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Summary

Gas hydrate formation is a serious problem in the oil and gas industry, since its
formation can plug wells and prevent production. The gas hydrate is a crystalline solid
with a natural gas molecule surrounded by a cage of water molecules. It forms at high
pressures and low temperatures. This is a problem for offshore gas wells, where the
temperature is low in transport lines from well to the production facilities. Mono
Ethylene Glycol (MEG) is commonly used as hydrate inhibitor. Classified as a
thermodynamic inhibitor, this additive functions just as antifreeze in an automotive
radiator.

When producing oil and gas there will in most cases also be produced some water,
which can contain dissolved salts. These salts may precipitate and they tend to deposit
on surfaces. Deposition of inorganic minerals from brine is called scale.

Generally MEG has the adverse effect of lowering the solubility of most salts. A
common method to prevent corrosion in flowlines is to increase pH by adding basic
agents (e.g. NaOH, NaHCOs) to the MEG stream. In such cases, carbonate salts are
particularly troublesome since an increase in pH by one unit, will reduce the solubility
by two orders of magnitude. Thus there will be a trade off between good corrosion
protection (high pH) and scale control (low pH).

The aim of this work has been to develop a model that can predict mineral solubility in
the presence of MEG. Experimental solubility data, together with thermodynamic data
taken from literature, have been utilized to construct empirical functions for the
influence of MEG on mineral scale formation. These functions enabled the expansion
of an already existing aqueous scale model into a model valid for watert MEG mixed
solutions. The aqueous scale model combines an equation of state (gas+oil phase) with
the Pitzer ion interaction model (water phase) to describe the multiphase behaviour of
gas-oil-water systems. This work describes how MEG has been introduced into the
water phase model.

The general idea is that the activity of a specie, i, is given as its concentration, m, times
the activity coefficient, y, which is divided in two parts. y° shall take care of the “Salt
effects”, and yN the “MEG effects”;

_ _ S, N
a; =nmy; =my; 7

»* is calculated by the Pitzer model, as if the solvent was water, and consequently has
the same numerical value regardless of the MEG concentration in the watertMEG
solvent. y" is empirically fitted from solubility data and is obviously a function of MEG
concentration. y" may also be dependent on temperature and ionic strength.
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The pressure dependence of 7" has not been investigated in this work. All equilibrium
constants, K°, are independent of MEG concentration. Theoretically this corresponds to
a pure water standard state. This modelling approach has the advantage that it gives a
simple and robust model with reasonable extrapolations outside the range of
experimental data. Practically it turns out that the effects of temperature, and that of
dissolved species (ionic strength) are almost the same in watertMEG solutions as in
water. In such a case a good approximation will be to let the y" term merely be
dependent on MEG concentration. It has been shown that y" for some systems is a
function of both temperature and ionic strength in addition to MEG concentration.

The mathematical functions used for curve fitting y" were generally arbitrarily chosen
polynomials, meaning that they do not have any physical/theoretical basis.

The resulting model has good flexibility and can do exactly the same type of
calculations as the aqueous model. It can handle MEG concentrations of up to 99
weight % in the solvent. MEG concentration is commonly specified in the water phase,
but the model also accepts MEG input in the gas or oil phase. For conditions
encountered in oil and gas transport pipelines and at well heads, the model should
function well. It is empirically fitted from solubility data, generally covering the range
0-100°C and 0-100% MEG in the solvent. Hence if the model predicts precipitation of a
salt, the ionic strength is normally comparable with the value in the data used for fitting
the model. In e.g. a MEG regeneration boiler, however, the temperature is high, and/or
several highly soluble species like Na", K, CO;>, CI are present yielding a very high
salinity. The model is therefore not suited for calculations at such conditions.

MEG influences the phase distribution of gases. This effect has been included for CO,,
H,S, CH,4 and the most common organic acids found in the oilfield. CO,, H,S, and the
organic acids also have MEG dependent dissociation equilibria.

The scale forming minerals included in the model are:

CaS0Q,, CaS0O42H,0, BaSO, and SrSO,

CaCQ;, FeCOs, BaCO;, SrCO;, and 3MgCO;-Mg(OH), -3H,0
NaCl and KCl

NaHCO; and KHCO;,

NaAc and NaAc-3H,0

N32CO3, N3.2CO3'H20 and N32C03‘10H20

K2C03 and K2C03‘ 1 5H20

FeS

Mg(OH),,

R N A 2 2R

Much new data have been gathered for the watertMEG system, mainly concerning the
first dissociation constant of CO,, the solubilities of the carbonates; CaCO;, BaCOs,
SrCO; and 3MgCO;3;-Mg(OH),'3H,0 as well as the sulphates, CaSO4 and CaSO4-2H,0.
These experiments were confined to 20-80°C and ionic strengths of 0-0.7mol/kg.



Hydromagnesite (3MgCO5;-Mg(OH),'3H,0) has been included as the only magnesium
carbonate mineral in the scale model. Hydromagnesite is actually a meta-stable phase,
but the thermodynamically stable magnesite (MgCO;) has been omitted due to its
formation being kinetically inhibited. Magnesite of sufficient purity for solubility
investigations was not available from commercial suppliers. It was therefore necessary
to synthesize it in the laboratory. A new method for synthesizing magnesite from
hydromagnesite at atmospheric conditions has been suggested. Mono Ethylene Glycol
(MEG) is used to lower the solvent vapour pressure at temperatures above 100°C.

The MEG concentration of an unknown sample is often measured using Gas
chromatography (GC). This is an accurate method but has the disadvantage that the
sample very often has to be shipped to an external laboratory. A new method for
prediction of MEG concentration that is fast, easy and inexpensive has been developed.
Values of density, conductivity and alkalinity of an aqueous solution, are used to
estimate both MEG and salt contents. The method is valid in the whole concentration
interval of 0 to 100 wt% MEG and with ionic strengths from zero to the solubility limits
of NaCl and NaHCO;. At intermediate MEG concentrations (40 to 90wt %) the
accuracy is regarded as +2 wt % for MEG content determination. The main limitation is
that NaCl and/or NaHCO; must be the dominating dissolved salts.

pH is an important parameter in carbonate scale prediction. This work summarizes the
theoretical foundation and proposes how to work with pH in watertMEG solutions. A
pH electrode calibrated only in common aqueous standard solutions, gives a measured
value denoted pH,,.,s in this work. pH,,..s is not reproducible in water+MEG solutions.
Calibration also in 0.05m KHPh (Potassium Hydrogen Phtalate) solutions with certain
MEG concentrations, gives the calibration value; ApH;zc. The actual pH, which is
reproducible, can thereafter be found from pH,,..s as;

pH = pH .\ + ApH \ 6 + ApH g,

meas

ApH\yic has to be determined once for each electrode. ApHs,;, adjusts for the salt/ionic
strength impact on the electrode and is only important at ionic strengths above
~0.5mol/kg.
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1 Introduction

1.1 What is scale?

When producing oil and gas there will in most cases also be produced some water,
which contains dissolved salts. These salts may precipitate and they tend to deposit on
surfaces. Deposition of inorganic minerals from brine is called scale, and its formation
causes flow reduction or even blocking of pipes, valves and other equipment. Common
types of scale during oil and gas production are CaSQ,4, SrSO,4, BaSO, and CaCOs.

Flow reduction can lead to a severe decrease in production rate, and may also lead to
safety problems if scale forms e.g. in the down hole safety valve. The economical
impact for both prevention and removal of scale can be serious. In some cases the scale
may even be radioactive due to small amounts of radium, and must therefore be treated
as radioactive waste. Fig. 1.1 shows scale formation in tubing that obviously will
constitute a serious flow restriction.

Fig. 1.1: Scale formation in tubing

Scale is not always a problem. Deposition of minerals from brine can be used to seal
leaks in concrete and in road tunnels. Another area of application is to bind sand
particles together, and scale can be used to stabilize oil field reservoirs'. In nature the
deposition of CaCOs; is the process forming stalactites found in caves.
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1.2 How does scale form?

For scale to form the water solution must first of all be supersaturated. Supersaturation
means that the solution contains more dissolved ions than is thermodynamically
possible. Thus at a certain time salts have to precipitate. Supersaturation can be
achieved in many ways when formation water is produced during oil recovery. Changes
in temperature and pressure can cause water evaporation. By removing the solvent
(water), salt concentrations obviously increase. Evaporation is the most common cause
for deposition of highly soluble minerals like NaCl. Pressure and temperature changes
during flow tend to elevate the pH, because of escape of CO, from the brine solution.
This is particularly troublesome for oil fields with high concentrations of calcium since
it results in a solution supersaturated with respect to CaCO;. Another typical example is
the mixing of incompatible waters. Sea water is commonly injected into reservoirs to
maintain the reservoir pressure and therefore increase oil recovery. It has a high
sulphate, SO4>, concentration and when this encounters the formation water containing
Ca’’, Ba®" and Sr* it may lead to sulphate precipitation; CaSO,, SrSO, and BaSO,.
This type of scale is usually fairly easy to predict, but BaSO, is one of the most serious
scale forming minerals in the oil industry. The SO,* concentration in sea water is
therefore frequently reduced prior to injection to avoid such problems. Salt solubility is
generally highly temperature dependent, thus temperature changes throughout the
productions system is usually a critical factor for scale prediction. Some salts (e.g.
CaCOs3) have a lower solubility at high temperature and are therefore particularly
troublesome on surfaces of heat exchangers and in the hot zone of a well. Others can be
troublesome at low temperature.

Fig. 1.2: NaCl crystals precipitated from water+MEG (~90wt % MEG), ~140°C. Size 20-
100pm.
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Even if a solution is supersaturated salt precipitation may not be observed. Kinetics
determines how fast precipitation can occur. The rate of precipitation mainly depends
on the supersaturation and temperature, but individual salts have very different
behaviour. NaCl precipitates almost spontaneously when the solution becomes
supersaturated, while e.g. a solution supersaturated with CaCO; can be left for hours”
even at 100-120°C without precipitating any solids. Fig. 1.2 shows the nice cube-like
structure of a NaCl precipitate.

1.3 Why is Mono Ethylene Glycol (MEG) present?

In the oil and gas industry, gas hydrate formation is a serious problem since its
formation can plug wells and prevent production. Gas hydrate is a crystalline solid with
a gas molecule surrounded by a cage of water molecules’. It forms at high pressures and
low temperatures. This is a problem for offshore gas wells, where the temperature is
kept low by seawater cooling together with the adiabatic expansion of the gas. Alcohols
like Mono Ethylene Glycol (MEG), Ethanol (EtOH) and Methanol (MeOH) are
commonly used as hydrate inhibitors. Classified as thermodynamic inhibitors, these
additives function just as antifreeze in an automotive radiator, meaning that the freezing
point of gas hydrates is lowered.

