 values for the polynomial equations (plotted in Figures 52 and 53) were 0.9666 and 0.9829 

for the pH 7 and 10 buffers, respectively. The linear equations had R
2
 values of 0.8561 and 
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polynomial equations provided a better fit, and the relationship is clearly non-linear as illustrated 

by  

Figure 52 and 54.  

 

Figure 52: Effect of ionic strength on pH when a pH buffer solution with a pH of 7 is dosed with 

sodium chloride salt 
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Figure 53: Effect of ionic strength on pH when a pH buffer solution with a pH of 10 is dosed 

with sodium chloride salt 

The experiments were further modeled using the standard PHREEQC database only. This is 

because both borate (in the pH buffer 10 solution) and phosphate (in pH buffer 7 solution) are 

not included in the Pitzer database. The Na
+
 ions in solution caused a decline in predicted pH, 

which is similar to what was observed experimentally. However, there was a steeper decline in 

pH in the experimental results relative to the model’s prediction, as shown in Figure 54.  

The decline in pH observed during the experiment with the pH buffer 7 solution was indicated by 

the model to be caused by the formation of the NaHPO4
-
 complex, which becomes very 

significant at high sodium chloride dosages. The experimental results, on the other hand, 

illustrated a steeper decline in pH, which is likely due to a combination of both NaHPO4
-
 

complex formation and an interference of Na
+
 with the electrode, commonly referred to as 

“sodium error”, which is caused by high concentrations of Na
+
 interacting with the electrode 

sufficiently to make the H
+
 concentration appear higher than it actually is, resulting in a lower 

pH reading. 
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The model predicted the pH buffer 10 experiment to show little variation in pH. There were no 

significant sodium borate complexes predicted (for the borate-based pH buffer), so the pH was 

expected not to change much. The ~ 0.1 pH unit change observed can be explained by the effect 

of ionic strength on the activity of the H
+
 ions. On the contrary, the actual experimental result 

illustrated a much steeper decline in the pH. This discrepancy might be due to the fact that at a 

higher pH, the H
+
 concentration is lower, and the pH electrode would be more susceptible to 

sodium error. 

 

  

Figure 54: pH prediction of PHREEQC relative to experimental pH when buffer solutions with 

pH of values of 7 and 10 are dosed with sodium chloride. 
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particular trends. pH values from the modeling work were expected to be significantly higher 

than those found in the experiments, as shown in Figure 54. The only experiment that followed 

such trend involved the addition of 1 M sodium carbonate to the RC brine. The effect of Na
+
 on 

pH electrodes is known to be more pronounced at elevated pH, so this is the most likely reason 

for the difference between the measured and predicted pH values.  Also, a likely reason for this 

observation could be the diverse nature of the background salts in these solutions as compared to 

the buffer solutions used to determine the effect of sodium on pH. At this point, future 

experiments are planned to be performed to develop a means of making accurate adjustments to 

the measured pH of brine samples, or standardizing the pH meter to give accurate pH values in 

brine samples. 

It is very vital to measure pH accurately especially when reactions that have a strong dependence 

on pH are involved. For the purpose of this study, key reaction parameters such as pH, 

temperature and individual ions would have to be inputted into the modeling software to give 

results that more accurately reflect the reactions occurring in the systems. If the pH used in 

modeling is significantly off, it will affect the speciation of the carbonate system; increase or 

decrease the concentration of carbonate, hydroxide, and other ions available to form various 

solid phases of interest; and render the associated SI values inaccurate. Furthermore, the 

concentrations of related cations remaining in solution will also differ significantly from their 

measured values. 
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Figure 55: Predicted pH vs measured pH 
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Conclusions, Recommendations and Engineering Application 

5.1 Conclusions 

Modeling and laboratory experiments were conducted to evaluate the feasibility of exchanging 

Arbuckle PW with LKC PW in a scenario where the Arbuckle, which is lower in TDS, is used 

for water flooding the LKC formation to increase oil recovery and the Arbuckle is used for 

disposal of the more saline LKC PW. From the modeling results, it was found that if the mixture 

contains more than 20 % Arbuckle brine, the potential for scale formation is high. The pressure 

at the bottom of the formation might delay precipitation because calcite solubility increases 

slightly at high pressures.  

