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ABSTRACT 

Impact of Fe(II) and Fe(III) on scale inhibitor: application to scale control in 
oil and gas systems  

by 

Zhang Zhang 

The effect of Fe(II) on the performance of barite scale inhibitors was tested using an improved 

anoxic testing apparatus. Inhibitors were tested with from 1 to 50 mg/L Fe(II) at 70oC and near 

neutral pH conditions. Most scale inhibitors show good Fe(II) tolerance at experimental 

conditions, while some phosphonates based scale inhibitors were significantly impaired by Fe(II). 

The formation of insoluble precipitates between Fe(II) and phosphonate is very likely the reason 

behind this detrimental effect. Fe(III) can significantly impair the performance of all scale 

inhibitors even at extremely low concentrations. However, the mechanism of this detrimental 

effect has not been studied. In this research, an analytical ultracentrifuge was utilized to separate 

ferric hydroxide nanoparticles from the aqueous phase. Scale inhibitor concentration in the 

aqueous and particle phases were measured and compared with barite induction time data. The 

mechanism of Fe(III) effect on scale inhibitor was experimentally shown a result of adsorption of 

scale inhibitor onto ferric hydroxide nanoparticles in solution. If inhibitors are added in excess of 

the adsorption ability of the ferric hydroxide particles, the remaining scale inhibitors in the aqueous 

phase can still provide inhibition. EDTA and citric acid, two of the most common organic chelating 

agents used in oilfield, were tested for their ability to reverse the detrimental effect of Fe(III) on 

scale despite the fact the EDTA is a much stronger chelating agent. The mechanistic difference 

between EDTA and citrate is discussed.  
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Chapter 1. Research objective 

Inorganic mineral scaling problem in oilfield causes millions of dollar loss every year. Scale can 

form because of temperature and pressure change or when incompatible water are mixed 

downhole. Scale deposition can happen in reservoir, transport tubing all the way to surface 

equipment(Crabtree, Eslinger et al. 1999). To treat scaling problem, the most common method is 

to inject chemicals scale inhibitors downhole with water. Some inhibitors are called threshold scale 

inhibitors. They can prevent large amount of scale from formation at extremely low concentration, 

usually a few mg/l, which is very cost-effective therefore widely used in production. However, 

their compatibility with common inorganic cations has not been thoroughly investigated. 

Incompatibility with cations could result in precipitation of scale inhibitors downhole and cause 

treatment failure. To prevent such failure, research regarding the interaction between common 

cations in brine and scale inhibitors is very important.  

 

Ferrous iron (Fe(II)) is one of the most common cations existing in oil and gas production water. 

Depending on the geochemistry on the producing formation, the type of hydrocarbon produced 

and the characteristics of the producing well, the concentration of Fe can vary from several mg/L 

to hundreds of mg/L. Typically, during production process the produced water remains anaerobic 

in the oil wells, Fe should remain as Fe(II). However, oxidation of Fe(II) could still happen due to 

pump leakage and when produced waters flow close to the surface. Also, magnetite has been found 

in oil wells, suggesting that Fe(III) can be formed even in strictly anoxic conditions. 

 

Fe in produced water have two major sources. One is from the prolonged contact with iron 
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containing mineral such as siderite (FeCO3), chlorite ((AlSi3O10)Mg5(Al,Fe)3(OH)3), pyrite (FeS2) 

and Ankerite (Ca(Mg,Fe)(CO3)2) in formation(PAYKANI and MARDAN). The other source is 

from corrosion of the pipelines. Under anaerobic condition, iron is oxidized to Fe(II) through 

reduction of water molecule which generates hydrogen. 

 

The presence of iron ions in solution can have multiple effects on produced water chemistry. 

Fe(III) is extremely insoluble in water and forms various iron oxide precipitates which causes 

asphaltic sludging formation damage and adsorption of production chemicals. Fe(II) is much more 

soluble than Fe(III) and does not form precipitates easily at common oilfield pH condition. 

Compared to other common cations e.g. Ca2+ and Mg2+, Fe(II) has a higher complex stability 

constant with some common inhibitor function groups like phosphonate and carboxyl due to its 

transition metal nature. However, few publications in the literature have investigated the effect of 

Fe(III) and Fe(II) on mineral scale inhibitors and no systematic research has been done to 

investigate the mechanism of this effect and how to overcome this effect.  

 

This research utilizes laser light scattering nucleation detection apparatus to study the effect of 

Fe(II) and Fe(III) on scale inhibitor performance. The mechanism behind the detrimental effect of 

Fe(II) and Fe(III) on scale inhibitor performance is investigated and organic chelates are utilized 

in attempt to revere this detrimental effect. This thesis is organized as follows: Chapter 2 introduces 

research background. Chapter 3 gives a detailed description of the laser nucleation detection 

apparatus. Experiments involving Fe(II) is done by remodeled laser apparatus to adapt to the 

anoxic condition. Chapter 4 and Chapter 5 gives experimental results of Fe(III) and Fe(II) effect 

on scale inhibitor performance respectively. Chapter 6 is summary and future work. Chapter 7 is 
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reference.    
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Chapter 2. Background and literature review 

2.1 Scale problem in oil and gas production  

Few production problems strike fear into the hearts of engineering the way scale can(Crabtree, 

Eslinger et al. 1999). Scale, like those found in tea kettles and home plumbing, can result in 

millions of dollars - loss in oilfield production processes. Scale precipitation is caused by the super-

saturation of excessive amount of cations, such as Ca2+, Ba2+, Mg2+ combining with anions like 

CO3
2-, SO4

2-. While the solubility product of a certain solid is above its Ksp value under a certain 

condition, precipitation will happen. Scale can deposit from injection, through reservoir all the 

way to surface equipment. Table 1 lists some of the most common mineral scales found in oilfield. 

When there is pressure and temperature change and incompatible water mixing, scale could 

precipitate from the water that occurs naturally in reservoir or produced water injected downhole 

for enhanced recovery. 

 

Brine composition from different zones of the formation might be quite different and form 

precipitation when mixed in pipes. Also, wastewater from other industry is usually utilized as 

fracturing fluid to crash the rocks containing oil and gas. For example, acid mine draining 

wastewater is used for shale gas exploitation. Once the wastewater having extremely high SO4
2- 

concentration meets downhole brine, barite precipitation could happen in a very fast rate and block 

pipes. Scaling can also happen due to the pressure and temperature change along the transport 

process, large amount of scale could accumulate onto the inner surface of a pipe. For example, the 

solubility of CaCO3 dropped drastically with increasing temperature, as shown in the graph below. 

When pipes go further down into formation, previously unsaturated solution might become 

supersaturated with calcium carbonate. With the exploitation of oil and gas going deeper down the 
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formation, people are facing the challenge of high temperature and pressure. Typical temperature, 

pressure and TDS in the working depth of the formation might reach 150-200℃, 1,000-1,500 bar 

and 300,000 mg/l.Scale forms in different rates. Some pipes can remain unblocked for several 

months, but some might be blocked in one day.  

Table 1. Common types of mineral scale 

Mineral Formula 

Calcite CaCO3 

Anhydrite CaSO4 

Gypsum CaSO4﹒2H2O 

Barite BaSO4 

Celestite SrSO4 

Mackinawite FeS 

Pyrite FeS2 

Halite NaCl 

Fluorite CaF2 

Sphaerlite ZnS 

Galena PbS 

Siderite FeCO3 
 

Scale can develop in formation pores near wellbore resulting in a loss of permeability (as shown 

in Figure 1) or develop in transportation tubing (see Figure 2 and Figure 3). Moreover, scale build-

up can also result in injection-well and production-well damage (see Figure 4 and Figure 

5(Crabtree, Eslinger et al. 1999)). 
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Figure 1. Matrix damage resulting from scale deposition in formation(Crabtree, Eslinger et 
al. 1999) 

 

Figure 2. Scale in tubing(Crabtree, Eslinger et al. 1999) 
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Figure 3. Oilfield tubing blocked by scale 
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Figure 4. Injection-well damage caused by scaling(Crabtree, Eslinger et al. 1999) 
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Figure 5. Production well damage caused by scaling(Crabtree, Eslinger et al. 1999) 

 

 

It is expected that the oilfield scaling problem will become worse and more expensive. The 

reasons are as follows:(http://petrowiki.org/Scale_problems_in_production) 

1. Tendency to longer tiebacks 

2. Use of smart wells (integrity more critical) 

3. More gas production (gas well formations tend to be more delicate) 

4. Need to use greener chemicals 

5. Increasing amounts of produced water 
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2.2 Common scales 

Common scales contain carbonate, sulfate and sulfide scales. Sodium chloride (halite) is also 

important. The solubility of some scale, like carbonate and sulfide scale, is pH-sensitive. But 

some scale, like sulfate and sodium chloride, is insensitive to pH. The following sessions will 

give a brief introduction to the properties of these kinds of scale. 

 

2.2.1 Carbonate scale 

2.2.1.1 Calcium carbonate 

Calcium carbonate consists of three crystal phases---calcite, aragonite and vaterite, shown in 

Figure 6.Calcite is one of the most ubiquitous mineral and is the stable form of calcium carbonate. 

A large number of organism make their shells and skeletons by calcite or aragonite. Calcite 

normally exists in igneous mineral, sedimentary rocks and fossils. Earth contains about 12% by 

weight of calcite and related carbonate minerals(Kan and Tomson 2012).   

 

Calcite belongs to trigonal-rhombohedral crystal system. Most calcite is relatively pure (Deer), 

Many divalent ions can partition into the calcite crystals, but in relatively small amount. Mn can 

be up to 42 or 50 mol percent. Also, in natural samples, Fe is found to exist up to 5 to 10 mol 

percent (Deer). Hamad et al. has investigated the stoichiometry of FeCO3/CaCO3 solid 

solution(Alsaiari, Yean et al. 2008).  

 

Precipitation of calcite happens when there is a pressure drop or temperature raise. When pressure 

drops below bubble point of carbon dioxide, CO2 will escape from the solution, increases the pH 



11 
 

 

value and causes precipitation. When temperature raises, the solubility of calcite drops and results 

in precipitation. In oilfield production, pure calcite scale is rare. 20% of Fe and Mgalways 

corperate into calcite (Kan and Tomson 2012). Strontium (Sr2+), Lead (Pb2+) and Manganese 

(Mn2+) are other kinds of ions that usually integrated into calcite. Dolomite (CaMg(CO3)2) is very 

difficult to form under standard temperature and pressure and has never been synthesized in 

laboratory condition. 

 

Figure 6. SEM picture of calcite, aragonite and vaterite (Tang, Thompson et al. 2009) 

 

2.2.1.2. Iron carbonate  

Ferrous carbonate occurs as natural siterite and a major source of iron in groundwater. FeCO3 often 

serves as a corrosion-protective layer on carbon steel tubing to prevent further corrosion. In some 

wells, there is a high partial pressure of CO2, which can cause severe corrosion. A deposit of thin 

FeCO3 layer always protect the tubing wall from further corrosion. Especially in downhole 
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condition, the environment is very reductive. The possibility of forming FeCO3 in the presence of 

dissolved Fe(II) from tubing becomes significant. At low temperatures FeCO3 is slow to form, but 

so is corrosion. As the temperaure increases to about 100°C, the rate of FeCO3 formation 

accelerates. Somewhere between 90° and 110°C, FeCO3 will begin to decompose and form 

magnetite, Fe3O4, which is a better corrosion-prevention film.Greenberg et al. studied the 

precipitation and dissolution kinetics of iron carbonate(Greenberg and Tomson 1992). 

 

2.2.2 Sulfate scale 

2.2.2.1 Barium sulfate 

Barite is the mineral name for barium sulfate (BaSO4). Barite is one of the least soluble sulphate 

mineral. Sulfate scale are usually formed when formation water and injected seawater mix. And 

the mixing occurs in the near-wellbore region of the producing wells, it causes precipitation of 

sulfate scales as formation damage. Unlike calcium carbonate scale, the precitation of varite is 

easier to control since it is not influenced by changing pH or gas phase composition. The removal 

of barite in oilfield is notoriously hard (Kelland 2014). In sereve scaling cases, it has to be removed 

by mechanical means such as milling or jet blasing(Kelland 2014). There is only one chemical 

class capable that has been consistently used in the feld for dissolving barium sulfate scale at an 

appreciable rate and that is the salts of diethylenetriamine pentaacetic acid (DTPA) at pH higher 

than 12(Kelland 2014). It is widely applied due to its efficiency and relatively lower cost than other 

dissolvers e.g. ionic liquids. The reaction of barium sulfate with DTPA dissolvers (in Figure 7) is 

slow at room temperature, but can be improved at downhole temperatures and under good 

agitation.  
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Figure 7. Structure of DTPA (Kelland 2014) 

 
Due to its severe damage to oilfield and an easy-to-control precipitation process, barite is chosen 

to be the scale to study for this research.  

 

2.2.2.2 Calcium sulfate  

Calcium sulfate is easier to deal with compared to other sulfate scale. It has three major phases, 

anhydrite (CaSO4) and gypsum (CaSO4﹒2H2O) and hemihydrate (CaSO4·1/2 H2O). These three 

phases could transform between each other depending on temperature, water activity, pressure and 

supersaturation state. Calcium sulfate usually occurs when injection water (e.g. seawater) containg 

high concentration of sulfate mix with formation water with a high Ca2+ concentration, or when 

temperature and pressure change from downhole to surface. There is a large pressure effect on 

anhydrite solubility at lower temperature and less pressure effect at high temperature. Therefore, 

pressure drop can be a major cause of CaSO4 scale in producing wells. Also, calcium sulfate 

precipitation can result from an increase in temperature during the processing of the brine on the 

surface (e.g., heater), membrane filtration, steam flood, or when large quantities of thermodynamic 

hydrate inhibitors are used for hydrate control ((Kan, Fu et al. 2002, Kan, Fu et al. 2003, Lu, Kan 

et al. 2010)). In the presence of methanol or MEG, as hydrate inhibitors, anhydrite was observed 

at much lower temperatures than expected due to the lowering water activity in the presence of 
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methanol or MEG. Also, many of the inhibitors that are effective against barite and calcite do not 

prevent calcium sulfate nucleation and growth, probably because Ca-Inhibitor solids form pseudo-

scale before inhibition occurs, but more research is needed. 

 

2.2.2.3 Strontium sulfate 

Celestite is the mineral name for strontium sulfate (SrSO4) and belongs to the orthorhombic crystal 

system (SEM picture of celestite shown in Figure 8). Celestite can be precipitated by migrating 

strontium-bearing ground water or basinal brines in carbonate rocks, concretions and modules; in 

hydrothermal veins and mafic volcanic rocks. Strontium sulfate is considerably more soluble than 

barium sulfate, but it is typically less soluble than calcium sulfates. Strontium sulfate solubility 

decreases with temperature. Until the advent of seawater injection in the Middle East, pure SrSO4 

was seldom observed and was not considered a major problem in water injection operation. 