The main difference between MEG and MeOH is their volatility. MEG has a boiling
point of about 200°C and is less volatile than water. Very little MEG will therefore be
present in the gas phase. MeOH is more volatile than water and large quantities will be
“lost” to the gas phase. This can be a problem for hydrate inhibition, since MeOH must
be present at a certain concentration in the aqueous phase. Both from an economic and
environmental point of view, these hydrate inhibitors have to be recycled. In this
process, however, MeOH can be advantageous. It is simpler and more cost effective to
distill MeOH from a water+tMeOH solution than water from a watertMEG solution.
From a mineral scaling point of view, MEG is generally the better choice since the
reduction in salt solubility is less than for MeOH.

1.4 How is scale formation influenced by MEG?

The water molecule is a dipole meaning that it is good at dissolving ionic compounds
like inorganic minerals. Alcohols like MEG and MeOH are strong enough dipoles to be
miscible with water. Solubility of ionic compounds can be regarded from an electric
charge point of view. Between an anion and cation there will be a certain attraction
force. If water is put between the ions it counteracts the electric field since it is a dipole
and can orientate itself to oppose the field. Thus the force between the ions is reduced.
The dielectric constant (=1 for vacuum) is a measure of how effective a solvent is in
counteracting the electric field. At room temperature water has a dielectric constant* of
about 80, which is considerable higher than MEG (~38) and Methanol (~33). This
means that ions must be farther away from each other in the alcohols than in water,
yielding a lower solubility. Thus generally MEG has the adverse effect of lowering the
solubility of most salts. Injection of MEG may therefore cause increased precipitation
and scale problems relative to an aqueous solution. A common method to prevent
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corrosion in flowlines is to increase pH by adding basic agents (e.g. NaOH, NaHCOs3)
to the MEG stream. In such cases, carbonate salts are particularly troublesome since an
increase in pH by one unit, will reduce the solubility by two orders of magnitude. Thus
there will be a trade off between good corrosion protection (high pH) and scale control
(low pH). MEG has a complex influence on the solubility of carbonate salts since it
changes pH, gas solubility and the CO, dissociation.

1.5 This work

Multiscale PVT’ is a thermodynamic scale model mainly developed for oil and gas
production applications. It calculates salt solubility (equilibrium conditions) and
thereafter scale potential for a wide variety of salts. The Pitzer ion interaction model’ is
used for description of the water and an equation of state for the gas and oil phases.
Multiscale is merely a thermodynamic model and does not include any kinetic
considerations. The aim of this work has been to extend this computer model to include
the possibility for predictions in MEG containing solutions.

This work has been divided into several chapters with individual literature reference
sections to increase readability. Separate chapters have been given to the topics of “pH
in a mixed solvent”, “MgCQO; compounds” and “A new method for estimation of MEG
content”. These subjects have relevance also beyond the scale model of this work, and

are therefore presented with separate theoretical and experimental sections.
1.6 References chapter 1
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University of Technology and Science-NTNU, ISBN 82-471-7323-9, (2005)
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University of Technology and Science-NTNU, ISBN 82-471-5659-8, (2003)
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scale formation and inhibition”, SPE paper 74657, Proceedings of 2002 Oilfield Scale
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5. Kaasa, B., Prediciton of pH, Mineral precipitations and multiphase equilibria during oil
recovery, Dr.Ing thesis, Norwegian University of Technology and Science-NTNU, ISBN
82-471-0339-7(1998)

6. Haarberg, T. Mineral deposition during oil recovery Dr.Ing thesis, Norwegian University of
Technology and Science-NTNU / NTH, (1989)

7. Pitzer, K. S, Brewer, L. Lewis, G.N., Randall M., Thermodynamics 2™ ed. (1961),
McGraw-Hill
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2 Theory

This work aims at predicting salt solubility in a mixed MEG+water solvent. Besides
temperature and pressure, solubility is dependent on other dissolved species than the
salt at question and obviously also on the MEG concentration. This work relies on the
same type of semi-empirical approach as used by Kan et.al'?. The only main difference
is that concentrations in mol/kg solvent instead of mol/kg of water are used in the
modeling, as discussed in detail in section 2.2.3. The term semi-empirical is often used
in thermodynamic textbooks. It simply implies that a model, although theoretically well
founded, includes parameters (extrapolations) that have been fitted from experimental
data. The basic idea of this work is that an existing aqueous model shall take care of the
main effects of temperature, pressure and salt content/Ionic strength of the solution. On
top of this model a purely empirical extension for MEG dependence is added. The
MEG dependence is based on experimental data and fitted in a thermodynamic
consistent manner.

2.1 Aqueous model

Before discussing the solubility in a mixed solvent it is valuable to look at solubility
predictions in an aqueous solution. The basis of this work is the aqueous PVT scale
model, Multiscale™, which was developed several years ago. Details can be found in
the work of Kaasa®® and Haarberg’, but the basic thermodynamics and activity
coefficient calculation will be given here for the purpose of further discussion. A
thorough discussion of thermodynamics of electrolyte solutions can be found in chapter
2 and 9 of Prausnitz et.al’.

The chemical potential of specie i, u; is related to the activity a; and fugacity f; as;

,u[:yl."+RT1n%:,uf+RTlna[ (1)

i

where u° and f° denotes the chemical potential and fugacity in the standard state
respectively. From Eq. 1 it is seen that a; is unity in the standard state. Either u° or f° is
arbitrary but when one is chosen the other is fixed. Reactions in aqueous solutions
usually employ a different standard state for the solvent (water) and the solutes
(dissolved species). This is convenient due to the concentration difference of a solvent
and a solute. Aqueous solutions typically consist of 99mole% water and pure water is
chosen as the standard state for the solvent. This gives a Raoultian standard. By
introducing molfraction, x, as concentration measure Eq. 1 becomes;

u,=p’ +RTIna, =1’ +RT Iny,x, (2)
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The activity coefficient, y, adjusts for the deviation from the ideal case a,=x;,. Water
activity is usually found from partial pressure measurements. Dissolved species,
however, are usually expressed in terms of molality or molarity, and the activity is
defined as;

. m.
a=Lo=y 2 ©
5o

/f° is the standard fugacity, y the activity coefficient and m°=1mol/kg solvent, which
cancels the dimensionality of m in Eq. 3. The solutes are referred to a hypothetical ideal
solution® of i at system temperature and pressure and at unit concentration. This is
known as a Henrian standard state. It is actually a misconception to say that the
standard state for the solute is at infinite dilution. At infinite dilution a; approaches zero,
thus the chemical potential of the solute is -oo. The standard state must be at some fixed
and non-zero concentration, where unit concentration has been chosen simply since its
logarithm is zero. To illustrate this topic regard Fig. 2.1 where the activity of a solute is
plotted against the molality, and the hypothetical standard state is shown by point A.
The dotted straight line gives the ideal case y,=1 .
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Fig. 2.1: Schematic of the activity, a;, of a solute as a function of its molality, m; from
Prausnitz et.al’.

The difference between the ideal (m;= a;) and the real solution activity is accounted for
by the activity coefficient y;. At a molality of 1.5 the actual activity (C) is about 1.3,
while the ideal solution has an activity (B) equal to the molality of 1.5, thus the activity
coefficient is : y;= a/m;=1.3/1.5=0.87. The practical consequence is that in solutions of
very low concentration a,= m; while at higher concentration the activity coefficient, y;
attains a value different from 1. Thus although the thermodynamic notation may be



21

confusing the practical use is not very complex. This choice of reference gives that in
an ideal solution the activity equals the molality i.e. y;=1 at all compositions. In a real
solution y;,—! as m;—0 i.e. the solution approaches ideality at infinite dilution.

The difference between the Gibbs energy of a real and an ideal solution at the same
temperature, pressure and composition is defined as the Excess Gibbs energy®;

GE — Greal _ Gideal (4)

A model for the Gibbs Excess energy will yield activity coefficients of the solutes i.e.
the difference between the dotted and solid line in Fig. 2.1;

on,

T,P,n#l-

Several models for Gibbs Excess energy have been published over the years. The
Pitzer’ ion interaction model is probably the most popular and widely used models for
electrolyte solutions. On a molality basis it is given by

1 1
Wwf([)+—z/1y(1)ninj +—22,u[jkn,.njnk (6)

w

GE

RT ,
W, denotes the weight of water, n» number of moles, while A;; and z,; corresponds to the
second and third virial coefficients in the Pitzer model respectively. f{I) must contain
the Debye-Hiickel limiting law and is consequently a function of ionic strength,
temperature and solvent properties like the dielectric constant. This model will not be
dealt with in detail here but further information can be found in Pitzer’. The equation
has a theoretical basis but it contains parameters that must be fitted from experimental
data. Hence the final equation is at least partly empirical and the Pitzer model itself
must be regarded as a semi-empirical approach for modelling of electrolytes.
Multiscale™ utilizes this Pitzer model for the aqueous phase®*.
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2.1.1 Supersaturation; Scale Potential

The saturation ratio (SR) is used to describe scale potential for salts. For NaCl it is
defined as;

SR = Y _ g er %
K; K, (NaCl)

Eq. 7 gives that SR is equal to the ratio between salt activity and the thermodynamic
solubility product. This definition of supersaturation implies that:

SR>1: The salt is supersaturated and may precipitate.
SR=1: At equilibrium
SR<1: The salt is undersaturated. Dissolution occurs if solid is present.

2.2 Mixed solvents

The partial Gibbs free energy for specie i is given by the difference in chemical
potential between the current state, and that of the chosen standard state, £ ;

1 — 1 =AG, = RTIn“ = RTInq, )
a.

1

For an ideal system the activity of specie i equals the concentration. The transfer from
ideal to a real case, or the partial excess Gibbs energy, can be expressed by an activity
coefficient y;

——real ——ideal

AEIE = AGI _AGi — RT(ln aireal —1n a;'deal)
©)

m.

=RTIn (ﬂj =RTny,
In aqueous solutions, the Pitzer model is very well suited for calculating activity
coefficients but in a MEG+water mixture the problem is more complex. First one has to
consider the standard state. The solute will obviously still be referred to the
hypothetical ideal solution® at concentration of Imolal at system temperature and
pressure. However, there exist two good choices for this standard state, since the 1
molal solution can either be in water or in the watertMEG mixture. The latter choice
will in principle lead to a different standard state for each concentration of MEG. In this
work it was decided to use the water solution reference. This standard is well known,
and the thermodynamic constants, K° that are valid in aqueous solutions will
consequently remain constant during addition of MEG. The approach is the same as
used by Kan et al', and is best explained by regarding an example. Eq. 10 gives the
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transfer of NaCl from its standard state in water into a real watertMEG solution with
salt concentration, m, and MEG concentration x.

NaCl(”,w)—)NaCl(m,xMEG) (10)

(°,w) denotes the standard state of Aypothetical ideal solution in water as described
above. The total Gibbs free energy of transfer for the reaction is given in Eq. 11 where
changes in salt and MEG content have individual terms;

—tot —ID —F —F
AG =AG +AGsu + AGuyzs (11)
Where the terms are
—ID
AG =RTln(mNa+mCl,)
—F
AGsa = RT ln(y§a+ yg,,) (12)
—FE 2
AGuze = RTIn(y\,)
The activity coefficients y° and " shall take care of “salt effects” and “MEG effects”

respectively, as discussed below. Fig. 2.2 graphically illustrates the process as the path
going first to the right and then down.