Comparing the model predictions to experimental observations, it can be concluded that at a 

saturation index (SI) of >2 barium sulfate will be precipitated out of solution. The PHREEQC 

and Pitzer databases used for modeling in this study yield very similar results in terms of their 

predictions of the barite SI and amount of barium precipitated. However, the model is likely to 

overpredict the amount of barium precipitated when the SI for barite is <2. Also, the potential to 

precipitate gypsum, even at low SIs of +0.09 and +0.37 using the Pitzer and PHREEQC 

databases, respectively, is significant, although the model is expected to overestimate the amount 

of gypsum precipitated at this saturation state (i.e., SI <2). The activity corrections for the 

divalent cations at ionic strengths above 3 M are questionable for both the PHREEQC and Pitzer 

databases, so their used should be limited to solutions with an ionic strength less than or equal to 

3 M.  

An investigation carried out as part of this work showed a direct correlation between added NaCl 

and measured pH values. Sodium chloride addition drove down the measured pH values, 
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indicating that the solution was becoming more acidic. This trend was also found using 

PHREEQC, with the PHREEQC database, but the predicted decreases in pH were not as great as 

those observed in the experimental work.  

 

5.2 Recommendations for future work  

The following are recommended works that need to be completed to give a fuller understanding 

of the work described herein:  

 PW samples from both the Arbuckle and LKC producing areas listed in Thompson’s
5
 

study (2018) should be collected, analyzed, and remodeled using the PHREEQC 

software, as the produced water composition of a field may vary over time. 

 The experiments should be repeated with actual produced water samples to more clearly 

understand the role of organic compounds on the scaling tendencies of some of the 

potential scale-forming minerals. 

 The economics of brine exchange should be investigated and compared to other 

alternatives. This would serve as a guide to stakeholders in the water management sector 

on the financial feasibility and the scenarios in which this type of management scheme 

works best relative to the other alternatives available. 

 The effect of background salts on pH measurement should be further investigated to shed 

more light on how individual ions collectively or singularly affect pH measurements, and 

how best to correctly measure pH in high strength brines.  
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5.3 Engineering applications 

The results of this work can be applied to solve scaling problems that arise as a result of mixing 

of incompatible fluids for brine exchange, enhanced oil recovery applications (such as low 

salinity waterflooding), or discharges of PW to a saline environment (such as an ocean outfall). It 

can also be applied generally to predict if mixing brine solutions or altering their composition 

would cause scale formation. The PHREEQC modeling software is used by many to simulate 

geochemical reactions; understanding its capabilities to accurately model highly saline solutions 

are pertinent if PW is to be managed through brine exchange.  
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Appendix 

Table 4: Recipe for synthetic brine preparation in 500 ml of deionized water 

Salt Molecular 

weight 

Required 

amount of salt 

for LKC brine 

(mg) 

Required 

amount of salt 

for Arbuckle 

brine (mg) 

Required 

amount of salt 

for DC brine 

(mg) 

Required 

amount of salt 

for RC brine 

(mg) 

CaCl2•2H20 147 20175 3852 1339 16874 

MgCl2•6H20 203 11710 3137 1297 10456 

BaCl2•2H20 244 0 0 418 3 

SrCl2•2H20 267 0 0 137 2891 

NaCl 58 60852 28529 12048 45656 

KCl 75 381 200 122 381 

Na2SO4 142 192 339 0 74 

NaHCO3 84 0 136 586 58 

 

Table 5: Recipe for salts added to 50 ml of 2 % nitric acid solution for preparing standards for 

calibrating the ICP instrument 

Salts Background Chloride 

6000 mg/l 

Background Chloride 

26,000 mg/l 

Background chloride 

53,000 mg/l 

CaCl2•2H20 183.4 183.4 183.4 

MgCl2•6H20 418.2  418.2 418.2  

BaCl2•2H20 88.9  88.9 88.9  

SrCl2•2H20 152  152 152  

NaCl 0  1678 3915 
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Table 6: Slopes of the measured ion concentrations as shown in Figure 23 to 26 

Background chloride 

(mg/l) 

Slope for 

magnesium 

Slope for 

calcium 

Slope for 

strontium 

Slope for 

barium 

6,000  11,815 64,569 2,626,601 2,554,393 

26,000 12,598 68,347 2,724,330 2,724,330 

53,000 12,110 71,263 2,971,400 1,464,308 

Base standard 14,256 85,003 3,240,640 3,166,015 

 

Table 7: Percentage of species in the carbonate system, estimated using the Pitzer database, when 

the RC brine is modified by changing the NaCl concentration to increase salinity 

Species 1M 1.5M 2M 3M 

HCO3
-
 82.3  84.4  86.2  88.7  

CO2 16.3  14.0  11.9  8.6  

CO3
2-

 0.98  1.1  1.2  1.6  

MgCO3
0
 0.5  0.5  0.6  1.2  

 