However, serious SrSO4 scale problems have occurred in the producing wells in a number of 

Middle East fields after breakthrough of seawater, due to mixing of the sulfate bearing seawater 

and the strontium in the formation waters in the producing wellbores. 

 

Figure 8. SEM picture of Celestite (Wang, Zhen et al. 2011) 
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2.2.2.4 Sulfide scale 

Although sulfide scales are less common than carbonate and sulfate scales but still they can cause 

serious problem. Some formation water naturally contain some hydrogen sulfide, but for oil wells, 

most hydrogen sulfide comes from the reduction of sulfate in injected water by sulfate-reducing 

bacteria. Many of the deeper and hotter gas fields contain 25 percent by volume, or more. FeS is 

the most common sulfide scale which forms mainly from the corroded Fe(II) from steel tubing 

combining with sulfide. Other two sulfide scale are even more sparingly soluble sulfide, ZnS and 

PbS. Mixed Zn/Pb sulfide scale appears to be quite common in high pressure, high temperature 

wells in North Sea. Considering the importance of these materials to production, surprisingly little 

is known about the prediction and control of metal sulfide deposits. A good threshold inhibitor for 

sulfide scale has not been discovered as those for Calcium Carbonate or Barium Sulfate scale 

(Kelland 2014).  

 

2.2.2.5 Halite 

Sodium chloride is much more soluble than scales described above. Halite does not typically form 

in less than about 320,000 mg/L TDS brine in oilfield condition. Its solubility increases with 

increasing temperature. The salt is common particularly in high pressure high temperature wells. 

Therefore, as temperature decreases, the salt could become saturated and start to precipitate. Also, 

the other major source of NaCl scale is from water evaporation and pressure. Halite solubility is 

reduced in the presence of methanol. In the presence of methanol, halite scale can become a 

problem at much lower TDS values, circa and above 180,000 mg/L(Kelland 2014). 
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2.3 Crystallization 

Crystallization of minerals undergoes two stages, nucleation and crystal growth. This section will 

introduce classic nucleation and crystal growth theory. 

 

2.3.1 Nucleation mechanism 

Nucleation is composed of primary nucleation and secondary nucleation. Primary nucleation refers 

to nucleation systems that do not contain exising crystals. While secondary nucleation refers to 

nucleation happening in supersaturated solution while crystals are present. The crystals act as seeds 

to induce nucleation to happen.  

 

Primary nucleation include homogeneous nucleation and heterogeneous nucleation. 

Heterogeneous nucleation is induced by foreign particles like dust, colloids, aerosols. While 

homogeneous nucleation happens spontaneously, caused by molecular collision as shown in 

Figure 9. The formation of crystal nuclei is usually a series of bimolecular collision. The nuclei 

has to reach a critical size in order to resist the tendency to redissolve. Once the nuclei exceeds the 

critical size, it will become stable and continues to grow.  
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Figure 9. Homogeneous and Heterogeneous nucleation(Crabtree, Eslinger et al. 1999) 

 

2.3.1.1 Homogeneous nucleation 

The overall excess free energy of a particle forming from a solution can be expressed as  

 2 34
4

3
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----the surface excess free energy, which is the free energy between the surface of particle and 

bulk of the particle 

----volume excess free energy, which is the free energy between a partcle and the solute in the 

solution.  

γ----interfacial tension between the crystalline surface and the saturated solution 

----the free energy change of the transformation per unit volume 

𝑑∆𝐺
𝑑𝑟

= 8𝜋𝑟𝛾 + 4𝜋𝑟2∆𝐺𝑣 = 0 

we have  

rc = −2𝛾
∆𝐺𝑣

, plug into the equation, we get ∆𝐺𝑐𝑟𝑖𝑡 = 16𝜋𝛾3

3(∆𝐺𝑣)2 = 4𝜋𝛾𝑟𝑐
2

3
 

When r=rc, the crystal has the largest value of free energy. The behavior of the crystal, whether it 

will grow or dissolve, should lower the value of free energy. Therefore, the particles smaller than 

the critical size tend to dissolve while those bigger than the critical size will continue to grow.  

Classic nucleation rate is expressed as  

J = 𝐴𝑒−∆𝐺
𝑘𝑇 

where k is the Boltzmann constant,  

R is gas constant, 8.314 J/K mol 

N is the Avogadro number, 6.023*1023/mol 

Gibbs-Thomson relationship gives 

𝑙𝑛𝑆 =
2𝛾𝑣
𝑘𝑇𝑟

 

 

SG'

VG'

vG'

*

c
S

c
 



19 
 

 

c----the solution concentration 

c*----the equlibrium saturation at the given temperature 

----interfacial tension 

From above equations, we get −∆𝐺𝑣 = 2𝛾
𝑟

= 𝑘𝑇𝑙𝑛𝑆
𝑣

, put into nucleation rate equation 

 𝐽 = 𝐴𝑒
−16𝜋𝛾3𝑣2

3𝑘3𝑇3(𝑙𝑛𝑆)2 

The nucleation rate is related to interfacial tension , supersaturation S and temperature. A is a 

factor that is related to the collision frequency (Mullin 2001). 

. 

2.3.1.2 Heterogeneous nucleation 

Heterogeneous nucleation is induced by foreign particles or surfaces, as shown in Figure 9. It is 

common in atmospheric process like condensation. Foreign solids can catalyze nucleation process, 

reduce the energy barrier. So the critical energy barrier of heterogeneous nucleation is typically 

smaller than that of homogeneous nucleation. The relationship between interfacial tension and 

contact angle is shown inFigure 10(Mullin 2001).  

 

Figure 10. The relationship of interfacial tension(Mullin 2001) 

 

γsl = 𝛾𝑐𝑠 + 𝛾𝑐𝑙𝑐𝑜𝑠𝜃 

J

 



20 
 

 

----interfacial tension between solid and liquid phase 

----interfacial tension between crystal and solid phase 

----interfacial tension between crystal and liquid phase 

θ----the angle of contact between the crystalline deposit and the foreign solid surface 

θ depends on the affinity between the crystalline and solid surface. If  equals to 180°, there is 

completely no affinity between the crystalline phase and solid phase. If equals 0°, it is a complete 

wetting situation, which is seeding a supersaturated solution with the desired product crystals. 

indicates partial affinity (Mullin 2001). 

 

The surface energy differs for homogeneous and heterogeneous nucleation, because in 

heterogeneous nucleation, the crystal is also in contact with solid surface.The surface energy for 

homogeneous is 𝛾𝐶𝑊̅̅ ̅̅ ̅𝐴, for heterogeneous is 𝛾𝐶𝑊̅̅ ̅̅ ̅𝐴𝐶𝑊 + (𝛾𝐶𝑆̅̅ ̅̅ − 𝛾𝑆𝑊̅̅ ̅̅ ̅)𝐴𝐶𝑆. CW refers to crystal-

water, CS refers to crystal-solid and SW refers to solid-water(Mullin 2001). 

 

Therefore, interfacial tension is important for predicting the thermodynamicas and kinetics of the 

nucleation process. And interfacial tension is related to the solubility. An empirical relationship 

between interfacial tension and solubility is as follows. 

4𝑟2𝛾
𝑘𝑇

= 4.7 − 0.272𝑙𝑛𝐶𝑠𝑎𝑡 

r----the mean ionic radius (m) 

γ----the interfacial mineral-aqueous solution free energy 

----solubility of the mineral (~Ksp
1/2) 

s lJ

c sJ

c lJ

 

 

 

s a tC
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which indicates the higher solubility a crystal has, the lower the interfacial tension it gets and easier 

to form(Mullin 2001).  

 

2.3.2 Ostwald step rule 

As indicated above, the solid form with the highest solubility will precipitate first because they 

have the lowest interfacial tension between the solid and solution. In other words, the least stable 

form is likely to precipitate first. As Ostwald describes “an unstable system does not necessarily 

transform directly into the most stable state, but into one which most closely resembles its own” . 

It indicates that the direction of reaction might not necessariliy proceed towards the 

thermodynamically most stable one, but the kinetically fastest one. This rule is important for solid 

solution formation since it is almost always in metastable form and cannot always reach 

thermodynamics equilibrium (Mullin 2001). 

 

2.3.3 Crystal growth 

In 1939, Volmer first proposed that crystal growth is actually a discontinuing process, starting by 

atoms and molecules absorbing onto the face of crystals. These atoms and molecules migrate over 

the surface and are attracted to “active centers” and integrated into crystal lattice until one layer is 

completed. Kossel (1934) proposed that instead of a smooth surface, crystal face is composed of 

steps and kinks which accelerates crystal growth rate as shown in Figure 11. Frank (1949) proposed 

that few crystals actually grows in the perfect layer by layer manner. Most crystal surface are 

covered by screw dislocation and grows spirally. Now, people realize that there are several 

complex steps going on in the growth process. Stumm and Morgan describes the basic steps of 
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crystal growth as following steps (Lasaga 2014). 

(1) Transport of atoms and molecules through the solution 

(2) Attachment of atoms to the surface 

(3) Movement of atoms on the surface 

(4) Attachment of atoms to edges or kinks 

 

 

Figure 11. Steps and kinks in the surface of crystal (Lasaga 2014) 

 

2.3.3.1 The diffusion-reaction theories 

The basic steps of nucleation contain two major parts: the transport of ions to the surface of crystal 

(transport process) and the movement of ions on the surface, integration into the crystal lattice 

(surface process).  

The model proposed by Berthoud (1912) and Valeton (1924) proposed that the overall crystal 

growth process as a combination of both diffusion and surface reaction process. And the driving 

force for both process is the concentration difference(Mullin 2001). 

for the diffusion process 

𝑑𝑚
𝑑𝑡

= 𝑘𝑟𝐴(𝑐𝑖 − 𝑐∗) for the surface reaction process 

( )d i

d m
k A c c

d t
 �
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m----mass of solid deposited in time t 

kd----a coefficient of mass transfer by diffusion 

kr----a rate constant for the surface reaction process 

ci---solute concentration in the solution at the crystal-solution inerface(Mullin 2001) 

Assume the overall crystal growth process as a first-order reaction, use kG as the overall crystal 

growth reaction coefficient, we get 

 

By canceling Ci term from the above two equations, we can get  

𝑑𝑚
𝑑𝑡

=
𝐴(𝑐 − 𝑐∗)

1
𝑘𝑑

+ 1
𝑘𝑟

 

 

when kd is much higher than kr,  the process is surface reaction limited 

when kr is much higher than kd,  the process is diffusion limited 

Lasaga also gives some criteria to decide which of the above process is the dominant one (Lasaga 

2014). 

(1) if the rate of growth is surface controlled, there should be very small concentration gradients 

in the reactants within the medium surrounding the growing phase 

(2) The activation energy can also indicate which process is dominant. If the activation energy is 

higher than 5 Kcal/mol, then the process is surface control.  

 

*( )G

d m
k A c c

d t
 �

1 1 1

G d rk k k
 �

G dk k 

G rk k 
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2.3.4 Saturation index 

Ksp is the activity product when a solid is at equilibrium with aqueous phase.  

Take CaCO3 for example, at equilibirum in a certain temperature 

 

𝐾𝑠𝑝 = [𝐶𝑎2+]𝛾𝐶𝑎2+[𝐶𝑂3
2−]𝛾𝐶𝑂3

2− 

 is the activity of Ca2+ 

 is the concentration of Ca2+ 

 𝛾𝐶𝑎2+ is the activity coefficient of Ca2+ 

 

 

2.3.5 Activity coefficient  

There are several equations available to calculate activity coefficients, which should be applied at 

different ionic strength. Figure 12shows the applicability of different equations.  

Ksp = {Ca2+}{CO3
2 }

{Ca2+}

[Ca2+]

SI = log IAP
Ksp(T,P)
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Figure 12. The applicability of different activity coefficient equations (Langmuir 1997) 

 

Davies equation is one of the most used equations for activity coefficient calculation. 

 

μ is the ionic strength of the solution 

𝐴 = 1.82 × 106(𝜖𝑇)−2
3 

)3.0
1

(log 2 P
P

P
J �

�
� AZ
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∈: dielectric constant of the medium 

Z: the charge of ion 

𝜇: ionic strength 

𝜇 =
1
2

∑ 𝐶𝑖𝑍𝑖
2

𝑖

 

where 

Ci: the concentration of ion I, in mol/l 

Zi: the charge of ion 

 

2.3.6 Induction time 

There is usually a period of time elapsed between supersaturation and the appearance of the 

crystals. This amount of time elapsed is called induction time. Induction time might contain several 

different parts as shown in Figure 13 (Mullin 2001). For example, tind can be written as tr + tn + tg. 

tr or “relaxation time” is the time for the system to achieve a quasi-steady-state distribution of 

molecular clusters. tn is the time required for the formation of a stable nucleus. tg is the time for the 

nucleus to grow to a detectable size. To calculate the exact value of each part is very difficult. 

Induction time can be influenced by a lot of factors including temperature, speed of agitation, the 

existence of seed etc. Induction time are usually measured by visual method, laser light scattering 

or electric zone sensing methods (Mullin 2001). Different results might be generated by different 

detection methods. In this research, laser scattering method is used for induction time detection. 

Measured light intensity data is outputed to a software developped by Rice Brine Chemistry 

Consortium. The software is written by Visual Basic in Microsoft Excel. The induction time 

selection principle can be simply put as follows: Light intensity data is rounded to 3 digits, then 
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the mode of the rounded dataset is identified. Average value of the data that is within the range of 

mode±0.001 mA is calculated. Induction time is identified as the first time when the laser signal 

is lower than "average - 0.0005", and all data afterwards are always lower than "average value - 

0.0005". 

 

Figure 13 Desupersaturation curve (Mullin 2001) 

 

The induction time selection software is developped by Rice University Brine Chemistry 

Consortium. Laser intensity signal data is first rounded from 5 digits to 3 digits or 3 digits plus 

0.0005. Then the mode of the rounded dataset is identified and average of the data that are within 

the range of mode ± 0.001mv. Then induction time is identified as the first time when the laser 

signal is lower than “average – 0.0005” and all data afterwards are always lower than “average 

value – 0.0005”.    



28 
 

 

2.4 Scale inhibition 

2.4.1 Introduction 

Scale formation and inhibition are intimately related to each other. After the basic theory of 

crystallization is reviewed, some of the mechanism studies and theories proposed regarding scale 

inhibition, mostly on chemical scale control using scale inhibitors, will be discussed in this section.  