NaCl (°,w) —ID Sl NaCl (m,w)
AG  +AGsan
NaCl in Imolal ideal > NaCl dissolved in
aqueous solution water
: — kK
H V AGuz
Na(Cl (O, xfl-IEG) NaCl (m, .‘CJIE.(;)
NaClin Imolalideal | .........cceciimieeiiinne > Na(l dissolved in
mixed solution MEG+water

Fig. 2.2: Schematic of the transfer of NaCl from its standard state in water and into an
arbitrary NaCl+water+MEG solution.
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The first (horizontal) step going from the standard state to the real aqueous solution can
be modelled by the Pitzer model since this process does not involve MEG. Going
vertically down from this point corresponds to a process where some of the solvent
(water) is replaced by MEG. The salt concentration remains constant and Gibbs energy

change for the process is given by the AGf/IEG term. AGf/IEG , however, cannot be equal
to the change in standard state from water to a MEG+water solution as it is dependent
on the salt concentration. The reason for this can be explained by another possible
transfer route going first down and then right in Fig. 2.2.

NaCl(",w) - NaCl(”,xMEG)

(13)
NaCl ( Xy ) — NaCl (m, Xyec )

The first step in this process, describes the change in standard state from pure water to
the mixed solvent i.e. from the hypothetical ideal solution® at unit concentration in
water (aqueous standard) to unit concentration in a mixed solvent (medium standard).
The second step, from left to right, describes the process of going from the medium
standard state to the actual solution, keeping the MEG concentration constant. This
process cannot be correctly modelled by the aqueous Pitzer model since the solvent has
different properties e.g. the dielectric constant. Thus the two “horizontal” processes in
Fig. 2.2 are unequal, and the two “vertical” must consequently also be unequal.

The second route is regarded as the thermodynamic “correct” method, but requires a
model for activity coefficients in the mixed solvent. Upgrading the Pitzer model implies
that a whole new set of parameters for all MEG+water compositions will have to be
constructed'™. This would have been an elaborate job even if all necessary
experimental data had been available. Mixed MEG+water data is lacking at present, and
such an upgrade of the Pitzer model is therefore virtually impossible. Hence it was
decided to use the first approach i.e. the path going first to the right and then down in
Fig. 2.2

Solubility for NaCl in a mixed solution is expressed by Eq. 14, where K° gives the
thermodynamic equilibrium constant. m denotes concentration, y° the aqueous activity
coefficient and the y* term describes the MEG dependence that will have to be curve
fitted from experimental data.

4 N N vt 2
Ksp (NaCl) =M Mer VeV er (7NaCl) (14)
The following procedure was used to construct the model;

— At each MEG concentration solubility data (mol/kg solution) was entered into
the aqueous model, which returned y° values as if the solvent was water.

— " was calculated from Eq. 14 using K°, the measured solubility m, and the
activity coefficients from above.

— A function for y"* was curve fitted as described in detail in Chapter 6
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y* is independent of MEG and has the same numerical value in a 0.5m NaCl solution
containing 99wt% MEG as in water containing 0.5m NaCl. y* consequently contains
both the contribution from a change of standard state, as well as the error done by
incorrect calculating y° as if the solvent was water.

2.2.1 Validity of model

It is most important to note that it is the product of y° and y"* that is used for solubility
calculations, thus their individual values are actually of secondary importance.
Generally activity is expressed as molality times an activity coefficient. To calculate it
as a product of two parameters is merely a convenient choice, where y° shall take care of
most of the “salt effects” and Y gives the MEG dependence;

_ total
Anact =My MY e

(15)

2
_ s S Nz
=My MoV e Ver (71‘/001)

Experimental solubility measurements gives the activity at saturation, thus the total
activity coefficient, Y, will certainly be correct at this point. To investigate what
happens at conditions away from saturation it is useful to return to the
thermodynamically “correct” route indicated in Fig. 2.2, which is thoroughly described
by Mussini and Mazza®. By this route the activity of NaCl, referred to an aqueous

standard, is given as;

_ sol sol w, o
aNaCl - mNa+ mC]* 7Na+ 7(;]* sol 7NaCl (16)

sol

y denotes the activity coefficient in the solvent at question and ¥y, corresponds to

the change of standard state as defined below. The top left box in Fig. 2.3 gives the
before mentioned aqueous standard. Below this is the same type of solution, the only
difference being that the solvent is a water+MEG mixture i.e. the medium standard. *y
denotes the activity coefficient in the solvent at question. In the top box it is emphasized
that the activity coefficient in water is written as y° throughout this work. **y=1 in the
ideal solution, while going from left to right it attains a value in the exact same manner
as in an aqueous solution.
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Aqueous standard

NaCl(°, w)

sof_v — :/S — l

s

RT Iny™

7 NaCl

. w,,0
RT lﬂ sol / NaCl

v

S AR Sta [1d i 4 + -
olvent standard RT ]_ll( mlj/;ﬂﬂ) (mNu Cls ll\-IEG)
P o L N )
NaCl(°, XMEG) | v, > )
sol + P T e
* Y nuct = 1 / z\?acz = ( 7 Nacl ) ’ Sc:; Ve ;faCE

Fig. 2.3: Schematic of the calculation of activity coefficients from an aqueous standard.

The vertical step describes a change of standard state, where ,7°is known as the

primary medium effect in Owen’s terminology’. This primary medium effect is related
to the standard Gibbs’ energy change upon transferring NaCl from a medium to an
aqueous standard state as;

(17)

—0 1
1 Wyl == AG a ]_
nsol }/NaC[ SOli)vWCl RT

w denotes water and sol the solvent (water+tMEG) at question. The change in Gibbs’
energy is obviously zero if the solvent is water, and consequently ;7. =1. Details

w,_ o0

about how ;7. is measured by extrapolation to infinite dilution, as well as how

activity coefficients are measured by use of an electrochemical cell can be found in
Manzoni et. al'' and Ceccattini et.al'>. The calculation of *'y going from left to right in
Fig. 2.3 is generally hindered by lack of data. For KCI and NaCl measurements of the
activity coefficient in water+MEG solutions (0-80wt% @25°C) exist'"'>. Thus for these
salts it is possible to directly compare the two approaches in Fig. 2.2. Fig. 2.4 gives the
activity coefficient of NaCl in water and in 80wt% MEG 1i.e. *”’y. The aqueous Pitzer
model is given by the solid line. At 80wt% MEG the activity coefficient approaches
unity, at low salt content, with a steeper gradient than in water. This is depicted by the
Debye Hiickel limiting law®, but unfortunately this equation is valid only for very low
(<0.01m) salt contents.
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A
NN A 80wt% MEG
0.5 - sal
F ——Pitzer
0.4 T T . .
0 0.5 1 1.5 2 25

NaCl [m"?]

Fig. 2.4: Measured activity coefficients, *”'y%, for NaCl'? as function of square root of
concentration (mol/kg solvent). ¢;water A; 80wt% MEG. Solid line; aqueous Pitzer model

»® gives the activity coefficient in water, which is calculated by the Pitzer model, while
the actual activity coefficient in the solvent at question is written as *

y and it is
essential not to confuse the two. It is seen that *’y and y°, as expected, are unequal at
80wt% MEG.

y"* is fitted at saturation and the two approaches are equal at this point;

_ total
Anacr =My MY e

s s + )2
= WlNa+ mCI’ 7Na* 7/le (711\/vaCl) (18)

_ sol sol w, 0
- n/lNa+ mCl’ ny ycr sol yNaCl
Because the total activity coefficient is the same it gives that at saturation one can write;

total sol

N N N+ 2 sol w, 0
VetV or (7/Na01) =Vnact = Ve Ve sol¥nac (19)

This equation summarizes how activities are modeled in MEG+water systems. There
are three important points to be made:

— »* and *y are in principle unequal, thus the curve fitted y"*is not equal to the
change in standard state given by the primary medium effect ;¥ 3.c; -

— »* and *y are in principle unequal, thus the Salt/Ionic strength dependence of
¥ (of the left hand side) is wrong at conditions away from saturation.

— If an ionic strength dependence is included in ", the error in y° can be
compensated and 3" will be correct at any point.
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Using the present model where yj ., is only a function of MEG content (see chapter 6),

the model will calculate either a too high or too low SR at conditions away from
saturation. Ceccattini et.al'? gives measurements of *’y in water+MEG solutions for
NaCl at 25°C that were used to calculate the SR of NaCl at a concentration of 80wt%
MEG in the solvent. Fig. 2.5 compares these results with the prediction from the model
of this work. Both series have been fitted to SR=1 at the solubility limit. The difference

95 sol,

between the two is due to ° not being equal to the “correct” *y.

25

80wt% MEG

A

0.5 1

0 0.5 1 1.5 2 2.5
NaCl [m]
Fig. 2.5: Calculated SR versus NaCl concentration(mol/kg solvent). Solid line: This work.
Dotted line: extrapolation based on data (A) from Ceccattini et.al'?

At 80wt% MEG the solubility limit of NaCl is about 1.75m. If the data of Ceccattini
et.al'? are extrapolated to a NaCl concentration of 2.5m the actual SR should be about
2.6, while the model from Eq. 15 gives SR=2.22. Below saturation the model calculates
a too high SR, while in highly saline solutions it may consequently predict a too low SR
for NaCl. Higher ionic strength than NaCl saturation can be achieved if substantial
amounts of other high soluble species are present. e.g. K, CO;™ etc.

The difference between the dotted and solid line can be adjusted with an ionic strength
dependence in y", i.e. a coupled MEG-ionic strength effect. Sufficient data to include
an ionic strength effect of y"* are available for some salts but lacking for others. Further

details are given in section 2.2.2 and chapter 6.
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2.2.2 lonic Strength dependence in MEG

It is, as mentioned above, possible to include an ionic strength effect in " to
compensate the error in y° of Eq. 14. This is merely a question of obtaining enough
experimental data but there is actually an obvious limitation. When solubility data is
used to determine y"7, it is impossible to measure the MEG dependence at ionic
strengths lower than the solubility of the salt at question. Thus y"* is only measurable
for ionic strengths at saturation and higher. For highly soluble salts this constitutes a
serious limitation, but for low soluble ones like BaSQy, it is no problem. For such cases
ionic strength variations can easily be investigated by performing solubility
measurements with various additions of e.g. NaCl. For non solid equilibria as CO,
dissolution and dissociation, there is virtually no lower limit of ionic strength, and the
ionic strength dependence can readily be measured.