Table 8: Percentage of species in the carbonate system, estimated using the PHREEQC database, 

when the RC brine is modified by changing the NaCl concentration to increase salinity  

Species 1M 1.5M 2M 3M 

HCO3
-
 41.4  37.58 33.0 23 

CaHCO3
+
 30.4  30.7 31.8 35 

MgHCO3
+
 17.1  18.61 20.7 27 

CO2 6.7 5.3 4.0 2 

NaHCO3
+
 0 3.7 6.0 9 

SrHCO3
+
 3.4% 3.2 3.2 3 

CO3
2-

 <1% <1% <1% <1% 

 



 

122 

 

Table 9: Percentage of species in the total sulfate system, estimated using the PHREEQC 

database, when the RC brine is modified by changing the NaCl concentration to increase salinity 

Species 1M 1.5M 2M 3M 

CaSO4
+
 37.6 30.5 25.4 18.0 

SO4
2-

 31.3 31.0 29.0 23.4 

MgSO4
0
 27.0 23.3 20.5 16.9 

SrSO4
0
 3.7 28.5 2.2 1.4 

NaSO4
-
 <1% 12% 22.9 40.1 

 

Table 10: Change in Ca
2+

 concentration at 24 h and 30 d using reagent grade CaCO3 

Brine Chane in calcium 

concentration after 24 h 

(mg/l) 

Chane in calcium 

concentration after 30 d 

(mg/l) 

82x LKC 8.03 7.15 

5x LKC -85.6 -19.5 

LKC -86 -45.33 
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Table 11: Activity coefficients estimated using the two databases when the RC brine is modified 

by changing the NaCl concentration 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 PHREEQC PITZER 

% of free Ca2+ ion 99.62 100 

activity coefficient 0.248 0.252 

Ionic strength(M) 1 1 

% of free Mg
2+

 ion 99.99 99.99 

activity 0.3 0.28 

Ionic strength 1 1 

% of free Ba
2+

 ion 99.55 100 

activity coefficient 0.18 0.23 

Ionic strength 1 1 

% of free Sr
2+

 ion 99.6 100 

activity coefficient 0.23 0.25 

Ionic strength 1 1 

% of free Ca
2+

 ion 99.71 100 

activity coefficient 0.45 0.68 

Ionic strength(M) 3 3 

% of free Mg
2+

 ion 99.51 100 

activity 0.709 0.867 

Ionic strength 3 3 

% of free Ba
2+

 ion 99.81 100 

activity coefficient 0.28 0.46 

Ionic strength 3 3 

% of free Sr
2+

 ion 99.73 100 

activity coefficient 0.34 0.54 

Ionic strength 3 3 
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Table 12: Change in concentration between the initial and final measurements for cations in the 

80:20 DC:RC brine mixture 

Ion ICP measurement 

(mg/l) 

Calculated 

concentration 

(mg/l) 

Change in 

concentration 

(mg/l) 

STD* 

(mg/l) 

Mg 765 786 20 4.2 

Ca 2454 2401 -53 37.1 

Sr  445 464 20 0.4 

Ba 369 370 1 2.1 

* STD = standard measurement error (as determined by the ICP instrument software) 

Note: A dilution factor of 500 was used to convert the concentration measured using ICP into the 

concentration reported in the table. 

Table 13: Change in concentration between the initial and final measurements for cations in the 

50:50 DC:RC brine mixture 

Ion ICP measurement 

(mg/l) 

Calculated 

concentration 

(mg/l) 

Change in 

concentration 

(mg/l) 

STD 

(mg/l) 

Mg 1463 1462 -1 34.2 

Ca 4991 5074 83 108.9 

Sr  958 1028 70 22.5 

Ba 227 233 5 3.5 

Note: A dilution factor of 500 was used to convert the concentration measured using ICP into the 

concentration reported in the table. 
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Table 14: Change in concentration between the initial and final measurements for cations in the 

20:80 DC:RC brine mixture 

Ion ICP measurement 

(mg/l) 

Calculated 

concentration 

(mg/l) 

Change in 

concentration 

(mg/l) 

STD 

(mg/l) 

Mg 2187 2138 -49 39.5 

Ca 7885 7747 -138 182.1 

Sr  1545 1592 47 31.4 

Ba 90 95 6 2.1 

Note: A dilution factor of 500 was used to convert the concentration measured using ICP into the 

concentration reported in the table. 

 

 

 

 

 

 

 

 

 

 

 