 
Because of the tremendous financial loss caused by scaling, scale inhibition has been widely 

investigated. Scale control is needed primarily in the production facilities, but seawater injection 

and produced water reinjection may also need scale control. Some of the nonchemical scale control 

include desulfation of injected water to prevent sulfate and sulfide scales (Kelland 2014), using 

electric field to prevent scale form in the produced fluid instead of on the walls and 

surfaces( Kelland 2014), scale control using acoustic waves (Kelland 2014), magnetic fields or 

coated surfaces (Kelland 2014). Another option is to let scale form and then remove it using 

chemical dissolver or mechanical methods. More commonly, scale control chemicals are used. 

Therefore, the focus of this research is on scale inhibition chemicals, a.k.a. scale inhibitors. These 

are chemicals which delay, reduce or prevent scale formation when added in small amount to 

normally scaling water. Since 1936, threshold inhibitors have been widely applied rather than 

sequestering agents which has to be added in stoichiometric amounts to inhibit precipitation 

(Kelland 2014). Chemical threshold scale inhibitors generally require the addition of only a few 

milligrams per liter to inhibit scale. Most of the scale inhibitors function by either preventing the 

very tiny crystal precipitate from the water or preventing the precipitated scale crystals from 

adhering to solid surface. The mechanism by which scale inhibitors work is still not fully 

understood. Inhibitors have to be present in supersaturated solution in order to react with crystals 
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for scale inhibition. Therefore, inhibitors need to be applied in upstream of the problem area. 

Inhibitors have to be present in continuous basis which is usually realized by continuous injection 

or “squeeze treatment”. In squeeze treatment, inhibitors are adsorbed onto the reservoirs or tubing. 

Then during flow-back process, the adhered inhibitors are released back into the water phase at 

low concentrations.  

 

There are two classes of scale inhibitors, thermodynamic and kinetic inhibitors. Thermodynamic 

inhibitors are normally complexing and chelating agents like EDTA and nitrilotriacetic acid. HCl 

is also a great thermodynamic scale inhibitor for carbonates and sulfides. These inhibitors work 

by chelating the cation composition ion of scale and lower the saturation index of that scale. While 

kinetics inhibitors prolong scale induction time and retard scale formation. Following are some of 

the standards of scale inhibitors in oil industry(Fink 2011, Kelland 2014).  

 

1. Effective inhibition effect even at low inhibitor concentration; 

2. Compatibility with produced water; 

3. Balance of adsorption on the rock first and then slow desorption into produced water; 

4. Tolerance of high temperature; 

5. Low toxicity and high biodegradability; 

6. Low cost. 

 

Among these standards, #3 is related to the squeeze treatment mentioned above. If inhibitors fail 

to adsorb onto rock first, it will be flushed out from the well and fail to protect the well. However, 

if scale inhibitor adsorbed to rock too strongly with little desorption, there will be little scale 

inhibitor in produced water to prevent scaling. Considering thermodynamic inhibitors are overall 



30 
 

 

much more expensive than kinetic inhibitors and kinetic inhibitors have same good performance 

on scale control, kinetic inhibitors are more popular in the industry. Therefore, the scale inhibitors 

studied in this research are all kinetics scale inhibitors. 

2.4.2 Inhibition mechanism 

As introduced in section 2.3, the process of nucleation and crystal growth is well understood with 

numerous equations and thermodynamic theories proposed. However, no equivalent set of 

fundamental principles that can be used to predict scale inhibition. The nature, amount, or type of 

these interactions of the inhibitor with the crystal/nucleus surface cannot now be predicted from 

any set of fundamental principles of thermodynamics or kinetics. There is only empirical 

observations as of a specific kind of inhibitor is better for scale A than scale B. There is little 

agreement on how to model inhibition at the molecular or process level. This dearth of guiding 

theoretical laws is common to all forms of scale formation, not just in the oil-field produced fluids.  

 

Brine Chemistry Consortium researchers at Rice University have modeled the influence of 

inhibitors on the nucleation time, semi-empirically by assuming a separation of the effect of the 

inhibitor from that of the uninhibited mineral, for example for barite(Liu, Kan et al. 2014): 

log10(𝑡𝑖𝑛𝑑
𝑖𝑛ℎ, 𝑠𝑒𝑐) = 𝑙𝑜𝑔10(𝑡𝑖𝑛𝑑

0 , 𝑠𝑒𝑐) + 𝑏𝑖𝑛ℎ (
𝐿

𝑚𝑔
) ∗ 𝐶𝑖𝑛ℎ(

𝑚𝑔
𝐿

)  

where Cinh is the concentration of inhibitor added and binh is an inhibitor effectiveness term. This 

empirical equation works quite well for a large range of inhibitors and minerals, but is not 

mechanistic in origin. Furthermore, the empirical binh term can become complicated over the whole 

range of pH, T, P, and compositions encountered in oil and gas wells. The advantage of the 

equation is that the effect of the inhibitor is separate from the basic nucleation of the scale forming 
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mineral, but the disadvantage is that there is no fundamental understanding of the binh term to aid 

in estimating its value for a new inhibitor or for additional conditions(Liu, Kan et al. 2014). 

 

There are some intuitive speculations that scale inhibitors must interact with the forming nuclei or 

the growing crystal in some manner(Tomson, Fu et al. 2002). Burton-Caberrara-Frank (BCF) 

spiral growth mechanism theory is always used to interpret inhibition mechanism. In this theory, 

kink sites grow in a spiral. Inhibitors are speculated to work through the adsorption onto the active 

sties and blocking spiral growth. Since only active sites have to be blocked to prevent the spiral 

growth, crystal surface can be covered by less than monolayer of inhibitors. And many equations 

based on this theory will describe the reduction of growth rate proportional to the fraction of the 

crystal surface covered by inhibitor, or by the fraction of the critical coverage. However, it does 

not apply to the critical nature of inhibition. In experimental observation, a few percentages of 

inhibitor concentration change can cause the induction time to increase by 1 or 2 orders of 

magnitude(Tomson, Fu et al. 2002).  

 

It was generally observed that calcium in solution significantly enhances the scale inhibition 

efficiency. Tomson et al. investigated the adsorption mechanism of inhibitor onto crystals and 

concluded that the primary driving force of inhibitor adsorption is hydrophobic repulsion of macro 

neutral inhibitor molecules from liquid solution, instead of the generally presumed specific 

inhibitor-surface interaction(Tomson, Fu et al. 2002). Inhibitor molecules are mostly macro 

molecules and become dissociated in water solution. Inhibitors are often dissociated in solution 

and can form large neutral molecules with existing cations in brine such as Ca2+. Some research 

has similar findings that PPCA scale inhibitor is only effective when dissociated or metal 
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complexed while the un-dissociated PPCA cannot(Liu, Kan et al. 2014).  

 

Except adsorption, lattice substitution is also a possible inhibition mechanism. Inhibitor could 

complex foreign ions which can insert into crystal lattice and distort the lattice structure of target 

scale. Once inserted, foreign ions can distort the lattice and connected inhibitor molecules can form 

a complex surface or crystalline nets(Mullin 2001).  

2.4.3 Common scale inhibitors 

There is a board range of scale inhibitors in the industry. Different scales need different inhibitors 

for better control. Some scale inhibitors, such as SPCA, PPCA, DTPMP and PVS can inhibit 

several kinds of scale especially sulfate and carbonate scale. But they do not work very well for 

halite and sulfide scales probably due to different precipitation mechanism. Hexacyanoferrate salts 

and nitrilotrialkanamides and quaternary salts are two kinds of typical halite inhibitors. Recently, 

a breakthrough discovery of FeS scale inhibitor was announced by Clariant. It is claimed that this 

newly discovered scale inhibitor (SCALETREAT®FeS iron sulfide scale inhibitor) is a truly 

threshold scale inhibitor which prevents FeS scale at much lower dosage than existing chemicals 

such as THPS (tetrakishydroxymethylphosphonium sulfate) and acrolein.  

 

Common scale inhibitors can be divided by functional groups they contain: polysulfonates, 

polycarboxylates and phosphorus (P) containing inhibitors. Non polymers with only sulfonate or 

carboxylate groups are fairly poor inhibitors. Inhibitors with sulfonate or carboxylate groups are 

generally polymers. However, P-containing inhibitors can be divided into several subtypes: 

polyphosphates, phosphate esters, non-polymeric phosphonates, polyphosphonates and 

polyphoninates(Kelland 2014). Also, some inhibitors could contain more than 1 kinds of above 
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function groups. Here in the following secions, one or several representative inhibitor will be listed 

for each category and their application will be discussed briefly.  

 

2.4.3.1 Polysulfonates.  

SPCA and PVS are representative chemicals of polysulfonate scale inhibitors. Polysulfonates have 

many advantages. First, they have high thermal stability, which makes them applicable at high 

temperature oil wells(Kelland 2014). Second, they can be applied in high Ca2+ and Mg2+ 

concentration brine due to lower stability constants with these two ions (Fink 2011). Third, 

sulfonic acid is a strong acid with low pKa value, which enable polysulfonates to work well in low 

pH solution. Furthermore, polymer with vinyl sulfonic acid group has been found to be a great 

killer of barite scale(Fink 2011).  

 

 

Figure 14. Structure of polyvinyl sulfonate 
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2.4.3.2 Polycarboxylates.  

 

Figure 15. Structure of phosphino polycarboxylic acid (PPCA) 

 

Three kinds of polycarboxylic acids are commonly used: polyacrylic acid, polymethacrylic acid 

and polymaleic acid. Polycarboxylates are of low cost and widely applied in oil industry. In the 

molecule structure, polycarboxylates with some percentage of amide, hydroxyl, quantenary amine, 

phosphonate or phosphinate groups could increase their inhibition performance. One good 

example is PPCA (phosphino polycarboxylic acid) which has longer squeeze lifetime, higher 

calcium compatibility and better Barite scale inhibition than polycarboxylic acid.  

 

The disadvantage of polycarboxylate scale inhibitor is its low biodegradability. Recently, some 

more environmental friendly scale inhibitors have been invented such as Carboxy Methyl Inulins 

(CMI). 
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Figure 16. Structure of CMI 

 

2.4.3.3. Polyphosphates and phosphate esters 

Polyphosphates (Figure 18) are common carbonate scale inhibition with high thermal stability. 

They are often used in boiler waters for scale control. Phosphate esters are good inhibitors for 

CaCO3, CaSO4 and BaSO4 scales in neutral and alkaline solution. 

 

 

Figure 17. Structure of polyphosphoric acid 
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Figure 18. Structure of polyphosphate (top) and citric acid phosphate (bottom) 

 

Figure 19. Structure of Triethanolamine phosphate ester 

 

2.4.3.4 Polyphosphonates 

There are two main classes of polyphosphonates, those with a polyamine backbone and those with 

a polyvinyl backbone. They are particularly useful for Barite scale inhibition and for squeeze 

applications.  
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Figure 20. N-phosphonomethylated amino-2-hydroxypropylene polymers 
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2.5 Fe in aqueous solution 

Iron is a metal in the first transition series. It is, by mass, the most common element on Earth, 

forming much of Earth’s outer and inner core. It is the fourth most common element in the Earth’s 

crust.  

 

Iron exists in a wide range of oxidation states, -2 to +6, with +2 and +3 as the most common states. 

Examples of iron in different oxidation state is listed in Table 2.  

 

Table 2. Representative compound structures of various iron oxidation states 

 

2.5.1 Speciation and solubility of Fe(II) and Fe(III) in water 

In solution, most of the iron exists either in Fe(II) or Fe(III) states. In water, ferrous iron can be 

oxidized to ferric iron. The oxidation kinetics is dependent on temperature, O2 level and pH 

Oxidation state Representative compound 

-2 
Disodium tetracarbonylferrate (Collman's 

reagent) 

0 Iron metal 

1 Cyclopentadienylirondicarbonyl dimer 

2 Ferrous sulfate 

3 Ferric chloride 

6 Potassium ferrate 
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(Stumm and Morgan 2012). 

−
𝑑[𝐹𝑒2+]

𝑑𝑡
= 𝑘[𝐹𝑒2+][𝑂𝐻−]2𝑃𝑂2 

 

Where k= 8.0 (±2.5) * 1013 min-1 atm-1 mol-2 liter2 at 20oC. For a given pH, the rate increases about 

tenfold for a 15oC temperature increase. Fe(II) tend to display a greater solubility than do Fe(III) 

constituents.  

 

Fe(II) exists in solution in three forms based on different pH condition. They are Fe(H2O)6
2+, 

Fe(H2O)5(OH)+ and Fe(H2O)(OH)3
-. The water ligand is always omitted so they are always written 

as Fe(II), FeOH+ and FeOH-. Below is in a 0.001M NaCl solution, total Fe concentration = 5.6 

mg/l (0.1mmol/l), temperature=25oC condition, the speciation of these three Ferrous iron 

compounds concentration change with pH. Calculation is done by Visual MINTEQ ver. 3.1. The 

assumption is no precipitation happens in solution.  
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Figure 21. Speciation of Fe(II) species 

 

From Figure 21, we know at low pH range, the dominant species in solution is Fe(II) while at high 

pH range, Fe(OH)3
- becomes more significant. The flip point is between pH 9 and 11. However, 

in Figure 21, precipitation of ferrous hydroxide is not considered. In fact, from pH 10 to pH 13, 

the solution is already supersaturated with amorphous ferrous hydroxide. In Figure 22, the 

solubility of Fe(II) in above solution at different temperature and ionic strength is plotted for 

comparison.  
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Figure 22. Logarithm of solubility (unit: mol/l) of ferrous hydroxide change with 
temperature 

 

We can see from the above graphs that, at acidic condition (pH from 1 to 6), the solubility 

concentration of Fe(II) in this solution is very large.  

 

Besides hydroxide, Fe(II) solubility in water is also determined by carbonate and sulfide 

concentration. In most natural waters, the solubility of ferrous iron is controlled by the solubility 

of FeCO3 (s), In an alkalinity containing water, the CO3
2-, even at low pH, is sufficient to limit the 

iron solubility. The solubility product of FeCO3 is about 200 times smaller than the solubility of 

CaCO3. Thus, for a water which is in equilibrium with CaCO3, its maximum soluble iron is about 

200 times smaller than its calcium content. However, when pH goes beyond 8~9, ferrous 

hydroxide is again controlling the solubility of ferrous iron. Also, the presence of a small amount 
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of sulfide can influence Fe(II) solubility. 

 

There are several aqueous species of Fe(III) in solution. Figure 23 shows the aqueous species 

included in Visual MINTEQ software. The calculation assumes there is no precipitation.  