If equilibrium data are available at various ionic strength the next step will be to curve
fit a function. At very low concentrations an activity coefficient model should
correspond to the Debye Hiickel limiting law®. For NaCl and KCI there exists activity
data as mentioned above. Data (25°C, 0, 20, 40, 60 and 80wt% MEG) from Manzoni et.
al'' and Ceccattini et.al'?> were used to calculate the ratio *y/° i.e. the ratio between the
activity coefficient in the solvent, *'y, and in water, y°. Fig. 2.6 shows this ratio in
solutions of 20 and 80wt% MEG. The activity coefficient ratio changes rapidly at low
ionic strengths, as depicted by the Debye Hiickel limiting law®. NaCl and KCI
correspond well up to about /=0.Imol/kg, and it was constructed a general equation for
the ionic strength effect in water+MEG solutions;

sol AII/Z
In 3/ = 172
4 1+ BI

A=-1.17w . - 0.82w2,, (20)
B=932w,,, - 523w

where w denotes weight fraction of MEG in the solvent and / gives the ionic strength
(mol/kg). The equation is of the extended Debye Hiickel type and mathematically it
will approach the limit of A/B at high Ionic strengths.
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Fig. 2.6: In(*'y/*) for NaCI" and KCI at 20 and 80wt% MEG as function of salt

concentration. Solid line: Eq. 20

Eq. 20 is shown as lines for 20 and 80wt% MEG in Fig. 2.6. From /=Imol/kg the lines
are virtually parallel, meaning that y° and *’’y have the same ionic strength dependence
after this point. However, at [>0.Imol/kg even the two chlorides have a different
behaviour and it will certainly be ambitious to use a common equation to describe the
ionic strength effect of all equilibria and ions in water+tMEG solutions. Thus the
coupled MEG-Ionic strength effect was regarded individually in each case, as described
in detail in Chapter 6. Fig. 2.6 shows that the effect of any coupled MEG-Ionic strength

effect should be most pronounced at low ionic strengths, where ln(”];/ / 75) changes

rapidly.
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2.2.3 Concentration basis

Kan et.al'* generally used the same modeling approach as in this work i.e. Eq. 14 where

»° was obtained by the aqueous Pitzer model and y" was curve fitted from solubility

data. The difference is that Kan et.al entered all values of salt solubility with

concentrations as mol/kg water into the Pitzer model to obtain y°. e.g. I mol NaCl/kg

solvent equals 5 mol NaCl/kg water when the solvent composition is 80wt% MEG. Fig.

2.7 shows the resulting activity coefficients in 80wt% MEG.
141 '

Solubility limit

14

0.9 -
— 0.8
Q
«
_HZ
&= 0.7 A
| A | & Water
0.6 A A
A A A A | A 80wt% MEG
0.5 | ——mol/Kg solvent
|
| —<—mol/Kg water
04 : : L :
0 0.5 1 1.5 2 25
NaCl [m"}]

Fig. 2.7: Measured activity coefficients, *’'y%, for NaCl'?> as function of square root of
concentration (mol/kg solvent). #;water A; 80wt% MEG. Lines give Pitzer model with
concentrations entered per kg solvent (solid), or per kg water (solid line with crosses) for a
solution of 80wt% MEG.

The experimental data are the same as given in Fig. 2.4, and there is clearly a
distinction between the activity coefficients calculated by entering concentrations as
mol/kg water or mol/kg solvent. The former actually very closely resembles the
measurements up to about m'?=0.25, which is clearly a motivation to examine this
approach. It should be noted that at the solubility limit (about m"?=1.4) there is a large
discrepancy between the model (mol/kg water) and the measurements. To further
investigate these questions it is valuable to look at the resulting activity plotted in Fig.
2.8, which compares the results to the measured activity of Ceccattini et.al'”.
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Fig. 2.8: a) Activity and b) SR of NaCl'? at 80wt% MEG referred to an aqueous reference
as function of concentration (mol/kg solvent). Solid lines with and without crosses give the
model based on mol/kg solvent(This work), and mol/kg water respectively.

It is noted that the models have been fitted at saturation, thus at the solubility limit
(~1.8m) the activity exactly equals K°,(NaCl). At higher and lower values the activity
deviates from the measured values and results in a slightly different SR as described
above. Although mol/kg water closely resembled the measurements in Fig. 2.7 at the
lowest concentrations, the activity will actually not do so. In Fig. 2.7 it was observed
that the y° was much larger than the measured value at the solubility limit. The y is
fitted at this point and will consequently be a small number to compensate for the large
value of )°. Thus the fitted y"* will yield an activity that is too low when NaCl
concentration decreases. SR is consequently too low beneath saturation and most likely
too high above.

The above example was for the highly soluble NaCl, and in this case the mol/kg solvent
approach gives better results than mol/kg water. Salts with low solubility will have
different behaviour, but the MEG dependence is in any case empirically fitted at
saturation. Hence the choice of mol/kg water or mol/kg solvent is merely based on what
is practically most convenient, and what is believed to give the best results when
extrapolating outside of the experimental range. For low concentrations of co-solvent,
and for dilution of an aqueous solution by pure MEG, it is reasonable to work with
mol/kg water as done by Kan et.al'. This typically corresponds to the mixing of a MEG
rich injection stream with formation water. In cases where salt accumulates in the
system, however, the mol/kg water notation will lead to salt concentrations approaching
infinite when the solvent approaches pure co-solvent. mol/kg solvent is therefore better
suited for a general model that will have to cope with combinations of high salinity and
high MEG contents. The goal of this work is to go up to 99wt% MEG, where e.g. a
solution containing 0.5mol NaCl/kg solvent consequently has a concentration of 50mol
NaCl/kg of water. The latter value will obviously lead to difficulties using the Pitzer
model.
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2.2.4 Born Equation

The Born equation'*"

attempts to describe a change in standard state i.e. the first step
going vertically down in Fig. 2.3 and )yy . in Eq. 16. Fig. 2.9 compares the

solubility'”"® of NaCl and KCl in watertMEG mixtures with three different
calculations.

N
o

6.0

‘e

Id

o
I
o

= N = p
S .. & Literature § ¢ s ® Literature
%5.0 ~~‘ = = =Born o ~~. - - =Born
g ~ . —— Ceccattini g 4.0 - AN —— Manzoni et.al
X — This work X RS — This work
3 40 3
E E 30
2 30 2
3 —_
2
% S 20
4 [<]
g 2.0 P
o N C
Z .0 . 4 X 1.0
a) N b)
0.0 T T T T 0.0 T T T T
[ 20 40 60 80 100 1] 20 40 60 80 100
wt% MEG wt% MEG

Fig. 2.9: Literature data'”'® for 9)NaCl and 5)KCl solubility versus wt% MEG at 25°C
compared to calculations; Solid line: This work, Solid line with triangles: NaCl data of

Ceccattini et.al'” and KCI of Manzoni et.al'' Dotted line: Born equation for 7°, and

literature'"'* for *y.

Predictions (Eq. 16) from Ceccattini et.al'> and Manzoni et.al'’ give systematically too
high values simply because their equations for activity coefficients were not fitted at
saturation. The Born equation, however, gives a wrong type of function. This
observation is in agreement with several other authors'"'*'*!® that states that the Born
equation fails to completely describe the change of standard state. It is possible to use
the form of this equation to curve fit experimental data e.g. by having the ionic radius
dependent on MEG content and ionic strength. However, this gives unnecessary
complex functions and it was decided to simply use polynomials to fit " as discussed
in chapter 6.
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3 Experimental

The experimental work concerning magnesium carbonate solubility is described in
chapter 9.2, while density and conductivity measurements are described in chapter 8.3.
pH measurements are thoroughly discussed in chapter 7.

3.1 General

The MEG(monoethylene glycol) delivered by the suppliers (Acros and Merck) was
analyzed with a Methrom 831 KF Karl-Fischer titration equipment, and found to
contain less than 500ppm (0.05wt%) of water. All chemicals used in the experimental
work are listed in Table 3.1.

Table 3.1: Chemicals used in experimental work

Name Colilocl::tl:‘ l:ti/on Quality Manufacturer
P Otassgg?aﬁtyedmgen KHPh p.a. 99.8% Merck
Sodium bicarbonate NaHCO; p-a. 99.5% Merck
Potassium bicarbonate KHCO; p-a. 99.5% Merck
Sodium Carbonate Na,CO; (anhydrate) p-a. 99.9% Merck
Potassium Carbonate K,CO; p-a. 99% Merck
Sodium hydroxide NaOH p-a. 99% Merck
Magnesium chloride MgCl,-6H,0 p-a 99-102% Merck
Sodium chloride NacCl p-299.5% Merck, Baker
HCl standard solutions HCl(aq) 0.1-0.01M Titrisol Ampoule Merck
NaOH standard solutions NaOH(aq) 0.1-1M Titrisol Ampoule Merck
EDTA standard solutions 0.01M-0.1M Titriplex Ampoule Merck
Mg?" standard solution as MgCl, (aq) Titrisol Ampoule Merck
Monoet(lﬁlgg‘; Glycol C,H,(OH), p.a. 99.5% Merck
Monoet(lﬂlgg‘; Glycol C,H,(OH), p.a. 99.9% Acros
Acetic Acid HAc (conc. liquid) p-a.>99.8% Merck
Strontianite SrCO; p-299.8% Baker
Witherite BaCO; p-a99.3% Baker
Calcite CaCOs p.a99% Merck
Hydromagnesite 3MgCO; ‘Mg(OH), ‘3H,0 2.2 99.5% Merck
Carbon Dioxide CO, gas 4.0 (99.99%) AGA
Calmagite C.A.S. 3147-14-6 indicator grade Acros
Gypsum CaS042H,0 p-a. 99-102% Merck
Anhydrite CaSO, p-a99% Aldrich
Brucite Mg(OH), ultra pure >>99% Fluka
Water H,0 - distilled K <2.5uS/cm
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pH was measured using a Mettler Toledo (3M KCI bridge) glass electrode (SC-111) at
low temperature (0-50°C), while a special high temperature glass electrode from
Innovative sensors (GT-DJ) was used at 50-90°C. The electrodes were calibrated in
aqueous IUPAC standard solutions, and in 0.05m KHPh (Potassium Hydrogen Phtalate)
solutions containing the same concentration of MEG as the sample (see chapter 7). The
KHPh solutions were prepared from dried (100°C, 3h) KHPh salt.

Both HCI and EDTA (only for Ca®") titration analyses were performed with an
automatic titration system (Mettler Toledo DL50). For alkalinity titration a common pH
electrode (Mettler Toldeo SC-111) was used for end point determination. A calcium
sensitive electrode (Radiometer ISE25Ca) in combination with a Ag/AgCl reference
electrode was used during EDTA titration. End points were read manually from the
titration curve and its 1. derivative. This gave a random error of about 0.5-1%. Ma and
Tsang' proposed to use a simple arctan curve fit to evaluate titration end points. A
common spreadsheet was used to construct this fit. It did, however, not give any better
results and was significantly slower than to simply read the end points directly.

3.2 CaSO0O, solubility

Solid gypsum was used directly in the experiments while the anhydrite delivered by
Aldrich was stirred in a saline aqueous solution (0.5m NaCl, 50°C) for one day, filtered,
washed with ethanol and dried at 200°C. This was done to remove any traces of hemi-
hydrate. Both starting materials were checked using X-ray Diffraction (XRD) and
found to have no traces of hemi-hydrate.

MEG+water+NaCl solutions (0-100%MEG, 0-0.7mol NaCl/kg solvent) were made
gravimetrically in 1L flasks. Sample bottles (100-250ml) were filled with this solution
and put in a water bath for temperature control (25-85°C). Excess solid CaSOy4(1-2g),
either as gypsum or as the anhydrite, was thereafter added. The solutions were
vigorously stirred for 1-14days before being filtered through 0.2pm filters and analysed
for Ca®" using EDTA(0.01M) titration. The analysis was checked against Ca®" standard
solutions delivered by Merck. Solids were collected by vacuum filtration, washed with
ethanol, and run through XRD analysis. In selected samples Ca®" was regularly
measured each day to establish the time needed to reach equilibrium conditions.

If Anhydrite is dissolved under conditions were gypsum is actually the stable phase, the
X-ray pattern should yield traces of gypsum and vice versa. It was also anticipated that
precipitation is a slower process” than dissolution. Thus anhydrite dissolves until its
solubility limit is reached. At the same time gypsum will precipitate, but so slowly that
the calcium and sulphate concentrations remain on the solubility limit of anhydrite.
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3.3 Carbonate system

In our laboratory a series of measurements have been performed to establish the first
and second dissociation constant of the carbonic acid as well as solubility of CaCO;,
BaCOs;, SrCOs; and three magnesium carbonate containing compounds (see chapter 9).
CO, gas solubility was measured during the determination of the first dissociation
constant. Stock solutions (MEG+water+NaCl 0-100%MEG, 0-1mol NaCl/kg solvent)
were made gravimetrically in 1L flasks.

3.3.1 CO, flow and pressure

CO, was bubbled through solutions at a flow rate of about 20-50ml/min, with the flask
being open to atmospheric pressure. The gas passed through cleaning bottles with the
same MEG+water+NaCl content as the sample before the inlet of the reaction flask.
This was done to equilibrate the CO,(g) with solvent vapour, and in this way minimize
evaporation of solvent during the experiments.

The CO, partial pressure was calculated by subtracting MEG+water vapour pressure
from the atmospheric pressure. Vapour pressures of salt free water+MEG solutions are
available in the literature®” at temperatures (25, 50, 60, 90.3, 98, 110 and 122)°C. For
experiments at other temperatures than found in the literature, and/or with salt present,
vapour pressure had to be estimated. This was done by using ideal behaviour i.e.
Raoult’s law given as:

P

solvent

:PH20+PMEG

(e2))

0 0
~ P, m,0%m,0 T PureXurc

where P denotes partial pressure, x mole fraction in the liquid and P° the pressure of
pure water and MEG at the given temperature. MEG has a boiling point of about
200°C, thus water is the more volatile component and the gas phase consists of mostly
water(P°yeg~0.02bar at 100°C). It was found that the vapour pressure of a watertMEG
solution could be approximated by the H,O partial pressure, given by Eq. 22, when
operating beneath 90°C and 98wt% MEG.

P

solvent ~ PHZO = P];)ZOXHZO (22)
Eq. 22 reproduced the experimental data for solvent vapour pressure within 0.01bar up
to 90°C. At higher temperatures it is necessary to also include the vapour pressure of
MEG (~xyz6P°uzc)- Fig. 3.1 shows the total vapour pressure’’ divided by the vapour
pressure of water® at temperatures of (25 to 98)°C. The solid line corresponds to ideal
behaviour.
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Fig. 3.1: Vapour pressure’’, P,,, of water+MEG solutions divided by pure water partial
pressure®, P°,, at temperatures of (25 to 98)°C. Solid line gives ideal behaviour depicted by
Eq. 22.

There are no data for vapour pressures of water+tMEG+salt solutions available at
present. When salt is present, the molfraction of water (and MEG) is reduced, thus it
was anticipated that Eqs. 21-22 gave a good approximation also in saline solutions. In
this work the solutions were not highly saline and the influence on the vapour pressure
should therefore be small. During the experiments CO, pressure is directly dependent
on the atmospheric pressure. It was recorded at the time samples were taken, and
generally varies between 0.97 and 1.03bar. The uncertainty in the CO, pressure
determination was estimated to £0.01bar.

3.3.2 K1 and KH determination

A MEG+water+NaCl solution (~250g) of known concentration was filled into a three
neck round flask and magnetically stirred Solid NaHCO;(~10mmol/kg solvent) was
added and the flask put in a water bath for temperature control(25-90°C). CO, gas was
continuously bubbled through the solution with the flask being open to atmospheric
pressure. When pH had stabilized (1-5h), samples (20-50g) were withdrawn using a
plastic syringe. Two different types of samples were collected. In the first type the
syringe was filled with a small amount of degassed NaOH(~5ml, 0.2M) solution before
use. In the second type the samples were withdrawn directly from the flask with no
further treatment. The samples were titrated with HCI(0.01-0.1M) to establish total
alkalinity.

3.3.3 K,determination

A titration method was used to measure the second dissociation constant.
MEG+H,0+NaCl stock solution was filled into a round flask (100-250ml). About equal
amounts of solid Na,CO3; and NaHCO; were added (5-25mmol/kg solvent of each). The
flask was equipped with a pH electrode and closed. The solution was stirred on a water
bath (25-80°C) for a few hours until all solids had dissolved. When pH had stabilized
the Mettler Toledo DLS50 titration system was utilized to construct a curve of measured
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pH versus amount of added HCI(0.01-0.1M). The flask was open to atmospheric
pressure through a syringe needle. Gas volume in the flask was about 10% of the liquid
volume.

3.3.4 CaCOs;, BaCO; and SrCO; solubility

Excess solid BaCO; (~3g) was put into three neck flasks containing MEG+H,0+NaCl
solutions (250-300g). A water bath was used for temperature control (4-80°C). The
solutions were vigorously stirred for 1-14days using a magnetic stirrer. CO, was
continuously bubbled through the solution. The gas was saturated by passing it through
a cleaning flask containing the same MEG+Water+NaCl solution as the sample.
Samples (15-25g) were withdrawn using a plastic syringe, filtered through syringe
mounted filters (0.2um, Schleicher & Schuell) and titrated with HCI (0.01M) to
establish the total alkalinity. When BaCOj is dissolved, alkalinity equals twice the Ba®*
concentration. The titration analysis was calibrated using KHCO; and NaHCO;
standard solutions made gravimetrically from the solid salts. At 80°C the samples were
quenched in distilled water(~20g) to minimize evaporation during weighing. The same
experimental method was used for SrCO; and CaCOs.

ETDA analysis for direct measurement of Ca®" concentration was used as the primary
analysis during CaCO; experiments. Selected samples were also analysed for total
alkalinity, to check that the measured calcium concentration corresponded to 72 of the
alkalinity.

All starting materials were analysed by X-ray diffraction (XRD) and no impurities
could be observed. Solids were collected from samples in water as well as in 90wt%
MEG, and XRD analysis showed no phase change.

To estimate the time needed to reach equilibrium, salt concentrations were measured as
function of time for some samples. The presence of MEG was found to significantly
lower the reaction rate. It is noted that MEG has a much higher viscosity than water.
This suggests a lower diffusivity” that can be rate determining for the dissolution
process. Fig. 3.2 shows measured cation concentration as function of elapsed time at
high MEG contents. Based on such measurements it was found that solutions of 50-
90wt% MEG should be left for at least 5-6 days at 25°C, while solutions with 90wt%
MEG or more, were left for at least 7 days. 2-3 days were sufficient for equilibrium to
be reached at MEG concentrations lower than 50wt%. Higher temperature increases the
reaction rate and at 80°C 2 days was found to be sufficient for all cases.
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Fig. 3.2: Cation concentration (mmol/kg solvent) versus time. Dissolution of CaCO;

(90wt% MEG, 0.5m NaCl), BaCO; (80wt% MEG, 0.5m NaCl) and SrCO; (90wt% MEG,
0.16m NaCl) at 25°C under CO, bubbling P,~1atm.

Ideally solubility should be determined both by dissolution and precipitation. In the
case of CaCO; only dissolution experiments were performed since precipitation can
lead to the formation of the metastable aragonite or vaterite. For SrCO5; and BaCOs also
precipitation was performed; by raising the temperature of saturated solutions from
room temperature and allowing them to reestablish equilibrium at a higher temperature
(50-80°C).

3.3.5 NaHCO; and KHCO; solubilities

Saturated sodium bicarbonate solutions were prepared at room temperature by
dissolving NaHCO; (~250ml solvent, 60 and 90wt% MEG) under continuous CO,
bubbling with the flask being open to atmospheric pressure. The same solutions were
thereafter transferred to a cooling bath such that NaHCO; precipitated at the low
temperature. It was in addition run an experiment where NaHCOs was dissolved at 4°C,
90wt% MEG under CO, bubbling. Samples (25-50g) were withdrawn using a plastic
syringe and filtered through 0.2um syringe mounted filters. Total alkalinity was
analyzed using HCI (0.504M) titration on a Mettler Toledo DL50 automatic titration
system.

KHCO; solubility was measured in a cooling bath at 0°C. Three neck round flasks were
filled with solvent (0, 60 and 97.5wt% MEG) and continuously bubbled with CO,.
When the solution had cooled to 0°C, excess solid KHCO; was added. It was also done
one precipitation experiment with 60wt% MEG. In this solution ~1mol KHCOs/kg
solvent was dissolved at 50°C before the solution was put in the cooling bath at 0°C.
The solutions were vigorously stirred for 5-10days.
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3.3.6 Application and testing; pH

These experiments were performed to test the pH prediction and therefore also the
carbonic acid equilibria in the model. A KCI ceramic bridge glass electrode from
Metrohm (Unitrode) and a combined electrode with a sleeve type of liquid junction
from Radiometer (pHC2601), were utilized for pH measurements. A MEG+water
solution of known composition (60 or 90wt% MEG) was put into a 250ml three neck
round flask, and the solution magnetically stirred. A water bath was used for
temperature control (4, 25, 50, 80°C). CO, was continuously bubbled through the
solution with the flask being open to atmospheric pressure. When the pH reading was
stable (~1h), known amounts of NaHCO; or KHCO; were added to the solution. pH
was recorded after each addition and the procedure continued until the solubility limit
had been reached (4-48hours).