 

Figure 23. Fe(III) aqueous species in solution change with pH 

 

From Figure 23 we can see, the dominant species of Fe(III)in solution changes with pH. At low 

pH, the dominant species is Fe(III) while at higher pH, it is Fe(OH)4
-. 
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Compared to Fe(II), Fe(III) is orders of magnitudes less insoluble than Fe(II), it is only sparingly 

soluble in aqueous solution at pH above 2. The solubility of Fe(III)is controlled in natural waters 

by the solubility of ferric hydroxide. Visual MINTEQ ver. 3.1 is used to calculate Fe(III) solubility 

in equilibrium with one of the iron oxide species---ferrihydrite. The solubility is plotted in Figure 

24 and compared with Fe(II) solubility in Table 3. 

 

Figure 24. Ferrous hydroxide and ferric hydroxide solubility at 70oC, 0.001M NaCl 
solution 
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Table 3. Solubility of ferrous and ferric hydroxide at different pH, 70oC, 0.001M NaCl 
(Calculated by Visual MINTEQ ver. 3.1) 

pH 
Fe(III) solubility 

 (mg/l) 
Fe(II) solubility 

 (mg/l) 

1 3.21E+07 4.15E+15 

2 3.44E+00 4.15E+13 

3 2.58E-02 4.15E+11 

4 7.82E-04 4.13E+09 

5 6.14E-05 3.91E+07 

6 6.03E-06 2.14E+05 

7 9.46E-07 2.17E+02 

8 3.36E-06 2.71E+00 

9 3.28E-05 1.50E-01 

10 3.32E-04 4.73E-02 

11 3.55E-03 1.51E-01 

12 4.25E-02 1.53E+00 

13 5.54E-01 1.96E+01 

14 6.63E+00 2.35E+02 
 

2.5.2 Iron oxides 

There are fifteen iron oxides, oxide hydroxides and hydroxides known to date (Cornel and 

Shwertmann 1991). Most common iron oxide minerals include Goethite, Akaganeite, 

Lepidocrocite, Feroxyhyte, Ferrihydrite, Hematite, Maghemite, Magnetite. In addition to above 

compounds, Fe(OH)2, FeO (wustite), a β-Fe2O3, a ε-Fe2O3, a high pressure FeOOH, a 

ferromagnetic δ-FeOOH and a crystalline Fe(OH)3 (bernalite) exist(Cornel and Shwertmann 

1991). The solubility products of the different structural forms of iron oxides are not accurately 

known. Feitknecht assumes for Geothite, Lepidocrokite and Hematite, Maghaematite Ksp value 
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of 10-44, 10-42.5, 10-42.5 and 10-41 respectively(Cornel and Shwertmann 1991). And a solubility 

product of 10-36 for amorphous ferric oxide was assumed (Stumm and Morgan 2012).  

 

Iron oxide surface is generally covered with hydroxyl groups. Atoms, molecules, polymers, 

ligands can react with surface groups by following mechanisms (Stumm 1992). 1) Surface 

complexation, including surface hydrolysis, surface coordination with metal and ligands. Surface 

coordination includes formation of inner-sphere or outer-sphere complexes between surface and 

metal ions, or surface precipitates. Metal, ligand and surface can also form ternary complexes. 

Ligand always get adsorbed onto surface through ligand exchange. 2) Electric interactions at 

surfaces. 3) Hydrophobic expulsion. This includes non-polar organic solutes which are usually 

sparingly soluble in water, trying to reduce their contact with water by adsorbing onto solid 

surfaces. 4) Adsorption of surfactants. 5) Adsorption of polymers and of polyelectrolytes, e.g. 

humic substances and proteins(Stumm 1992). 
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Figure 25. TEM image of 2-line ferrihydrite (a) and 6-line ferrihydrite (b) (Cornell and 
Schwertmann 2003) 

 

The iron oxide mineral formed in this research is likely to be ferrihydrite. Both synthetic and 

natural formed ferrihydrite are poorly ordered (Cornell and Schwertmann 2003). The degree of 

ordering is variable and a range of XRD patterns can be achieved. Two extremes of crystal order 

are referred to as 2-line and 6-line ferrihydrite, as shown in the TEM image in Figure 25. The main 

difference between the 2-line and 6-line ferrihydrite is their crystal domains (Cornell and 

Schwertmann 2003). Exact formula for ferrihydrite is not established due to the lack of precise 

separation of structural OH and H2O from adsorbed water.  

 

Surface area of ferrihydrite have been determined by a wide range of methods and are reported as 
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varying between 100 and 700 m2/g, as shown in Table 4 (Cornell and Schwertmann 2003).  

 

Table 4. Surface areas of ferrihydrite measured by different methods (Cornell and 
Schwertmann 2003). 
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2.5.3 pe-pH diagram of iron 

In oxygenated water, Fe(II) can be oxidized to Fe(III). The speciation of Fe(II) and Fe(III) is 

determined by both pH and pe value. The term pe is defined as,,pe=-log10{e-}, where {e-} is the 

effective activity of the electron, in molal units, similar to pH. Note: pe=16.9 E (V). A pe-pH 

diagram is the best way to describe iron speciation in water.  

 

Table 5. Reactions to construct pe-pH diagram (Stumm and Morgan 2012) 
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Figure 26. pe-pH diagram of 10-5 M total Fe and 10-3M total carbonate at 25oC (Stumm and 
Morgan 2012) 

 

2.5.4 Iron in produced water 

Iron ions exist extensively in oilfield produced water. Depending on the geochemistry on the 

producing formation, the type of hydrocarbon produced and the characteristics of the producing 

well, the concentration of Fe(II) can vary from several mg/l to hundreds of mg/l. Guerra et al. 

reported a concentration of 0-1100 mg/l for conventional produced water and 0.001-258 mg/l for 

unconventional produced water from the summarization of numerous studies and USGS produced 

water database(Guerra, Dahm et al. 2011). King et al. reported a concentration of iron from 25 to 
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2000 mg/l for shale gas produced water. Typically during production process, in the oil wells, 

production flow lines, the produced water remains anaerobic, so Fe should remain as Fe(II). 

However, oxidation of Fe(II) could still happen due to pump leakage and when produced waters 

flow close to the surface, and when magnetite (Fe3O4) is produced in anoxic waters by reaction of 

Fe(II) with H+ to form H2 plus Fe(III).  

 

Fe(II) in produced water have two major sources. One is from the prolonged contact with iron 

containing mineral such as siderite (FeCO3), chlorite (Mg5(Al,Fe)3(AlSi3O10)(OH)3), pyrite (FeS2) 

and Ankerite (Ca(Fe, Mg)(CO3)2) in formation (PAYKANI and MARDAN). Especially during 

acid stimulation and CO2 flooding process, reservoir condition become acidic and accelerate the 

dissolution of FeCO3, rust on tubing, and siderite, resulting in elevated concentrations of Fe(II) in 

produced water. The other source is from corrosion of the pipelines. Under anaerobic condition, 

iron is oxidized to Fe(II) through reduction of water molecule which generates hydrogen. 

 

The presence of iron ions in solution can have multiple effects on produced water chemistry. 

Fe(III) is extremely insoluble in water. When pH rises at downhole conditions, such as when acid 

in the treatment fluid becomes spent, it will precipitate and cause formation damage and reduce 

the effectiveness of acidizing operation (PAYKANI and MARDAN , Fink 2011). The release of 

Fe(III) can cause asphaltic sludging formation damage. Sludging is formed by reaction of the iron 

ions with polar groups in asphaltenes in the reservoir oil (Fink 2011). Though Fe(II) is more 

soluble than Fe(III) in brine, it can form iron sulfide and iron carbonate scales which are extremely 

difficult to inhibit. In the production process, there are two classes of iron control chemicals. One 

is to use reducing agents to reduce Fe(III) to Fe(II), such as erythorbic acid or ascorbic acid; the 
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other is using complexing agents a.k.a. sequestering agents or chelates, such as citric acid, EDTA 

and nitrilotriacetic acid (Fink 2011).  

 

2.5.5 Iron-inhibitor interaction 

Only a few publications in the literature have investigated the effect of iron on mineral scale 

inhibitors. The literature can be divided into two categories by the precipitation system studied---

BaSO4 and CaCO3. In CaCO3 system, researchers found Fe(II) has a detrimental effect on scale 

inhibitor performance, especially phosphonates. Cushner et al. found for calcium carbonate 

system, phosphonates inhibitors are significantly impacted but polymer (PAA) and phosphate ester 

(TEAPE) are less affected by Fe(II)(Cushner, Melchior et al. 1990). Shen et al. made similar 

observation in calcium carbonate system that commercial inhibitor chemicals including 

polycarboxylic acid, aminotri (methylene phosphonic) acid and carboxymethyl inulin performance 

dropped sharply at the presence of Fe(II) as low as 5 mg/l (Shen, Shcolnik et al. 2011). Although 

these researchers have not come up with a mechanism of the Fe(II) impact, it could be a combined 

impact of the interaction between Fe(II) with both scale inhibitor and CaCO3. Besides the strong 

binding of Fe(II) with scale inhibitor function groups, Fe(II) itself can serve as a calcite 

precipitation inhibitor(Herzog, Shi et al. 1989). Also, Fe(II) and CaCO3 could form Fe-Ca-CO3 

solid solution with different stoichiometry which changes CaCO3 precipitation kinetics(Alsaiari, 

Yean et al. 2008), probably also inhibition kinetics. Also the observation is consistent with the rule 

that inhibitors are generally the insoluble salts of one of the lattice ions. Fe(II) could serve as a 

CaCO3 inhibitor since FeCO3 is insoluble.  

 

In BaSO4 precipitation systems, the impact of Fe(II) on scale inhibitors is still under debate. 
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Gaffney et al. found that Fe(II) can severely impact DTPMP performance, however the 

experiments were done under aerated conditions, it is not sure whether the detrimental effect is 

due to Fe(II) alone (Gaffney, Jackson et al. 1988). Coleman et al. degassed the brine for 4 hours 

and used tube-blocking test to study the effect of Fe(II) on BaSO4 scale inhibitors(Coleman, 

Graham et al. 1999). They found that polymeric phosphonates and polymeric phosphonate and 

poly-phosphino-carboxylic acid were impaired while polyvinyl sulphonate and sulphonated co-

polymer were unaffected. However, Stoppelenburg et al. investigated the Fe effect on BaSO4 

inhibitor DTPMP under anaerobic and aerobic conditions and found that DTPMP performance is 

severely impaired by Fe(III), but enhanced by the existence of Fe(II) (Stoppelenburg and Yuan 

2000). The reason for the disagreement of results could be accidental oxidation of Fe(II) during 

reaction or that different solution condition used in different studies lead to different interaction 

between Fe(II) and scale inhibitors. Therefore, more systematic research is needed to study the 

Fe(II) effect on inhibitors at different solution conditions using strictly anoxic apparatus.  

 

Friedfield et al. investigated ferrous phosphonate speciation and solubility(Friedfeld, He et al. 

1998). They used phosphonate nitrilotris (methylene phosphonic acid) (NTMP), which is a 

commonly used commercial scale inhibitor. The stoichiometry is found to be Fe2.5HNTMP. The 

dependence of pKsp on temperature and ionic strength is found to be: pKsp = 39.54 − 6.14 𝐼0.5 +

2.181 − 1315/𝑇. The speciation and stability constants of each ferrous NTMP species can be 

calculated. The pKsp change with ionic strength and temperature is shown in Figure 27.  
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Figure 27. pKsp of Fe-NTMP as a function of ionic strength at 25oC, 50oC and 70oC 
(Friedfeld, He et al. 1998) 

 

2.5.6 The application of chelating agents for iron control 

In oilfields one of the most common iron control methods is to use complexing agents. 

Ethylenediaminetetraacetic acid (EDTA), citric acid, nitrilotriacetic acid (NTA) are the most 

commonly used complexing agents for iron (Kelland 2014). They are all strong chelates for iron 

and relatively cost-effective. Several paper have been reported using EDTA, NTA, citric acid or 

their blend for iron control in acid stimulation condition (Ewing, Pabley et al. 1983, Hall and Dill 

1988, Taylor and Nasr-El-Din 1999, Taylor, Nasr-El-Din et al. 1999). EDTA has a much higher 

stability constant with iron than NTA or citric acid, but has low solubility in acidic conditions. 

Another problem with EDTA is that it is not readily biodegradable. NTA is acid soluble and 

biodegradable, but with a lower stability constant than EDTA. Citric acid is acid-soluble and 

environmentally friendly, but it might form Ca-citrate precipitate at high Ca2+ concentration. 



54 
 

 

Shenet al. used citrate to sequestrate iron and found that inhibitor performance wassignificantly 

improved. They attributed the reason to prevention of iron carbonate seed crystals by citrate.(Shen, 

Shcolnik et al. 2011) 
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Chapter 3. Experimental Methods 

In this study, a strictly anoxic bottle-test apparatus is used to investigate the Fe(II) effect on BaSO4 

scale inhibitors at dissolved oxygen level below 5ppb. This bottle test apparatus enables tests above 

room temperature and features a constant Argon purge to prevent oxygen diffusion. 

 

3.1 Experimental Apparatus. 

3.1.1 Fe(III) testing apparatus 

The Fe(III) testing apparatus is based on laser nucleation detection method developed by Yan et 

al. and has been applied to test inhibition efficiency of several scale inhibitors at different pH, 

temperature, and Saturation Index values(Yan, Kan et al. 2014). Setup of the laser apparatus is 

shown in Figure 28. Temperature and mixing of solution are carefully controlled by a digital water 

bath and magnetic stir plate. A photodetector is used to detect laser signal and is connected to a 

multi-meter which transforms laser signal to electronic current in mA. When scale forms, the laser 

light will be scattered by the scale particles suspended in solution which causes decrease of the 

current intensity. Typical data is shown in Figure 29. In this study, induction time is taken as the 

time for the photocurrent to drop indicating particles starting to form and scatter the beam. 

Electronic current is recorded by MeterView software. Electronic current data is imported into a 

software developed by Brine Chemistry Consortium to calculate the induction time. Reagents are 

added by glass syringes. Error of the amount of solution taken by syringe every time does not 

exceed 2%.  
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Figure 28. Setup of the laser apparatus 

 

Figure 29. Typical data acquired using the laser apparatus (condition: barite nucleation at 
T=70oC, 1M NaCl, SI of barite=2.00, pH=6.73, inhibitor=0.3mg/L SPCA) (Yan et al., 2014) 
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3.1.2 Fe(II) testing apparatus 

In this study, the above laser apparatus is remodeled to adapt to anoxic condition and Figure 30  

is a diagram of the anoxic laser apparatus. As shown in Figure 30, high purity Argon gas is flowed 

through the oxygen trap (Supelpure®-O Oxygen Trap, Sigma-Aldrich) and used to purge four 

bottles of stock solutions. Solution volume of each bottle is about 90ml. Metering valves installed 

in the flow line are used to control Argon flow. A 30ml glass vial is used as reaction vessel. Inner 

wall of the glass vial is carefully washed by potassium permanganate before use. A silicone septum 

is installed in the vial lid, allowing needle and tubing to go through.  

 

Figure 30. Anoxic laser nucleation detection apparatus 
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Before an experiment starts, 4 bottles of solutions containing BaCl2, Na2SO4, inhibitor and 

background brine, are sparged vigorously for 15 minutes. CHEMetrics K-7513 ampoules measure 

the dissolved oxygen concentration to be below 5ppb (shown in Figure 31). After background 

brine is purged to anoxic level, pre-weighed amount of hydroxylamine hydrochloride reducing 

agent is put into the solution followed by iron chloride solid. The sparging stones in all four bottles 

are lifted to just above the solution to keep a constant Argon cover. A washed 30ml glass vial is 

purged by Argon for 15 minutes, then the sparging stone is lifted to avoid interfering with reaction. 

Hamilton Gastight® syringes (shown in Figure 31) are used to transfer anoxic solutions from the 

bottles to glass vial. The syringes are connected to needles shown below. Before use, syringes are 

connected to another Argon gas tank as shown in Figure 30. The plunger is pulled back and forth 

for over 20 times to change the air inside to Argon. Then the needle is inserted into the solution 

bottle through a port on the bottle lid, pulled up the solution then quickly inserted to the glass vial 

through the septum to inject solutions. The solutions are injected in the order of Na2SO4, scale 

inhibitor, FeCl2, and then BaCl2. Airtight syringes and the ampoules used in the experiments are 

shown in Figure 31. 

 
 

Figure 31. Left: CHEMetrics K-7513 ampoules used to measure the dissolved oxygen 
concentration. Right: Hamilton Gastight syringes used to transfer anoxic solutions 
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Hydroxylamine hydrochloride (HONH3
+Cl-) is used as reducing agent in this study. 

Hydroxylamine hydrochloride is used to keep iron ions in ferrous state. The reduction reaction is 

expressed in equation (1) and (2) (Bengtsson et al., 2002).  

 

4Fe3+ + 2𝑁𝐻2𝑂𝐻 → 4𝐹𝑒2+ + 𝑁2𝑂 + 6𝐻+ + 𝐻2𝑂   (1) 

2Fe3+ + 2𝑁𝐻2𝑂𝐻 + 2𝑂𝐻− → 2𝐹𝑒2+ + 𝑁2 + 𝐻2𝑂   (2) 

 

In this study, HONH3
+Cl- is added with a molar ratio of HONH3

+Cl-/ Fe(II)=2:1. The reduction 

reaction products do not interfere with reaction and HONH3
+Cl- is found to have little interference 

with BaSO4 precipitation or inhibitor performance.  

 

The anoxic condition of the reactor was tested under 80oC for a 3-hour period. Ferrous iron and 

total iron concentrations are measured by HACH 1,10-Phenanthroline Method and USEPA 

FerroVer® Method. The test is done following the experiment procedures described above. Initial 

total Fe concentration is measured as 0.63mg/l. Fe(II) concentration remains stable within 3 hours 

as shown in Table 6. . Since all experiments in this study are done at 70oC within the period of 3 

hours, Fe should be kept in the ferrous state. 
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Table 6. Fe(II) concentration in the reactor at 80oC. 

Time (hour) Fe(II) concentration (mg/l) 

0 0.62 

1 0.60 

3 0.65 
 

 

Later, the apparatus was further improved by using switching valve instead of syringe to transfer 

anoxic solutions since small amount of Fe(II) oxidation was found probably due to the exposure 

of syringe needle to atmosphere during solution transfer. Figure 32 shows the improved Fe (II) 

testing apparatus. Reducing agent used in experiments is switched from hydroxylamine 

hydrochloride to ascorbic acid.  
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Figure 32. Experimental apparatus 
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Figure 33. Picture of experimental apparatus 

The experimental procedures are as follows: High purity Argon gas is flowed through the oxygen 

trap (Supelpure®-O Oxygen Trap, Sigma-Aldrich) and used to purge four bottles of stock 

solutions: BaCl2, Na2SO4, inhibitor and background brine. Solution volume of each bottle is about 

90ml. These 4 bottles of solutions are sparged vigorously for 15 minutes. CHEMetrics K-7513 

ampoules measure the dissolved oxygen concentration to be below 5ppb. After background brine 

is purged to anoxic level, pre-weighed amount of ascorbic acid reducing agent is put into the brine 

solution followed by weighed iron ammonium sulfate solid. The sparging stones in all four bottles 

are lifted to just above the solution to keep a constant Argon cover. A washed 30ml glass vial is 

purged by Argon for 15 minutes, then the sparging stone is lifted to avoid interfering with reaction. 

It should be noted that in experiments with low Fe(II) concentration (<10 mg/L), Fe(II) stock 

solution is in a separate bottle like shown in Figure 32. When Fe(II) concentration is higher than 
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10 mg/L, iron ammonium sulfate solid is added into the SO4
2- solution bottle. The reason is to 

lower oxidation risk. 6mL Ba2+ and 6mL SO4
2- were taken from for the experiment. To avoid 

dilution thus lowering barite SI, combined volume of inhibitor and Fe(II) taken for experiment is 

around 1mL. Therefore, when Fe(II) testing concentration is beyond 10 mg/L, we need a very high 

concentration of Fe(II) stock solution which can be prone to oxidation. In this case, merging Fe(II) 

and SO4
2- stock solution will solve the problem.  

 

 

Figure 34. Switch valve used in this research 

A switch valve is used to transfer solution from stock solution bottle to reactor. The switch valve 

used in this research is made from PEEK material, purchased from Valco Instrument, as shown in 

Figure 34. The switch valve has several ports surrounding a central port. A gastight glass syringe 

is connected to the central port through PEEK tubing. The central port can be connected to any of 

the surrounding ports by turning the switch on the valve. Take the transfer of SO4
2- solution for 

example: To transfer SO4
2- solution, turn the switch on the switching valve to connect SO4

2- stock 

solution bottle to gastight syringe. The valves on the SO4
2- solution bottle are closed. Argon 

pressure inside the SO4
2- stock solution bottle will build up (but below the pressure tolerance of 

the glass bottle) and push solution from the bottle into the gastight syringe Solution in the gastight 
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syringe will be pushed back into the stock solution bottle and sparged by Argon. Then the above 

procedure will be repeated for 6~7 times. The purpose of repeating the procedure is to eliminate 

the oxygen in the solution as much as possible. After completing this procedure, the switch on the 

valve will be turned to connect the gastight syringe to the injection line. Then the SO42- solution 

in the syringe will be pushed into the reactor. The same procedures are applied to other three bottles 

of stock solutions. A 30ml glass vial is used as reaction vessel. Inner wall of the glass vial is 

carefully washed by potassium permanganate before use. A rubber septum is installed in the vial 

lid, allowing tubing to go through. Reducing agent ascorbic acid is used to help keep Fe(II) in 

reduced state. The advantage of this improved apparatus is that during transfer, the anoxic solution 

was not exposing to atmosphere. Also, Argon gas was used to push solution into syringe rather 

than pulling solution into syringe, which might cause O2 contamination. 

 

The reducing agent used in this research, ascorbic acid, was found not to influence barite 

nucleation or inhibitor performance. Tests were run for 1 hour (all the experiments duration were 

below 1 hour) up to 50 mg/L Fe(II) at experimental condition (1M NaCl, pH 6.74, 400 mg/L Ca2+ 

and 70oC) to observe if Fe(II) got oxidized. There is no yellow color or ferric hydroxide particles 

appearing in solution, which are two visible signs of Fe(II) oxidation. Yellow color and particles 

start to appear after exposing the solution for a while in the air. Therefore, it is assumed that there 

is no Fe(II) oxidation during experiments and any effect to scale inhibitor performance is attributed 

to Fe(II) alone.  

 

Results achieved by these two apparatus is different. These two sets of results will both be shown 

in following chapters respectively.  
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Chapter 4. Fe(III) effect on scale inhibitor performance 

4.1. Experimental results of Fe(III) effect on scale inhibitors  

Experimental results on Fe(III) impact on scale inhibitors is presented in this section. In order to 

simulate oilfield produced water condition, the experiments are conducted at the following solution 

condition: 1M NaCl, 400 mg/l Ca2+, pH 6.74 and 70oC. All the experiments have 400 mg/l Ca2+ in 

the solution to simulate oilfield produced water condition. The stock solution of Fe(III) was made 

by adding known amount of FeCl3. 6H2O solid into 1% HNO3 solution. pH of the Fe(III) stock 

solution is at about 2.0. Fe(III) solution is added into the system by injecting a calculated volume 

(usually below 1 mL) of the Fe(III) concentrated stock solution by glass syringe. Total volume of 

reaction solution is about 13mL. After injecting, Fe(III) stock solution is diluted to the desired 

concentration level. Reaction solution is buffered by 10mM of PIPEs buffer, therefore pH is not 

significantly influenced by the injection of acidic Fe(III) stock solution. Ba2+, SO4
2- and inhibitor 

stock solution are also delivered by glass syringe.   

 

DTPMP, PPCA and PVS are three scale inhibitors with different function groups---phosphonate, 

carboxylate and sulfonate. The structures of inhibitors are shown below in Figure 35.  
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n~139 

Figure 35. The structure of DTPMP (top), PPCA (middle) and PVS (bottom) 

 
Table 7. Barite nucleation kinetics under different scale inhibitors at 1M NaCl, pH 6.74, 70oC 
and 400 mg/L Ca2+ ,barite SI=2.00 condition. The reagents were added in the following order. 
1) SO42- stock solution 2) scale inhibitor stock solution 3) Fe(III) stock solution. 4) Ba2+ stock 
solution. If duplicates were performed, the standard deviations are listed. 

 

Experiment# 
DTPMP 

(mg/L) 
PPCA 

(mg/L) 
PVS 

(mg/L) 
Fe(III) 
(mg/L) 

tind 
 (s) 

1 0 0 0 0 20±3 

2 1.22 0 0 0 2,180±335 

3 1.22 0 0 0.40 241 

4 1.22 0 0 1.00 64±4 

5 1.22 0 0 2.00 22±3 

4 1.92 0 0 0 23,698±933 

5 1.92 0 0 1.00 403 

6 0 1.22 0 0 987 

7 0 1.22  0 1.00 42 

8 0 0 1.22  0 600 

9 0 0 1.22 1.00 67 
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From Table 7, we can see barite nucleation takes an average of 20s when there is no Fe(III) or 

scale inhibitor (exp #1). With 1.22 mg/L DTPMP (exp #2) barite nucleation induction time 

increased to 2,062s. When 1 mg/L Fe(III) was added to exp #2 solution (exp #4), barite nucleation 

time shortened from 2,062s to 41s. Barite induction time increased to about 23,039s with 1.92 

mg/L of DTPMP (exp #4). With 1 mg/L Fe(III) present, barite inhibition time reduces to 403s (exp 

#5) indicating there is some inhibition ability left. Similar impairment of inhibitor performance is 

observed for PPCA and PVS from exp #6-9. From above results, we can see that Fe(III) have 

detrimental effect on the inhibition performance of DTPMP, PPCA and PVS. 

 

4.2 Discussion 

Ferric hydroxide is a sparingly insoluble precipitate in solution. Based on the calculation of Visual 

MINTEQ ver. 3.1 (using SIT theory for activity coefficient calculation), the solubility of 

ferrihydrite at 6.74 pH, 70oC, 1M NaCl, Barite SI=2.00, 400 mg/L Ca2+ is only 3.73*10-11 mol/L 

and the solution is highly supersaturated with respect to various ferric hydroxide minerals, as 

shown in Table 8. Therefore, Fe(III) exists in the form of ferric hydroxide particle at this 

experimental condition.  
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Table 8. Saturation index of various iron oxide minerals at 6.74 pH, 70oC, 1M NaCl, Barite 
SI=2.00, 400 mg/L Ca2+, 1 mg/L Fe(III) condition 

Mineral name Ion activity product log Ksp 
 
Saturation Index 

Fe(OH)2.7Cl0.3 𝑎𝐹𝑒3+𝑎𝑂𝐻−2.7 𝑎𝐶𝑙−0.3  -40.84 7.54 

Ferrihydrite 𝑎𝐹𝑒3+𝑎𝑂𝐻−3  -38.80 5.68 

Ferrihydrite (aged) 𝑎𝐹𝑒3+𝑎𝑂𝐻−3  -39.31 6.19 

Goethite 𝑎𝐹𝑒3+𝑎𝑂𝐻−3  -41.51 7.48 

Hematite 𝑎𝐹𝑒3+𝑎𝑂𝐻−3  -42.71 8.77 

Lepidocrocite 𝑎𝐹𝑒3+𝑎𝑂𝐻−3  -40.63 5.20 

Maghemite 𝑎𝐹𝑒3+𝑎𝑂𝐻−3  -38.81 3.38 
 

The rate of nucleation of a solution can be affected by the presence of traces of impurities in the 

system (Mullin 2001). In some cases, the impurities can be inhibitors. In other cases, they can be 

accelerators. No general rule applies (Mullin 2001). In the presence of a suitable foreign body or 

surface, nucleation can be induced (Mullin 2001). Therefore, one hypothesis for the mechanism of 

Fe(III) effect on scale inhibitors is that precipitated ferric hydroxide particles might provide surface 

nucleation sites in the solution and accelerate barite nucleation. Experiments were conducted to 

test this possibility at a condition of barite SI=1.50, 400 mg/L Ca2+, 1M NaCl, pH 6.74 condition 

with 0, 0.4, 1.6 and 2 mg/L Fe(III). Experiment temperature was also maintained at 70oC, but SI 

is lowered from 2.00 to 1.50 to give sufficient long barite induction time to observe any difference. 

Table 9 shows the experimental results.  
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Table 9. Barite nucleation induction time in the presence of different Fe(III) concentration 
level 

Fe(III) concentration 
(mg/L) 0 0.4 1.6 2 

Induction time 246s, 316s 302s, 276s 256s, 291s 261s, 275s 
 

Single factor ANOVA with duplication statistical analysis (Excel 2013) shows that the barite 

nucleation induction time with 0, 0.4, 1.6 and 2 mg/L Fe(III) are not significantly different, P = 

0.8485. Therefore, acceleration of barite nucleation by ferric hydroxide particles might not be 

responsible for the reduction of barite inhibition time at this experimental condition.   