3.4 Mg(OH), solubility

250-500ml flasks were filled with MEG+water+NaCl solutions and put in a water bath
(20-80°C). The solutions were thereafter degassed using a water jet pump, before solid
Mg(OH), was added(1-3grams) and the flasks corked. After the solutions had been
vigorously stirred for 2-7 days, the stirring was stopped and the solids left to settle for
1-2 days. Samples(100-200g) were thereafter withdrawn using a plastic syringe,
filtered through syringe mounted filters (0.2um) and titrated with HCI
(0.100+0.0003M) to establish the alkalinity. The titration analysis was calibrated using
KHCO; and NaHCOj; standard solutions made gravimetrically from the solid salts. At
low temperature (20-25°C) and high MEG concentration (70-90wt%) the solutions
were too viscous to be pressed through the filters. In these solutions the solids were
removed by centrifuging. After the samples had been titrated with HCI, they were
analysed for Mg*" with EDTA (0.01M=0.0003M) titration. The analysis was performed
on a hot plate(50-60°C) since the reaction is slow at room temperature. Calmagite was
used as colour indicator and the titration was calibrated using standard MgCl, solutions
from Merck.

The starting material and samples that had been stirred in water and 90wt% MEG were
analysed using X-ray diffraction (XRD). No phase change was observed.

3.5 pH at known H* concentration

pH was measured in solutions of known H' concentration to obtain a relation between
molality and activity. Solutions of known HCI (~0.001M) concentration were made by
weighing the contents of HCI ampoules together with degassed distilled water and
MEG into 1L bottles. Samples were filled into 250ml round flasks and continuously
stirred on a water bath (25°C). pH was measured as portions of NaCl(s) were added (0-
0.7m).
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3.6 HAc titration

Solid NaCl (~50mmol/kg) and NaHCO; (~50mmol/kg) were, together with the solvent
(0, 50 and 90wt% MEQG), weighed into 1L bottles. The solutions were stirred at room
temperature under continuous CO, flow. Concentrated HAc (0-200mmol/kg) was
titrated into solution and pH measured as function of added acid to verify the
dissociation constant of HAc.
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4 Results

The data for magnesium carbonate solubility are given in chapter 9. Conductivity and
density of watertMEG+NaCl+NaHCO; solutions are given in chapter 8.3.

All salt concentrations are given per kg of solvent. MEG concentrations are given as
molfraction or weight % in the salt free solvent. Solvent denotes water+tMEG.

4.1 Experimental error

In most of the experimental work titration analysis were used for alkalinity or for Ca*
concentration determinations. Parallel samples generally gave a variation of less than
1%. Samples withdrawn hours/days apart, however, showed larger variations than 1%
even in identical solutions. This is due to uncertainties introduced during weighing,
filtering, sampling etc. The random error in the experiments was therefore estimated
from observed variations as well as comparison with literature values in water. This is
discussed in each section below. Accuracy of the pH measurement is estimated as
10.05pH units at 4-25°C, and 0.1 units at 50-90°C (see chapter 7). The determination
of CO, pressure is within 0.01bar (see section 3.3.1)

4.2 CaS0, solubility

Calcium concentrations in equilibrium with solid calcium sulphate, either as anhydrite
(CaSOy) or gypsum (CaSO,2H,0), were analysed by EDTA titration. The random
error in the experiments was estimated to 3%, but never less than 0.2mmol/kg. At high
MEG contents the analysis is more troublesome and the solubility lower, thus percent is
not a suitable measure. At high MEG contents the random error was estimated to
+0.2mmol/kg.

All results are given in Table 4.1 - Table 4.3, where the latter column gives the phase
analysis of the collected solid performed by X-ray diffraction (XRD).

4.3 Carbonate system

4.31 K;and Ky

pH was measured at a given CO, pressure and bicarbonate concentration to investigate
the MEG effect upon the first dissociation constant of carbonic acid, K;. From the same
experimental setup it was possible to measure the amount of dissolved CO, gas,
yielding the Henry’s constant, Ky When CO, is bubbled through the solution,
bicarbonate dominates the alkalinity i.e. [HCO5;]>> [CO5>] and [OH]. The reported



44

bicarbonate concentration in Table 4.4-Table 4.7 is therefore virtually equal to the
alkalinity. Samples from the same solution were added excess NaOH such that both the
dissolved CO, and HCOj5 reacted to CO5>. HCI (alkalinity) titration of such samples
give the total dissolved CO, content. The amount of dissolved CO, was thereafter found
as the difference between total dissolved CO, and bicarbonate concentration (see
section 6.4). All concentrations are given per kg of salt free solvent. The experimental
error is discussed in chapter 6.4.2.

4.3.2 K,; second dissociation constant of CO,

The experimental method is discussed in detail in chapter 6.4.3. Table 4.8 gives pH
measured at certain ratios of carbonate to bicarbonate concentration. When titrating the
carbonate/bicarbonate solution with HCl, there will be a half-way titration point where
HCOj;" equals CO,(aq) concentration. The measured pH at this point equals the
stochiometric first dissociation constant of carbonic acid, and is denoted “pH K;” in
Table 4.9.

4.3.3 CaCO;, BaCO; and SrCO; solubilities

Solubilities of SrCO; (Table 4.11) and BaCO; (Table 4.10) were obtained by alkalinity
titrations, while EDTA titration was the main analysis for CaCO; (Table 4.12) data. All
measurements were performed with continuous CO, bubbling of the solutions.

Systematic error can be caused by impurities in the starting material. From the
information provided by the supplier the possible error was estimated to be less than
0.15mmol/kg for BaCO;, which contained the highest amount of impurities. Another
source of error could be that solids passed through the 0.2um filter, but this is not easily
quantified. Comparison with literature data in water did not indicate any systematic
error for BaCO; or CaCOs;. The SrCOs, data, however, were systematically slightly
higher than reported by Busenberg et.al', as discussed in detail in chapter 5.1. To
investigate the difference between the data of Busenberg et.al' and the present data, one
test was performed. Two solutions for determination of SrCOj; solubility was set up at
25°C (Table 4.11). One was added over 10 times as much SrCO;(s) as the other. A
large amount of solids should give higher measured solubility if the solid contained
impurities or solids passed through the filter. The results showed no differences
between the two. Concentration changes can occur if solvent evaporates, which will
cause NaCl content to rise and consequently increase the solubility. If water evaporates
relative to MEG, this will in addition cause the MEG concentration to rise and generally
the solubility to decrease. The evaporation problem was minimized by saturating the
gas before the inlet of the sample flask, but no further analysis was run to quantify this
problem. It was run three parallels for each alkalinity determination and the error
between parallels was generally within 1%.

The error in the Ca, Sr, and BaCOj; solubility determination was estimated to £3-4% but
never less than £0.2mmol/kg. This latter value was introduced since the error in the end
point determination (~0.1-0.2mmol/kg.) alone accounts for more than 3% when MEG
contents are high and measured concentrations small.
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4.3.4 NaHCO; and KHCO; solubilities

Both NaHCOs(Table 4.13) and KHCOs(Table 4.14) solubilities were measured at a
given CO; pressure. Precipitation experiments were performed by dissolving the salts at
higher temperature. Thereafter the reaction vessels were cooled. The total pressure was
in all cases equal to the atmospheric pressure. Salt concentrations were determined by
alkalinity titration. Low temperature was the main problem during these measurements,
as it gives low reaction rates. The solubility measured in the precipitation experiments,
were slightly higher than the values obtained by dissolving the solid at the same
conditions. This indicates that equilibrium probably have not been reached after 8 days
at these low temperatures. The error was estimated to £5 % in the measured values.

4.3.5 Application and testing; pH

pH was measured as function of NaHCO; (and KHCO3) content to check if the model
calculated correct pH in the whole concentration interval up to saturation. The
experiments also gave approximate values for the solubility of NaHCO; and KHCO:s.
When saturation is reached, further addition of bicarbonate does not change the pH.
Thus solubility is read from the break in the pH curve as described in detail in chapter
7. In Table 4.19 the asterisk denotes that the solubility limit certainly has been reached,
due to solids being observed when pH was measured. Salt concentrations were weighed
into solution with an accuracy of +0.15mmol/kg.

4.4 Mg(OH), solubility

Mg(OH), solubility was investigated by dissolving the solid in degassed
water+MEG+NaCl solutions. Samples were analyzed with EDTA titration for Mg®" and
with HCI titration for OH". As discussed in detail in chapter 5.1.7 there seemed to be a
problem with CO, in the system. OH™ concentration in Table 4.20 is therefore most
likely too high.

The amount of total CO; in the system, given in the latter column, was calculated by
subtracting the measured OH concentration from 2 times the Mg®" concentration (see
chapter 5.1.7). The amount of starting material, which may have contained some
carbonate, was not constant in the experiments. This could have resulted in a variation
in the CO, contents. At 100°C an experiment was run where the solution (with solids)
was refluxed to boil off CO,. The solution was thereafter cooled to 80°C. These
experiments, at the bottom of Table 4.20, are marked with ". Reproduced samples in
water showed a variation in the Mg*" analysis (EDTA titration) of only about 5 % in the
measured values. This is good given the low concentrations and large sample volumes
that have to be filtered. Samples that had to be centrifuged to remove the solids seemed
to have higher total carbonate contents. This was expected due to handling in air for
longer time than when filtered. After filtering/centrifuging the samples were
immediately analyzed with HCI titration. Some contact with air is inevitable, in the
present experimental setup, and some of the CO, may have been introduced at this
point. The random error for the end point determination during HCI titration was
estimated to 5% of the measured value.
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4.5 pH at known H' concentration

pH was measured to get a relation between H' molality and activity. The accuracy was
estimated to £0.05pH units and the HCI content was within 0.005mmol/kg.

4.6 References chapter 4
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solutions between 2 and 91°C, the association constants of StHCO;"(aq) and SrCO;°(aq)
between 5 and 80°C, and an evaluation of the thermodynamic properties of Sr**(aq) and
SrCO; at 25°C and 1 atm total pressure” Geochimica et. Cosmo. Acta 48, 2021-2035,
(1984)



47

Table 4.1: Experimental results with CaSQ, (4) as starting material. 4 indicates Anhydrite

and G Gypsum. Concentration given per kg solvent (water+MEG)

T | Time* | MEG NaCl [Ca®] XRD
°C days wt% mol/kg mmol/kg

22 7 0 0.5 36.40 G
22 3 0 0.5 36.50

22 1 0 0.5 41.26 A+G
22 7 30 0.5 19.16 A+G
22 11 50 0.5 12.10 A
22 11 70 0.5 6.86 A
22 11 90 0.5 3.67 A
22 8 95 0.5 3.01

21 2 0 0 24.09

50 2 0 0.5 34.30

50 3 30 0.5 15.64

50 3 50 0.5 8.70

50 3 70 0.5 4.60

50 11 90 0.5 2.51

50 5 95 0.5 2.08

50 7 95 0.5 1.89

50 4 100 0.5 1.62

50 2 0 0 14.57 A
50 4 50 0 1.72 A
50 4 90 0 0.35 A
50 2 0 0.1 21.50

50 2 50 0.1 4.23

50 4 90 0.1 1.15

80 2 0 0.5 24.46 A
80P 3 0 0.5 25.21

80 2 30 0.5 11.53
80° 2 50 0.5 6.46 A
80° 2 50 0.5 6.48
80° 2 90 0.5 1.52 A
80 2 95 0.5 1.46

*Elapsed time before final Ca®" analysis. Pprecipitation experiments
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Table 4.2: Experimental results with CaSO,-2H,0 (Gypsum) as starting material. Calcium

concentration given in mmol/kg solvent.
T MEG | NaCl [ Ca* T MEG | NaCl [ Ca*
°C wt% [m] [°C] wt% [m]
25 0.0 0 15.44 40 0.0 0.5 36.40
25 20.0 0 8.10 40 20.0 0.5 23.06
25 40.0 0 4.00 40 50.0 0.5 12.27
25 50.0 0 2.82 40 50.0 0.5 12.25
25 50.0 0 2.82 40 50.0 0.5 12.38
25 50.0 0 2.81 40 80.0 0.5 9.74
25 60.0 0 2.01 40 99.8 0.5 29.82
25 70.0 0 1.54 40 0.0 0.7 40.68
25 80.0 0 1.26 40 20.0 0.7 26.54
25 90.0 0 1.72 40 50.0 0.7 14.63
25 95.0 0 3.74 40 79.9 0.7 20.20
25 97.5 0 7.59 40 79.9 0.7 20.03
25 99.9 0 9.54 40 89.9 0.7 34.63
25 0.0 0.5 36.42 40 99.8 0.7 29.76
25 20.0 0.5 23.12 65 0.0 0 14.57
25 50.0 0.5 12.98 65 20.0 0 7.17
25 80.0 0.5 9.31 65 40.0 0 3.21
25 99.8 0.5 29.04 65 50.0 0 2.19
25 0.0 0.7 40.35 65 60.0 0 1.44
25 20.0 0.7 26.43 65 70.0 0 0.97
25 50.0 0.7 15.21 65 80.0 0 0.77
25 79.9 0.7 21.10 65 99.9 0 2.01
25 89.9 0.7 35.93 65 0.0 0.5 36.00
25 99.8 0.7 30.02 65 20.0 0.5 22.69
40 0.0 0 15.76 65 50.0 0.5 11.48
40 20.0 0 7.68 65 80.0 0.5 7.12
40 40.0 0 3.73 65 99.8 0.5 30.34
40 50.0 0 2.53
40 60.0 0 1.65
40 70.0 0 1.32
40 80.0 0 1.05
40 90.0 0 1.42
40 95.0 0 342
40 97.5 0 4.74
40 99.9 0 5.54

Table 4.3: Experimental results at 4410.3°C in water with either Gypsum (G) or

anhydrite(A) as starting material. Samples stirzred for 2 days.
+
TSmp NaCl [Ca™] START XRD
C m mmol/kg

44 0 16.38 A A+G
44 0.5 37.52 A A+G
44 0 15.43 G G
44 0.5 36.08 G G
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Table 4.4: Measurements of CO, dissolution and dissociation at 25°C

MEG® NaCI’ | pCO, H HCOy CO,
wt% [m] [bara] P [mmol/kg]® | [mmol/kg]*
0.0 0.0 0.97 5.86 11.25 30.84
30.0 0.0 0.99 6.10 11.89 26.45
50.0 0.0 0.98 6.25 10.65
95.0 0.0 1.01 4.69 0.00 33.89
99.9 0.0 1.01 3.97 0.00 35.92
50.0 0.1 0.98 6.07 9.35 23.08
60.0 0.1 0.97 6.43 13.88 22.44
80.0 0.1 0.99 6.66 12.47
80.0 0.1 1.01 6.66 12.49 26.26
90.0 0.1 1.00 6.70 9.31
97.5 0.1 1.00 6.93 7.79 33.10
0.0 0.5 0.98 14.06 31.25
0.0 0.5 0.96 5.63 10.06
0.0 0.5 0.97 5.62 9.99 30.32
0.0 0.5 0.97 5.63 10.92 28.64
0.0 0.5 0.96 5.63 10.06 28.71
30.0 0.5 0.98 5.82 9.77 25.65
30.0 0.5 0.98 5.82 9.69 24.50
30.0 0.5 0.96 5.82 9.72 24.13
30.0 0.5 0.97 5.80 9.53 24.39
30.0 0.5 0.97 5.87 11.02 23.16
50.0 0.5 0.98 6.02 8.73 21.65
50.0 0.5 0.97 6.02 9.63 21.68
50.0 0.5 0.97 6.02 9.58 21.56
50.0 0.5 0.97 6.02 9.65 22.06
60.0 0.5 0.98 6.30 13.81
60.0 0.5 0.98 6.31 13.66 21.21
70.0 0.5 0.97 6.29 9.81 21.94
70.0 0.5 0.99 6.31 10.76 22.23
70.0 0.5 0.99 6.29 10.65 22.43
80.0 0.5 0.99 6.67 16.02 23.48
80.0 0.5 1.00 6.49 12.87 28.43
90.0 0.5 1.00 6.59 9.25
90.0 0.5 1.00 6.60 9.94 29.87
90.0 0.5 1.00 6.61 9.94 27.75
95.0 0.5 1.00 6.89 10.89 26.61
99.9 0.5 1.00 6.97 12.43 31.20
50.0 0.7 0.98 6.01 10.19 21.34
60.0 0.7 0.98 6.19 10.80 21.19
80.0 0.7 0.99 6.60 13.74 22.69
80.0 0.7 1.01 6.50 10.98 22.50
90.0 0.7 0.99 6.65 10.65 24.98

"Wt% in salt free solvent. "mol/(kg solvent). “mmol/(kg solvent)
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Table 4.5: Measurements of CO, dissolution and dissociation at 50°C

MEG NaCl pCO, H HCOy CO,
wt% [m] [bara] P [mmol/kg] | [mmol/kg]

0.0 0.1 0.89 5.90 9.50 18.69
50.0 0.1 0.92 6.36 12.24 19.74
50.0 0.1 0.92 6.51 16.00 15.04
70.0 0.1 0.95 6.56 9.75 15.98
80.0 0.1 0.96 6.84 9.96 18.54
95.0 0.1 1.00 7.17 10.43 21.59
97.5 0.1 1.01 7.30 11.38 22.38
97.5 0.1 1.01 7.19 8.90 22.51

0.0 0.5 0.88 5.93 12.42 14.49

0.0 0.5 0.89 5.89 13.16 17.04
30.0 0.5 0.90 6.09 10.52

50.0 0.5 0.91 6.36 10.82

70.0 0.5 0.94 6.64 12.16 14.57
80.0 0.5 0.96 6.71 10.41 16.48
80.0 0.5 0.96 6.77 11.63 18.87
90.0 0.5 0.97 7.02 12.46 20.26
90.0 0.5 0.99 6.92 9.74 23.00
95.0 0.5 0.99 7.15 10.01 19.77
95.0 0.5 1.00 7.09 9.95 19.84

0.0 0.7 0.89 5.86 10.15 15.53
30.0 0.7 0.91 6.14 11.03 14.87

Table 4.6: Measurements of CO2 dissolution and dissociation at 80°C

MEG NaCl pCO, H HCOy CO,
Wt% [m] [bara] P [mmol/kg] | [mmol/kg]

0.0 0.1 0.55 6.44 12.43

0.0 0.1 0.55 6.46 13.00 7.50
50.0 0.1 0.65 6.76 10.16 8.15
70.0 0.1 0.73 7.17 10.70 10.19
80.0 0.1 0.80 7.29 10.04 11.81
90.0 0.1 0.89 7.50 10.71

90.0 0.1 0.89 7.58 11.80 17.26
97.5 0.1 0.98 7.77 10.28 1691
99.9 0.1 1.02 7.78 12.09 16.88

0.0 0.5 0.55 6.22 10.42

0.0 0.5 0.55 6.44 13.56 8.61
30.0 0.5 0.59 6.61 11.79 7.25
60.0 0.5 0.69 6.88 10.10 8.55
70.0 0.5 0.74 7.09 10.97 9.19
80.0 0.5 0.79 7.20 10.05 7.76
80.0 0.5 0.80 7.26 12.56 10.61
95.0 0.5 0.94 7.61 11.63 14.45
95.0 0.5 0.95 7.68 15.12 17.91

0.0 0.7 0.56 6.29 10.61 6.26
70.0 0.7 0.75 7.10 12.10 9.58
80.0 0.7 0.80 7.17 9.59 13.18
90.0 0.7 0.89 7.46 12.48 12.22
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Table 4.7: Measurements of CO, dissolution and dissociation at 65 and 90°C

MEG Temp | NaCl pCO, H HCOy CO,
wt% °C [m] [bara] P [mmol/kg] | [mmol/kg]
30.0 65 0.1 0.79 6.38 10.58 11.70
50.0 65 0.1 0.82 6.61 11.96 11.80
90.0 65 0.1 0.93 7.12 9.22 17.33
95.0 65 0.1 0.98 7.37 14.57 16.44
97.5 65 0.1 1.00 7.47 10.75 18.80
0.0 65 0.5 0.77 6.11 12.87 20.38
70.0 65 0.5 0.87 6.71 9.77 11.98
80.0 65 0.5 0.88 7.04 12.27 19.97
50.0 90 0.1 0.48 7.02 10.66 6.55
50.0 90 0.1 0.48 6.94 11.09 6.55
90.0 90 0.1 0.82 7.73 14.37 12.03
70.0 90 0.7 0.61 7.16 12.20

Table 4.8: Data for second dissociation constant of carbonic acid. The carbonate
concentration ratio corresponds to the point at which pH is measured. Total dissolved
carbonate is about S0mmol/(kg solvent).

T?(I; P l\v/s{t}?’/(o; NzICl mcof’ / mHCO; pH
20.5 0 0.05 1.15 10.01
20.5 0 0.50 1.01 9.70
20.5 30 0.50 0.95 9.98
20.5 40 0.50 0.91 10.15
20.5 50 0.50 1.05 10.37
20.5 60 0.50 0.98 10.52
20.5 90 0.50 0.83 11.43
22.0 0 0.00 1.02 10.05
22.0 0 0.10 1.02 9.92
22.0 50 0.00 1.00 10.71
22.0 50 0.00 1.00 10.69
22.0 90 0.00 0.80 11.64
22.0 90 0.00 0.80 11.61
22.0 90 0.14 0.80 11.44
22.0 90 0.14 0.80 11.32
22.0 90 0.50 0.80 11.32
22.0 90 0.50 0.80 11.26
22.5 0 0.00 1.10 10.02
22.5 50 0.00 0.98 10.73
22.5 90 0.00 1.03 11.69
50.0 0 0.00 1.05 9.85
50.0 50 0.00 0.91 10.55
50.0 90 0.00 0.83 11.32
80.0 0 0.00 1.06 9.76
80.0 0 0.00 1.06 9.70
80.0 50 0.00 0.99 10.18
80.0 50 0.00 0.99 10.13
80.0 90 0.00 0.82 10.85
80.0 90 0.00 0.82 10.89
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Table 4.9: Titration results for determination of carbonate dissociation at 25°C. The
carbonate concentration ratio corresponds to the point at which pH is measured. Total
dissolved carbonate is about 10mmol/kg. The latter column gives the pH for determination

of K].