 

Ferric hydroxide particles are known to strongly adsorb anions (Dzombeck and Morel, 1990). The 

surface of ferric hydroxide is covered with active hydroxyls function groups (freshly precipitated 

ferric hydroxide is typically assumed to have a surface area of about 600 m2/g with about 2 active 

sites per nm2, Visual Minteq 3.1). Therefore ferric hydroxide particles could adsorb inhibitor 

molecules and reduce their barite inhibition ability. Phosphonates are known to strongly adsorb to 

hydroxides (Nowack and Stone, 1999). Ferric hydroxide also strongly adsorbs various organic 

anions such as carboxylic, oxalate, sulfonate, lactate etc (Cornell and Schwertmann, 2003). 

Therefore, another possible explanation for Fe(III) detrimental effect on scale inhibitors is the 

adsorption of scale inhibitors onto the surface of ferric hydroxide particles. When Fe(III) stock 

solution is added into the solution at pH 6.74, Fe(III) immediately precipitates as ferric hydroxide 

colloidal particles. If scale inhibitors were absorbed onto the ferric hydroxide surfaces, the 

inhibition would be reduced. Any remaining unabsorbed scale inhibitor would still inhibit barite 

precipitation. 
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To test the hypothesis that the Fe(III) effect is due to precipitation and subsequent adsorption of 

inhibitor from solution, three conditions must be met: 

 

1. There is inhibitor loss from the aqueous phase after the addition of Fe (III) stock solution;  

2. The amount of inhibitor that disappears from the aqueous phase is in the solid ferric hydroxide 

phase; and  

3. The concentration of inhibitor remaining in the aqueous phase matches the barite induction time 

observed at the same concentration of the free inhibitor. 

 

Figure 36. The analytical ultracentrifuge machine, tube and rotor used in this research 

 

To test these three criteria, we needed to completely separate the ferric hydroxide particles from 

the solution and measure the scale inhibitor concentration remaining in the aqueous phase and 

adsorbed to the particles. DTPMP was chosen as a representative scale inhibitor because it is 
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commonly used (refs). Also, the concentration of DTPMP can be readily measured (refs). 

 

The ferric hydroxide particles were so fine that they passed through a 0.02 nm membrane filter. 

After centrifugation at 5000, 10000 and 20000 rpm, supernatant still contained more than 50% of 

initial Fe(III) concentration. Therefore, an analytical ultracentrifuge (BC Optima L-80XP 

ultracentrifuge was run at 45000 rpm for 40 min. The ferric hydroxide particles appeared to have 

been separated from the solution. Using ICP-OES after the ultracentrifuge the concentration of 

Fe(III) in the supernatant was 0.169 ± 0.01 mg/L, probably suggesting that still some of the ferric 

hydroxide fines remained in solution. Experiments were conducted at room temperature because 

the ultracentrifuge machine could only be operated below 40oC, and the adsorption of DTPMP 

onto ferric hydroxide particles might shift during the ultracentrifugation. Background brine (1M 

NaCl, pH 6.74, 400 mg/L Ca2+) Fe(III) and DTPMP stock solutions were mixed at room 

temperature. 10mM PIPEs was used as buffer to keep solution pH at 6.74. The mixture was then 

put into analytical ultracentrifuge to separate particles from aqueous solution. After successfully 

completing the particle-solution separation, a known mass of the supernatant was removed by 

plastic pipette. Concentrations of DTPMP and Fe(III) in the supernatant were measured by ICP-

OES. Remaining mass in the ultracentrifuge tube was acidified by adding 0.1ml of 8N HCl to 

dissolve any existing ferric hydroxide particles. Immediately after adding the 8N HCl a white 

precipitate was observed, which was probably the acidified PIPEs buffer .The acidified solution 

with the white precipitate was filtered through 0.45um filter paper. The retentate was collected and 

put into 0.1mM NaOH, after which it slowly dissolved. No significant amount of Fe(III) and 

DTPMP was found in the retentate. DTPMP and Fe(III) concentration in the filtrate was also 

measured. Experiments following above procedures were conducted at two conditions as shown 
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in Table 10. For each experimental condition, two experiments were conducted. 

 

 

 

 

 

 

 

 

 

 

 

 
 

 

Figure 37. Schematic procedure of adsorption experiment 

 
Figure 38. Structure of PIPEs buffer 

  

 

 

 

 

1. Mixing brine (1M 
NaCl, pH 6.74, 400 
mg/L Ca2+ ),  
Fe(III) and DTPMP 

2. Analytical 
ultracentrifuge, 
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room temperature 

   supernate     
3. ICP OES 
measurement  
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rest of the 
solution, 
dissolve 
particles and 
measure Fe 
and DTPMP 
conc. Using 
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Table 10. Experimental condition at 25oC, pH 6.74, 400 mg/L Ca2+ 

 

 

Table 11. Measurement of DTPMP and Fe in the supernatant after ultracentrifuge 

 

The measurement of P was done by ICP-OES. Since P concentration in both cases are very low 

for ICP-OES, they were both measured at axial mode and good linear standard curve were 

achieved. Standard curve of P and Fe is shown in Figure 39. ICP-OES was adopted to do P 

measurement instead of using HACH method in this case. HACH method is a very accurate 

method for detection of low concentration organic Phosphorous as introduced previously. 

However, a relatively high concentration of organic buffer in the solution exerts some difficulty to 

UV digestion process.  

 

From the data in Table 10 and Table 11, it is possible to confirm our hypothesis that the effect of 

Fe(III) on inhibition is by removing inhibitor from solution. By combining data from Table 10 and 

Table 11, the concentration of DTPMP for experiments 1 and 2 dropped from 2.29 mg/L (initial) 

to 1.26 and 1.27 mg/L (after ultracentrifugation). In experiments 3 and 4, DTPMP concentration 

dropped from 3 mg/L (initial) to 2.07 and 1.98 mg/L (after ultracentrifugation). In both cases, there 

Experiment # Initial DTPMP (mg/L) Initial Fe(III) (mg/L) 
1&2 2.29 1 
3&4 3 1 

Experiment # P (mg/L) DTPMP (mg/L) 
1 0.344 1.27 
2 0.340 1.26 
3 0.561 2.07 
4 0.535 1.98 
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was about 1 mg/L DTPMP lost from the aqueous phase. Assuming ferrihydrite is the initial Fe(III) 

precipitate with a reported surface area of 600 m2/g and molecular wt. of 106.86 g/mole, (Liu and 

Mallero, 1999), 1 mg/L Fe(III) corresponds to 1.91 mg/L of ferrihydrite with a surface area of 1.15 

m2. It has been reported that 1 mg of DTPMP covers about 1 m2 of surface area (Tomson et al. 

2004). In this experimental condition, we find 1mg/L Fe(III) corresponds to ~1 mg/L DTPMP 

adsorbed. Therefore, we would expect the ferrihydrite to adsorb a maximum of about 1.15 mg of 

DTPMP per liter, as was observed. Similar was found in the mass balance experiments reported 

next. 
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Figure 39. ICP-OES standard curves for P and Fe 

 
Mass balance was confirmed to within experimental error using the first experimental conditions 

in Table 10 for both Fe(III) and DTPMP. Three mass balance experiments were conducted. The 

measurement results and mass calculation are shown in Table 12.  
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Table 12. Mass balance calculation of DTPMP and Fe(III) 

12a. Mass balance calculation of DTPMP 

 
12b. Mass balance calculation of Fe(III) 

 

*Data in this column was calculated by DTPMP concentration in the supernatant multiplied by 

the mass of supernatant taken for ICP-OES measurement. The mass of supernatant taken is 

varied every time.  

 

The recovery rate of Fe and DTPMP are both between 78% and 83%. The reason for the systematic 

difference is not known, but might have been due to some unknown loss in the analytical 

ultracentrifuge or incomplete solid dissolution and measurement. At the end of the mass balance 

# 

Mass of  
DTPMP in 
supernate* 

Mass of  
DTPMP in 

filtrate 

Mass of 
DTPMP 

combined 

Total mass 
of DTPMP 

added Recovery rate 

5 0.0079mg 0.0166mg 0.0245mg 

0.030mg 

82% 

6 0.0095mg 0.0152mg 0.0248mg 83% 

7 0.0094mg 0.0141mg 0.0235mg 78% 

# 
Mass of Fe  
in supernate 

Mass of Fe 
in filtrate 

Mass of Fe 
combined 

Total mass 
of Fe added Recovery rate 

5 0.0009mg 0.0098mg  0.0107mg 

0.013mg 

82% 

6 0.0011mg 0.0095mg 0.0105mg 81% 

7 0.0011mg 0.0089mg 0.0101mg 78% 
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experiments under the conditions of experiments 1 and 2, the average Fe(III) in solution was 0.169 

mg/L and DTPMP was 1.476 mg/L and if it is assumed that the residual Fe(III) in solution was 

ferrihydrite this would correspond to removing 0.195 mg/L of DTPMP, thereby again leaving 

1.281 mg/L of DTPMP free in solution, similar to that observed in Table 11.   

 

Finally, the following demonstrates that the remaining scale inhibitors in the aqueous phase 

matches the barite induction time observed at the same experimental condition.  An empirical 

log-linear relationship between inhibitor concentration and log10(𝑡𝑖𝑛𝑑
𝑖𝑛ℎ/𝑡𝑖𝑛𝑑

0 ) has been reported 

(Liu et al. 2014, more refs). Furthermore, it has recently been shown that this functional form can 

be shown to be a consequence of classical nucleation theory (Joey, personal communications) 

log10 (
𝑡𝑖𝑛𝑑

𝑖𝑛ℎ

𝑡𝑖𝑛𝑑
0 ) = 𝑏𝑖𝑛ℎ(

𝐿
𝑚𝑔

) × 𝐶𝑖𝑛ℎ(
𝑚𝑔

𝐿
)   

𝑡𝑖𝑛𝑑
𝑖𝑛ℎ is induction time of barite nucleation at inhibitor concentration Cinh 

𝑡𝑖𝑛𝑑
0  is induction time of barite nucleation without any inhibitor 

𝐶𝑖𝑛ℎ is inhibitor concentration 

𝑏𝑖𝑛ℎ is inhibition efficiency  

 

Using this log-linear relationship, the observed induction times at 25oC in the absence of Fe(III) 

can be correlated to the DTPMP concentrations in Table 13. With this correlation, the amount of 

scale inhibitor that should remain in solution to correspond to the observed induction time data 

can be calculated (Table 14).  
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Table 13. DTPMP concentration and corresponding barite nucleation induction time 

DTPMP concentration (mg/L) Induction time (s) 

0 31 

0.82 169 

1.22 230 

2 1183 
 

 

Figure 40. Linear relationship between inhibitor concentration and log t/to without Fe (III) 

 

The measured barite induction time corresponding to condition 1, Table 10, would be 278s. We 

can back-calculate Cinh to be 1.22 mg/L. The same method can be used to calculate how much 

inhibitor is remained in experiment 3&4. Calculation results are listed in Table 14. 
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Table 14. Comparison of measured remaining DTPMP concentration and measured barite 
nucleation induction time 

 

# 
Averaged measured 

induction time 

Calculated DTPMP 
remaining in solution 

(mg/L) 

Measured remaining 
DTPMP in solution 

(mg/L) 
1&2 255，301 1.21±0.06 1.27&1.26 
3&4 1521，1037 2.05±0.15 2.07&1.98 

 

The calculation results in Table 14 shows that with experimental conditions of 1&2 and of 3&4, 

the calculated remaining DTPMP concentration in solution matches well with the measured 

remaining DTPMP concentration in solution.  

 

In summary, the data strongly supports the hypothesis about the mechanism of Fe(III) effect on 

scale inhibitor, that is a portion of the inhibitor adsorbs onto the ferric hydroxide particle surfaces 

and the remaining inhibitor inhibits nucleation independently. 

 

4.3 The application of organic chelating agents on reversing Fe(III) effect on scale inhibitor 

To prevent the negative impact of iron, chelating agents such as EDTA and citric acid are 

commonly used in oil and gas production for iron control. Therefore, EDTA and citric acid are 

tested in this study to reverse Fe(III) impairment on scale inhibitors. The results are plotted in 

Figure 41 
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42b 

 
 
Figure 41. Use different amounts of EDTA (Figure 42a) and citric acid (Figure 42b) versus 
time to reverse the effect of Fe(III) on DTPMP inhibition of barite nucleation. All 
experiments contained 1.15ppm DTPMP plus 0.4 mg/L Fe(III) and were conducted at 6.74 
pH (10 mM PIPES buffer), 1 M NaCl, 400 mg/L Ca2+, barite SI = 2.00 and 70oC. The numbers 
above each citric acid concentration is the molar ratio of citric acid to Fe(III). Solutions were 
added in the order: 1. Na2SO4 (in 1M NaCl solution containing 400 mg/l Ca2+); 2. DTPMP; 
3. EDTA or citric acid; 4. BaCl2; and 5. FeCl3 –both #4 and 5 were in 1M NaCl solution 
containing 400 mg/l Ca2+. 
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Table 15. Induction time data at 70oC, pH 6.74, 400 mg/L Ca2+ 

 

Exp # 
DTPMP 

(mg/l) 
Fe(III) 

(mg/L) 
EDTA 
(mg/L) 

Citrate 
(mg/L) 

Ligand:Fe(III) 
Molar Ratio tind (s) 

1 0 0 0 0 0 20 

2 1.15 0 0 0 0 1751 

3 1.15 0.4 0 0 0 241 

4 1.15 0.4 0 1.37 1:1 154 

5 1.15 0.4 0 4.11 3:1 357 

6 1.15 0.4 0 6.85 5:1 504 

7 1.15 0.4 0 13.7 10:1 1019 

8 1.15 0.4 0 20.55 15:1 1625 

Exp # 
DTPMP 

(mg/l) 
Fe(III) 
(mg/L) 

EDTA 
(mg/L) 

Citrate 
(mg/L) 

Ligand to  
Fe(III) 

Molar Ratio tind (s) 

9 0 0 0 0 0 20 

10 1.15 0 0 0 0 1751 

11 1.15 0.4 0 0 0 241 

12 1.15 0.4 2.08 0 1:1 315 

13 1.15 0.4 6.25 0 3:1 308 

14 1.15 0.4 10.43 0 5:1 311 

15 1.15 0.4 20.86 0 10:1 399 

16 1.15 0.4 31.29 0 15:1 428 

17 1.15 0.4 62.57 0 30:1 502 

18 1.15 0.4 104.28 0 50:1 1172 
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The experimental condition was maintained at 70oC, pH 6.74, 1M NaCl and 400 mg/L Ca2+. In 

Table 15, exp # 1-8, we can see barite nucleation has an induction time of 20s without any scale 

inhibitor (exp #1). When 1.15 mg/L DTPMP is in solution, barite nucleation induction time 

increases to 1751s (exp #2). In exp #4-8, five concentration levels of citric acid, 1.37, 4.11, 6.85, 

13.70 and 20.55 mg/L (molar ratio of citrate: Fe=1:1, 3:1, 5:1, 10:1, 15:1) are added to exp # 3 

solution. Barite nucleation induction time are 154s, 357s, 504s, 1019s, 1625s. DTPMP inhibition 

ability in the presence of 0.4 mg/L Fe(III) is gradually reversed by adding increasing concentration 

of citric acid. When citric acid is added at a molar ratio of 15:1 to Fe(III), the detrimental effect of 

Fe(III) on citric acid is completely reversed.  

 

EDTA is also tested for its ability to reverse Fe(III) impairment on DTPMP inhibition performance 

at the same experimental condition. Increasing concentration of EDTA was added into the system 

from molar ratio EDTA:Fe(III) 1:1 to 50:1 (from 2.08 mg/L to 104.28 mg/L) as shown in 

experiment #12 to #18. In Table 15, different from the results with citric acid, when we add 

increasing amount of EDTA, from molar ratio of EDTA:Fe(III) 1:1 to 30:1, the effect of Fe(III) 

was not significantly reversed. Barite nucleation induction time only changes from 315 to 502s. It 

is when EDTA:Fe(III) ratio equals 50:1 that the effect of Fe(III) is almost reversed (1172s). 

 

4.4 Discussion 

EDTA is known to be a stronger chelating agent for Fe(III) than citric acid. Table 16 lists the 

Logarithm of stability constants between Fe(III) and EDTA /citric acid. The stability constant for 

Fe(III)-EDTA is 1025.7, for Fe(III)-citrate is 1011.85. Fe(III)-EDTA complex is more than 10 orders 

of magnitudes more stable than Fe(III)-citrate complex. If Fe(III) is chelated by EDTA/citric acid 
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immediately when it is added, EDTA should chelate more Fe(III) than citric acid, form less ferric 

hydroxide particles and gradually revert Fe(III) impairment on DTPMP. Visual Minteq calculation 

shows that in exp #4-8, only less than 1% of Fe(III) is chelated. In exp # 12-18, almost 100% 

Fe(III) were chelated. However, experiment results suggest the weaker chelate, citric acid, works 

much better than EDTA in reverting Fe(III) impairment on DTPMP. It takes much higher amount 

of EDTA to reverse Fe(III) effect on scale inhibitor than citric acid.  

 

Table 16. Logarithm of stability constants between Fe(II) and Fe(III) and EDTA and citric 
acid 

 Fe(II) Fe(III) 

EDTA 14.3 25.7 

Citric acid 3.2 11.85 
 

Why citric acid works better than EDTA while EDTA is the stronger chelating agents? The reason 

is that they work by different mechanism. Data in Table 15 shows that EDTA needs to be added 

at 50:1 molar ratio (EDTA:Fe(III)) to almost reverse the effect. The reagents in the experiment 

was added in the order of Na2SO4 (in 1M NaCl solution containing 400 mg/l Ca2+), DTPMP, 

Na2H2EDTA /citric acid, BaCl2 (in 1M NaCl solution containing 400 mg/l Ca2+) and FeCl3. Fe(III) 

was introduced into the system by adding a calculated volume of concentrated Fe(III) stock 

solution. The stock solution was added into brine and dilute 50 times to reach desired concentration 

level of 0.4 mg/L. When the stock solution touches brine, it began to hydrolyze and form ferric 

hydroxide particles immediately before being diluted. EDTA works by direct chelation of Fe(III) 

at 1:1 molar ratio, therefore, EDTA need to be provided in the same molar concentration as Fe(III) 
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stock solution to complete prevent the formation of ferric hydroxide particles. That’s why, we 

observed that at a 50:1 molar ratio (EDTA:desired Fe(III) concentration), the effect of Fe(III) was 

reversed.   

 

Citric acid works by a different mechanism. Same as EDTA experiments, Fe(III) starts to 

hydrolyze and form ferric hydroxide particles as soon as it touches rest of the solution. However, 

instead of direct chelation, citric acid can adsorb on the surface of ferric hydroxide particles and 

cover the active adsorption sites. There are some publications studying the adsorption of citric acid 

onto ferric hydroxide particles. Schindler et al. studied adsorption mechanism of l-tartaric acid, 

meso-tartaric acid and citric acid on amorphous ferric hydroxide in 0.1M NaNO3, pH 3 

condition(Cornell and Schindler 1980). They find that citric acid has the strongest surface complex 

stability. They also give a maximum surface coverage density of 1 molecule / 100Å2for citric acid 

on amorphous ferric hydroxide. Assume a citric acid surface coverage of 1 molecule / 100Å2, 1.37 

mg/L citric acid (exp # 4 in Table 15) should be able to cover a ferric hydroxide surface of 4.3 

m2/L (~30.71 mg/L Fe(III)). Exp #10 only has 0.4 mg/L Fe(III), but DTPMP performance is still 

impaired. An explanation for this conflicting results might be that exp # 10 has 1M NaCl, 400 

mg/L Ca2+ and a pH of 6.74 as solution background. The literature describes a solution background 

of 0.1M NaNO3 and pH 3. The difference in solution composition could result in different citric 

acid adsorption ability. 1 molecule / 100 Å2 surface coverage might not apply in this case. Further 

research of citric acid adsorption onto ferric hydroxide in 1M NaCl, 400 mg/L Ca2+ and a pH of 

6.74 solution is needed. The other possible explanation is that DTPMP and citric acid molecules 

might adsorb competitively onto ferric hydroxide particle surface. Citric acid might not be able to 

reach its maximum surface coverage because of the co-adsorption of DTPMP on ferric hydroxide 
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particle surface. The adsorption of DTPMP onto ferric hydroxide surface in the presence of 

different concentrations of citric acid should also be investigated in future research. The adsorption 

of citric acid onto ferric hydroxide particles might be the reason why citric acid can reverse the 

effect of Fe(III) when it chelates much less Fe(III) than EDTA. 

 

In above discussion, we concluded that EDTA reverses Fe(III) by direct chelation at 1:1 molar 

ratio. Another experiment here is designed to test above conclusion. This set of experiments is 

conducted also at 70oC, 1M NaCl, pH 6.74 condition. The difference is the order of reagent 

addition. As shown in Table 17 we can see barite has a nucleation induction time of 20s (exp #1). 

When there is 1.15 mg/L DTPMP, barite induction time is increased to 1153s (exp # 2). When 1 

mg/L Fe(III) is added to exp #2 solution, barite induction time drops to 60s (exp #3). Exp #4 and 

5 have the same solution composition. Their difference is the way in which Fe(III) and EDTA are 

added into the system. In exp #4, reagents are added in the following sequence: Na2SO4, DTPMP, 

Na2H2EDTA, FeCl3, and BaCl2. Barite nucleation induction time is 60s, same as exp #3. In exp 

#5, FeCl3 and Na2H2EDTA stock solutions (2mmol/L) are mixed at equal volume at pH 2.0 

condition. After mixing, all Fe(III)(1mmol/L) is chelated by EDTA (calculated by Visual 

MINTEQ ver. 3.1). In exp #5, the reagents are added in the following sequence: Na2SO4, DTPMP, 

Fe(III)- EDTA mixture and BaCl2. Fe(III)-EDTA mixture has a pH of 2.0. The addition of the 

mixture into the system results in a drop of pH from 6.74 to 6.50 (the system is buffered by 5mM 

PIPEs). Exp #5 give result of 1156s. The results of exp # 2 and 5 are very close. Therefore, after 

Fe(III)-EDTA mixture is added into the system, the impairment of DTPMP performance by Fe(III) 

is not observed. This experimental result again proved that if EDTA is able to chelate 100% Fe(III) 

before Fe(III) starts to hydrolyze, it can reverse the detrimental effect of Fe(III) to scale inhibitors.  
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Table 17. Barite nucleation induction time at 1M NaCl, 6.74 pH, 70oC 

  

Exp# 
DTPMP 

(mg/L) 
EDTA 
(mg/L) 

Fe(III) 

(mg/L) 
Induction time 

 (s) 

1 0 0 1 20 

2 1.00 0 0 1153 

3 1.00 0 1 60 

4 1.00 5.22 1 60 

5 1.00 5.22 1 1156 



88 
 

 

Chapter 5. Fe (II) impact on scale inhibitors 

5.1 Experimental data of Fe(II) impact on scale inhibitors using apparatus before 

improvement 

The following experiment results are collecting by the anoxic Fe(II) testing apparatus before 

improvement introduced in previous chapter. The impact of Fe(II) on scale inhibitors is 

investigated at different pH and temperature conditions. Also, the impact of Fe(II) on different 

scale inhibitors are tested. Experimental conditions are shown in Table 18.  

Table 18. Chemical conditions of the solutions 

Components 25oC experiment 70oC experiment 

NaCl 1 mol/l 1 mol/l 

Ca2+ --------- 4000 mg/l 

Ba2+ 122.18 mg/l 223.76 mg/l 

SO4
2- 85.42 mg/l 156.43 mg/l 

Barite Saturation Index (SI) 2.00  2.00 

DTPMP 0-0.4 mg/L 1-3 mg/L 

PPCA --------- 1-3mg/L 

PVS --------- 1-3mg/L 

PIPES 5 mmol/l if target pH is 6.74 5 mmol/l if target pH is 6.74 

Sodium acetate 

5 mmol/l then adjusted by 
adding 1mol/l HCl if target pH 

is 5.5 

5 mmol/l then adjusted by 
adding 1mol/l HCl if target pH 

is 5.5 

Fe(II) 1-20 mg/l 1-3 mg/l 

Hydroxylamine hydrochloride 2.48-49.64 mg/l 2.48-7.45 mg/l 
*All the saturation index and density related calculation is done by ScalesoftPizter 2013.  
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5.1.1 Influence of increasing Fe(II) concentration 

Table 19. Influence of Fe(II) on DTPMP performance at 25oC, no Ca, 1M NaCl, pH=5.5, 
barite SI=2.00 condition 

 

 

Table 19 shows barite nucleation induction time in the presence of 0.1 and 0.3 mg/L DTPMP and 

the influence of 1, 10, 20 and 30 mg/L Fe(II) to DTPMP performance at 25oC, no Ca, 1M NaCl, 

pH=5.5, barite SI=2.00 condition. From Table 19, we can see barite nucleation takes 120s. When 

0.1 and 0.3 mg/L DTPMP are added, barite nucleation is prolonged to 435s and 9000s respectively. 

When there are 1, 10 and 20 mg/L Fe(II), barite nucleation time in the presence of 0.1 mg/L 

DTPMP drops to 219s, 242s and 281s from 435s. When there are 1, 10, 20 and 30 mg/L Fe(II) 

barite nucleation time in the presence 0.3 mg/L DTPMP also drops from 9000s to 4000s, 1652s, 

987s and 660s respectively.  

Exp 
# 

DTPMP conc. 
(mg/L) 

Fe(II) 

(mg/L) 
tind 
(s) 

1 0 0 120 

2 0.1 0 435 

3 0.3 0 9000 

4 0.1 1 219 

5 0.1 10 242 

6 0.1 20 281 

7 0.3 1 4000 

8 0.3 10 1652 

9 0.3 20 987 

10 0.3 30 660 
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Figure 42. Inhibition efficiency of DTPMP at 25oC and pH 5.5 in the presence of different 
concentration of Fe(II) 
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The following equation is used for calculation inhibition efficiency in Figure 42.  

𝑖𝑛ℎ𝑖𝑏𝑖𝑡𝑖𝑜𝑛 𝑒𝑓𝑓𝑖𝑐𝑖𝑒𝑛𝑐𝑦 = 

𝑏𝑎𝑟𝑖𝑡𝑒 𝑖𝑛𝑑𝑢𝑐𝑡𝑖𝑜𝑛 𝑡𝑖𝑚𝑒 (𝐹𝑒2+ 𝑐𝑜𝑛𝑐. = 𝑏 𝑚𝑔
𝐿

, 𝑖𝑛ℎ𝑖𝑏𝑖𝑡𝑜𝑟 𝑐𝑜𝑛𝑐. = 𝑎 𝑚𝑔
𝐿

)

𝑏𝑎𝑟𝑖𝑡𝑒 𝑖𝑛𝑑𝑢𝑐𝑡𝑖𝑜𝑛 𝑡𝑖𝑚𝑒 (𝑖𝑛ℎ𝑖𝑏𝑖𝑡𝑜𝑟 𝑐𝑜𝑛𝑐.  𝑎 𝑚𝑔
𝐿

)
∗ 100% 

From Figure 42, we can see that, when Fe(II) concentration increases from 1, 10 to 20 mg/L, 

DTPMP inhibition efficiency decreases from 85%, 57% to 48%.  

 

5.1.2 Influence of temperature  

To investigate Fe(II) impact on DTPMP at different temperature. A set of experiments are 

conducted at 70oC, no Ca, 1M NaCl, pH=5.5, Barite SI=2.00 in order to compare with results at 

25oC in Table 19. Results are listed in Table 20. 

 

Table 20. Influence of Fe(II) on DTPMP performance at 70oC, no Ca, 1M NaCl, pH=5.5, 
Barite SI=2.00 condition 

Exp 
# 

DTPMP 
(mg/L) 

Fe(II) 

(mg/L) 
tind 
(s) 

1 0 0 15 

2 1.22 0 862 

3 1.61 0 6345 

4 2.00 0 13921 

5 1.22 1 202 

6 1.22 3 121 

7 1.61 1 429 

8 2 3 390 
 

From Table 20, we can see at 70oC, no Ca, 1M NaCl, pH=5.5, barite SI=2.00 condition, barite 
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nucleation induction time is 15s. Addition of 1.22, 1.61 and 2 mg/L DTPMP prolongs barite 

nucleation induction time to 862s, 6345s and 13921s respectively. When 1 mg/L Fe(II)is in 

solution, barite nucleation in the presence of 1.22 and 1.61 mg/L DTPMP drops to 202s and 429s 

compared to 862s and 6345s without Fe(II). When 3 mg/L Fe(II) exists in solution, barite 

nucleation in the presence of 1.22 and 2 mg/L DTPMP drops to 121s and 390s compared to 862s 

and 13921s without Fe(II). 
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Figure 43. Inhibition efficiency of DTPMP in the presence of different concentration of 
Fe(II) 

From Figure 43, we can see at 1 mg/L Fe(II) decreases the inhibition efficiency of 1 mg/L DTPMP 

and 1.61 mg/L DTPMP to 24% and 14% respectively. 3 mg/L Fe(II) decrease the inhibition 

efficiency of 1 mg/L DTPMP and 1.95 mg/L DTPMP to 7% and 3% respectively. The impairment 

of Fe(II) to DTPMP performance is significant.  

 

5.1.3 Influence of pH 

Fe(II) impact on DTPMP at different pH is also investigated. A set of experiments are conducted 

at 25oC, no Ca, 1M NaCl, pH=6.74, barite SI=2.00condition in order to compare with results at 

pH 5.5 in Table 20. Results are listed in Table 21.  
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Table 21. Influence of Fe(II) on DTPMP performance at 25oC, no Ca, 1M NaCl, pH=6.74, 
barite SI=2.00 condition 

 
Exp 

# 
DTPMP 

(mg/L) 
Fe(II) 

(mg/L) 
tind 
(s) 

1 0 0 300 
2 0.1 0 1700 
6 0.3 0 35000 
3 0.1 1 731 
4 0.1 10 831 
5 0.1 20 874 
6 0.3 1 2287 
7 0.3 10 2028 
8 0.3 20 2367 

 

From Table 21, we can see at 25oC, no Ca, 1M NaCl, pH=6.74, barite SI=2.00 condition, barite 

nucleation induction time is 300s. Addition of 0.1, 0.3 mg/L DTPMP prolongs barite nucleation 

induction time to 1700s and 35000s respectively. When there are 1, 10 and 20 mg/L Fe(II), barite 

nucleation time in the presence of 0.1 mg/L DTPMP drops to 731s, 831s and 874s from 1700s. 

When there are 1, 10, 20 mg/L Fe(II), barite nucleation time in the presence 0.3 mg/L DTPMP 

decreases from 35000s to 2287s, 2028s, 987s and 2367s respectively. 

 



95 
 

 

 
 

y = 5.5343x
y = 3.7294x
y = 3.1149x

y = 6.4962x

0

0.5

1

1.5

2

0 0.1 0.2 0.3 0.4 0.5 0.6

lo
g 

t/t
o

DTPMP concentration (mg/L)

No Fe(II)

20 mg/l Fe(II)

10 mg/l Fe(II)

1 mg/l Fe(II)

a

y = 5.9754x

y = 2.6219x

y = 2.5371x
y = 2.7251x

0

0.5

1

1.5

2

0 0.1 0.2 0.3 0.4 0.5 0.6

lo
g 

t/t
o

DTPMP concentration (mg/L)

b

No Fe(II)

1 mg/l Fe(II)

10 mg/l Fe(II)

20 mg/l Fe(II)

25
o
C, no Ca, 1M NaCl, Barite SI=2.00 



96 
 

 

 

Figure 44. Comparison of DTPMP inhibition efficiency at different pH in the presence of 
Fe(II) 

 
Figure 44 compares the inhibition efficiency of DTPMP at pH 5.5 and 6.74 condition in the 

presence of Fe(II). Blue bars represent DTPMP inhibition efficiency at pH 5.5. Red bars represent 

DTPMP inhibition efficiency at pH 6.74. At pH 6.74, with an increasing Fe(II) concentration of 1, 

10 and 20 mg/L, DTPMP inhibition efficiency are 45%, 39% and 42%. At pH 5.5, when Fe(II) 

concentration increases from 1,10 to 20 mg/L, DTPMP inhibition efficiency decreases from 85%, 

57% to 48%. DTPMP retains a higher inhibition efficiency at pH 5.5 than at pH 6.74 in the 

presence of Fe(II).  
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45 and Figure 46. 
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Figure 45. Comparison of the Fe(II) impact on DTPMP, PPCA and PVS. 
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Figure 46. Comparison of inhibition efficiency of different scale inhibitors in the presence 

of Fe(II). 
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are readily to bind transition metal cations (Deeth et al., 2008). Phosphonates, due to their multi-

dentate nature, are stronger than carboxylate complex and form insoluble precipitates with 

transition metal cations (Chandrasekhar et al., 2011). These observations are consistent with the 

Fe(II) tolerance level observed in this research.  

 

5.1.5 The application of organic chelating agents on reversing Fe(II) effect on scale 

inhibitors 

Citric acid has been tested for its ability to reverse Fe(II) effect on DTPMP. Experiments were 

done at 70oC, 1M NaCl, Barite SI=2.00 and pH=6.74. Experimental results are shown in Figure 

47. In the absence of DTPMP and Fe(II), barite nucleation induction time is 20s. In the presence 

of 1.92mg/L DTPMP, barite nucleation induction time increases from 20s to 183min. The addition 

of 1.54 mg/L Fe(II) will decrease 1.92mg/L DTPMP inhibition time from 183min to 16min. When 

adding increasing amounts of citric acid to the solution with 1.92mg/L DTPMP and 1.54 mg/L 

Fe(II), DTPMP inhibition ability for barite gradually recovers. When 28.85 mg/L citrate ( molar 

ratio of Fe(II) : citrate = 1:5) is added to solution with 1.15mg/L DTPMP and 1.54 mg/L Fe(II), 

DTPMP inhibition time is 191 min and the impact of Fe(II) is fully reversed.  This result is similar 

to those of Shen (Shen et al., 2011). 
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Figure 47. Citric acid reverses Fe(II) effect on DTPMP at 70oC, 1M NaCl, Barite 
SI=2.00,pH=6.74 condition 

 

EDTA has also been tested for its ability to reverse Fe(II) detrimental effect on DTPMP. EDTA 

was added into Fe(II) stock solution (concentration of Fe(II)= 100 mg/L by dissolving 

(NH4)2Fe(SO4)2 in 1M NaCl brine buffered by PIPEs) at molar ratio of EDTA : Fe(III) = 1:1. 

EDTA is known to enhance the Fe(II) oxidation kinetics dramatically (Jones A. et al. 2015). The 

stock solution is constantly purged by high-purity Argon and protected by reducing agent 

hydroxylamine hydrochloride. Measured dissolved oxygen in the stock solution is measured to be 

below 5 ppb. However, the Fe(II) in the solution is still oxidized within 30 min.  Whether this is 

due to trace amounts of oxygen or due to spontaneous oxidation of water is not known. Apparatus 

that can achieve a better deoxygenation performance needs to be applied to continue the 
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investigation on EDTA ability to reverse Fe(II) effect.   

 

5.1.6 Comparison of Fe(III) and Fe(II) impact on scale inhibitors 

 

 

 

 

Figure 48. Comparison of different effects of Fe(II) and Fe(III) on DTPMP, PPCA and 
PVS. 

 
From Figure 48, we can see Fe(III) appears to have more impact on inhibitor performance than 

Fe(II). The order of Fe(III) tolerance ability of three scale inhibitors is the same as that of their 

Fe(II) tolerance ability. A small percentage of Fe(II) oxidized to Fe(III) can also cause impairment 

of scale inhibitor performance especially at higher temperature and pH due to accelerated Fe(II) 

oxidation rate. 
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5.2 Experimental data of Fe(II) impact on scale inhibitor using the improved apparatus 

The anoxic laser apparatus described in chapter 3 is used to test Fe(II) impact on scale inhibitors. 

The impact of Fe(II) on scale inhibitors is investigated at 70oC, pH 6.74 and 400 mg/L Ca2+ 

condition.  

 

Table 22. Scale inhibitors tested in this research 

 

Inhibitor no.  Active chemicals 

1 DTPMP, Phosphonates (single structure non-polymeric) 

2 NTMP, Phosphonates (single structure non-polymeric) 

3 PPCA, Polymer with carboxylate acid 

4 polymer with 2-propenoic acid 

5   P-MAC, Phosphorous incorporated maleic polymer 

  6 Polymer with sodium 2-propane-1-sulfonate 

7 Polymeric non-phosphorous based 

8 Polymeric non-phosphorous based 

9 PVS, Poly(vinyl sulfonic acid) sodium salt 

10 Phosphonates (blend of different structures, non-polymeric) 
 

Table 22 shows the active function groups of the scale inhibitor tested. 1 and 2 have very similar 

structure, both phosphonates and non-polymeric. 1 is DTPMP and 2 is NTMP. Similarly, 10 is 

also a non-polymeric phosphonates. However, 10 is a blend of phosphonates with different 

structures, some are very different from 1 and 2. The rest of the scale inhibitors are all polymeric 
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scale inhibitors with different function groups as shown in the table.  

Table 23. Experimental results of Fe(II) impact on scale inhibitors 

Inhibitor no. 

Inhibitor 
conc.  

(mg/L) 
Fe conc. 

(mg/L) 
Induction 

time (s) Result 
No inhibitor 0 0 20  

10  0.6 0 617  
 0.6 17 743 No effect 

1 0.6 0 696  
 0.6 17 50 Impairment 

2 1 0 1495  
 1 17 50 Impairment 

9 1.92 0 449  
 1.92 1 436 No effect 
 1.92 17 484 No effect 
 1.92 26 414 No effect 
 1.92 50 452 No effect 

3 0.5 0 317  
 0.5 17 392 No effect 
 0.5 50 416 No effect 

4 1 0 1224  
 1 17 1216 No effect 

5 1 0 426  
 1 50 468 No effect 

6 1.92 0 307  
 1.92 50 436 No effect 

7 1.92 0 536  
 1.92 50 628 No effect 

8 1.92 0 307  
 1.92 50 387 No effect 

 

Table 23 shows the experimental results of Fe (II) on different scale inhibitors. All the inhibitors 
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are tested at 1M NaCl, pH 6.7, 400 mg/L Ca2+, barite SI=2.00 and 70oC condition. The highest Fe 

(II) testing conc. is 50 mg/L and the lowest is 1 mg/L. Without Fe(II), the induction time of C1 at 

0.6 mg/L is 696s, C3 at 1mg/L is 1495s. In the presence of 17 mg/L Fe(II), the induction time of 

both scale inhibitors both drop significantly to 50s. The induction time of other scale inhibitors 

tested are not significantly influenced by the presence of Fe(II).  
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5.3 Discussion 

 
The reason behind Fe(II) effect on phosphonates scale inhibitors is very likely to be the 

precipitation of Fe(II) with phosphonate functional groups. Previous research found the Fe(II)-

NTMP precipitate to be extremely insoluble (Friedfeld, He, and Tomson 1998). Since NTMP and 

DTPMP have very similar structure, DTPMP is also likely to form sparingly soluble precipitate 

with Fe(II). The dependence of solubility product of ferrous NTMP with temperature and ionic 

strength has following relationship: pKsp: pKsp = 39.54 − 6.14 I0.5 + 2.181 − 1315/

𝑇 (Friedfeld, He, and Tomson 1998). Ksp = (𝐹𝑒2+)2.5(𝐻+)(𝑃ℎ𝑛6−) . The precipitate has a 

formula of Fe2.5HNTMP. In 70oC, 1M NaCl solution, pKsp of Fe2.5HNTMP is 10-31.75. The 

solubility of Fe2.5HNTMP at experimental condition can be calculated as Fe(II) = 0.005 mg/l and 

NTMP = 0.011 mg/l. The Fe(II) and inhibitor solubility concentration are one or two magnitude 

lower than concentrations used in this research. Therefore, it’s possible that Fe(II) and DTPMP 

forms sparingly soluble precipitate and impair the inhibition efficiency.  
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Figure 49. Comparison of solubility product of Fe and Ca-NTMP precipitate 

 
Due to different binding ability with different function groups, Fe(II) might influence different 

inhibitor performance at different extents. It was found that the coordination of sulfonate anions 

with transition metal is relatively weak compared to phosphonates (Shimizu et al., 2009). The 

coordination of sulfonate anions to transition metal is too weak to compete with water, ammonium 

and amines (Forbes et al., 2009). Carboxyl groups readily bind to transition metal cations (Deeth 

et al., 2008). Phosphonates, due to their multi-dentate nature, are stronger than carboxylate 

complex and form insoluble precipitates with transition metal cations (Chandrasekhar et al., 2011). 

Experimental results are consistent with the reported binding strength between transition metals 

and phosphonates, carboxylates and sulfonates reported in literature. 
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Chapter 6. Summary and future work  

6.1 Summary 

This research focuses on investigating the effect of Fe(III) and Fe(II) on mineral scale inhibitors 

for barium sulfate nucleation. Several accomplishments have been achieved so far.: 

 

 (1) A laser nucleation detection apparatus has been remodeled to adapt to anoxic experimental 

condition This apparatus and experimental method is able to maintain good reducing environment 

for Fe(II) and enable us to investigate the effect of Fe(II) on the performance of mineral scale 

inhibitors without the interference of Fe(III) 

 

(2) Most scale inhibitors have good tolerance for Fe(II). Only some phosphonates-based scale 

inhibitors (DTPMP and NTMP) were found to be significantly impaired by Fe(II). This result is 

consistent with previous research in our group that Fe(II) can form insoluble precipitate with 

phosphonates and t that Fe(II) with other inhibitor function groups have a weaker complexation 

stability constant with Fe(II) than phosphonates. The significance of this part of work is that it 

contributes to a better understanding of Fe(II) effect on scale inhibitor since overestimation and 

underestimation of its effect might lead to treatment failure.  

 

(3) Fe(III) was found to have a significant impact on all mineral scale inhibitors tested even at low 

concentrations. However, the mechanism of this detrimental effect has been investigated. This 

research utilized analytical ultracentrifuge to investigate the mechanism of Fe(III) effect. 

Experimental results show that the mechanism of Fe(III) effect on scale inhibitors is the adsorption 
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of scale inhibitor onto ferric hydroxide particle surface. If the scale inhibitors were added in excess 

of the adsorption ability of ferric hydroxide particles, there will be some scale inhibitors left in the 

solution. These remaining scale inhibitors can still provide inhibition ability for barite.  

 

(4) EDTA and citric acid are very common organic chelating agents used in oilfield for Fe control. 

Therefore, they were used to reverse the detrimental effect of Fe(III) on scale inhibitors. Both 

chelating agents were found to be able to reverse the negative impact. Citric acid was found to 

work better than EDTA despite the fact that EDTA is a much stronger chelating agent than citric 

acid. They work by different mechanism. EDTA works by direct chelation of Fe(III) while citric 

acid works by adsorption onto ferric hydroxide particle surface.  

 

6.2 Future work  

Future work for this research include:  

 

(1) Fe(II) effect on scale inhibitors can be at a higher temperature and higher Fe(II) concentration 

since in oilfield condition, Fe(II) concentration and temperature can be much higher. It might be 

useful to test highest Fe(II) tolerance concentration for common inhibitor which can provide some 

guideline when applying scale inhibitors in production process.  

 

(2) This research only tested two kinds of organic chelating agents to reverse the effect of Fe(II). 

Other more effective chelating agents such as DTPA, PDTA can also be tested for their ability to 

revere the effect of Fe(II) and Fe(III) on scale inhibition.  
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(3) CaCO3 is another common precipitate in oilfield. The effect of Fe(II) on scale inhibitors for 

CaCO3 can also be investigated. Besides its interaction with scale inhibitors, Fe(II) can integrate 

into CaCO3 lattice and change CaCO3 nucleation kinetics. Therefore, the overall effect might be 

more complicated than in barium sulfate system.  
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