Table 4.10: BaCO; solubility [mmol/kg solvent]. Continuous CO, bubbling at P,~latm,

and with varying NaCl (mol/kg solvent) contents. =Precipitation

1\:5)/? N::lCl Mg M pH l;g
0 0.5 0.85 9.69 6.13
0 0.5 0.81 9.64 6.14
0 0.5 0.92 9.71 6.10
0 0.5 0.95 9.74 6.07
50 0.5 0.98 10.45 639
60 0.5 0.98 10.61 6.49
60 0.5 0.93 10.50 6.47
70 0.5 0.98 10.66 6.59
90 0.5 0.30 10.82 7.07
50 0.1 0.98 10.67 6.48
60 0.1 0.98 10.82 6.63
60 0.1 0.94 10.71 6.59
70 0.1 0.96 10.81 6.69
90 0.1 0.50 11.22 7.14

T MEG NaCl Pcoa BaCO; H
°C wt% m bar mmol/kg P

4 0 0.50 1.00 17.52 591
23 0 0.05 0.98 10.09 6.02
23 50 0.05 1.00 6.61 6.24
23 90 0.05 1.00 7.08 6.94
25 0 0.15 0.97 11.91 6.00
25 0 0.50 0.97 14.94 6.08
25 0 0.50 0.97 14.41 6.08
25 30 0.50 0.99 11.54 6.20
25 30 0.50 0.99 11.69 6.20
25 50 0.50 1.00 10.57 6.28
25 70 0.50 1.00 10.75 6.51
25 80 0.50 1.00 11.20 6.76
25 90 0.50 1.00 12.14 7.01
25 97.5 0.50 1.00 15.27

25 0 0.95 0.97 16.20 6.05
37.5 0 0.50 0.94 12.80

50 0 0.50 0.88 11.14

50 50 0.50 0.91 7.40

50° 90 0.50 0.97 8.41

50 90 0.50 0.97 7.99

80 0 0.50 0.54 7.36 6.3
80 50 0.50 0.64 4.78

80P 50 0.50 0.63 4.63

80 90 0.50 0.87 4.70
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Table 4.11: SrCOj; solubility [mmol/kg solvent]. Continuous CO, bubbling at P,,~1atm,

and with varying NaCl (mol/kg solvent) contents.
T MEG NaCl Pcor SrCO; pH
°C wt% m bar mmol/kg
23 0 0.05 0.97 6.03 5.80
23 50 0.05 1.00 3.70 5.92
23 90 0.05 1.00 2.96 6.54
25° 0 0.00 0.97 491
25 0 0.00 0.97 4.91
25 90 0.16 0.99 4.32 6.66
25 0 0.19 0.98 7.32 5.81
25 0 0.50 0.97 8.61 5.83
25 0 0.50 0.97 8.60 5.83
25 30 0.50 0.98 6.33 5.86
25 30 0.50 0.98 6.55 5.97
25 50 0.50 0.99 5.85 6.04
25 70 0.50 1.00 5.45 6.30
25 80 0.50 1.00 5.50 6.49
25 90 0.50 1.00 5.46 6.68
25 97.5 0.50 1.00 6.17
25 0 1.03 0.97 9.52 5.83
37.5 0 0.50 0.94 7.36
50 0 0.50 0.88 6.36
50 50 0.50 0.91 3.93
50 50 0.50 0.91 3.97
50 90 0.50 0.97 4.06
50° 90 0.50 0.97 4.05
80 0 0.50 0.53 4.08
80 50 0.50 0.64 2.46
80° 90 0.50 0.87 2.24

* Contained 0.8g of starting material SrCOs(s). "Contained 12.1g of SrCOs(s). PPrecipitation
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Table 4.12: CaCO; solubility [mmol/kg solvent]. Continuous CO, bubbling at P,~1atm,
and with varying NaCl (mol/kg solvent) contents.

T MEG NaCl Pcos SrCO; H
°C wt% m bar mmol/kg P
25 0 0.1 0.96 10.58 6.05
25 0 0.5 1.00 14.71
25 0 0.5 0.98 14.68
25 0 0.7 0.97 14.55 6.07
25 30 0.5 1.00 11.97 6.22
25 30 0.7 0.97 11.02 6.22
25 50 0.1 0.98 7.96 6.31
25 50 0.5 1.00 10.41 6.39
25 50 0.7 0.99 10.94 6.34
25 50 0.7 0.97 9.88 6.35
25 60 0.5 0.99 10.06 6.44
25 70 0.5 0.99 9.50 6.55
25 80 0.5 0.99 8.90 6.72
25 90 0.1 1.01 6.99 6.87
25 90 0.5 0.99 8.75 6.86
25 95 0.5 1.00 9.19 7.01
37.5 0 0.5 0.95 12.34
50 0 0.5 0.89 9.87
50 50 0.7 0.90 7.04
50 90 0.1 0.99 3.34
60 0 0.5 0.80 8.30
60 30 0.5 0.82 6.20
60 50 0.5 0.83 5.25 6.43
60 60 0.5 0.87 4.90 6.65
60 70 0.5 0.88 4.17 6.73
60 90 0.5 0.95 4.10 6.93
80 0 0.5 0.53 5.30
80 0 0.5 0.54 547
80 30 0.5 0.59 4.19
80 70 0.5 0.95 2.82
80 90 0.1 0.89 1.90
80 90 0.5 0.95 2.66
Table 4.13: NaHCO; solubility.T + 0.2°C.
T Time | MEG | NaHCO; | Pco, Table 4.14: KHCO; solubility
°C_| days | wi% | mmolkg | Bar | PH Time | MEG | KHCO; | Pcos
209 2 60 419 0.96 | 7.79 days [ wt% | mmolkg | Bar
20| 2 90 373 | 097 | 832 5 0 2253 1099
40° | 8 90 342 0.99 | 8.01 8 60 820 1.00
40 | 11 90 323 1.00 | 8.04 8 60" 849 1.00
5 97.5 1034 1.00
400 | 11 60 366 099 | 9.62 T—————
p

PPrecipitation
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Table 4.15: Measured pH at 25°C in solutions of 60 and 90wt% MEG. Salt concentration
given in mmol/kg solvent. P, denotes CO, pressure in bar
NaHCO::, Pco2 60wt% NaHCO:; Pco2 90wt%

0.0 0.98 4.13 0.0 0.99 4.88
19.9 0.98 6.58 1.0 0.99 5.90
99.4 0.98 7.21 9.0 0.99 6.80
199.0 0.98 7.49 47.0 0.99 7.45
298.9 0.98 7.65 104.3 0.99 7.82
399.5 0.98 7.77 164.1 0.99 7.96
599.0 0.98 7.80 216.9 0.99 8.10

270.2 0.99 8.20
313.1 0.99 8.22
378.5 0.99 8.29
514.1 0.99 8.30

Table 4.16: Measured pH at 4°C in solutions of 60 and 90wt% MEG. Salt concentration
given in mmol/kg solvent. P, denotes CO, pressure in bar

NaHCO; Pco2 60wt% NaHCO3 Pco2 90wt%
0.00 1.00 4.01 0.00 1.01 5.02
0.06 1.00 4.68 0.13 1.01 5.03

1.9 1.00 5.48 0.59 1.01 5.60
9.4 1.00 6.11 1.7 1.01 5.97
44.7 1.00 6.69 12.4 1.01 6.78
93.1 1.00 6.98 50.0 1.01 7.33
158.8 1.00 7.20 100.5 1.01 7.59
227.7 1.00 7.35 214.8 1.01 7.87
280.9 1.00 7.44 452.4 1.01 8.03
337.7 1.00 7.52 897.5 1.01 8.03
422.9 1.00 7.52

Table 4.17: Measured pH at 50°C in solutions of 60 and 90wt% MEG. Salt concentration
given in mmol/kg solvent. Pco, denotes CO, pressure in bar
NaHCO3 Pco2 60wt% NaHCO3 Pco2 90wt%

0.00 0.92 4.39 0.00 0.94 5.10
0.23 0.92 4.50 0.17 0.94 5.56

1.2 0.92 5.62 1.3 0.94 6.32
9.1 0.92 6.54 9.0 0.94 7.12
58.5 0.92 7.31 65.2 0.94 7.90
112.9 0.92 7.56 165.4 0.94 8.27
192.6 0.92 7.79 265.2 0.94 8.50
267.5 0.92 7.94 432.5 0.94 8.63
321.5 0.92 7.98 644.2 0.94 8.65
377.2 0.92 8.04 964.4 0.94 8.65

434.2 0.92 8.10
503.0 0.92 8.15
556.3 0.92 8.18
609.4 0.92 8.22
672.4 0.92 8.23
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Table 4.18: Measured pH at 80°C in solutions of 60 and 90wt% MEG. Salt concentration
given in mmol/kg solvent. Pco, denotes CO, pressure in bar

NaHC03 Pco2 60wt% NaHCO3 Pco2 90wt%
0.00 0.72 4.76 0.00 0.88 5.40
3.8 0.72 6.69 0.96 0.88 6.59
12.8 0.72 7.21 8.8 0.88 7.53
60.1 0.72 7.81 46.1 0.88 8.16
114.3 0.72 8.04 92.9 0.88 8.34
273.2 0.72 8.37 180.56 0.88 8.59
394.9 0.72 8.47 297.2 0.88 8.74
584.2 0.72 8.58 452.2 0.88 8.88
751.9 0.72 8.62 666.8 0.88 8.95
1005.5 0.72 8.63 925.1 0.88 8.95
1368.9 0.72 8.64

Table 4.19: Measured pH at 25°C in solutions of 60 and 90wt% MEG. KHCO;
concentration given in mmol/kg solvent. Pco, denotes CO, pressure in bar

KHCO3 pcoz 60Wt% KHCO3 pcoz 90Wt%

0.0 0.98 4.22 0.0 0.99 4.96
0.2 0.98 4.55 0.2 0.99 5.50
1.3 0.98 5.46 0.8 0.99 5.92
11.4 0.98 6.40 12.3 0.99 7.03
42.1 0.98 6.94 413 0.99 7.49
78.2 0.98 7.19 85.8 0.99 7.76
152.8 0.98 7.46 158.5 0.99 7.99
236.1 0.98 7.64 314.9 0.99 8.26
338.2 0.98 7.79 505.2 0.99 8.45
451.1 0.98 7.90 857.3 0.99 8.69
671.2 0.98 8.06 1153.5% | 0.99 8.74
994.3 0.98 8.20 1725.9% | 0.99 8.74
1127.6 0.98 8.27

1459.7* | 0.98 8.32

*Solubility limit reached
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Table 4.20: Measured OH™ and Mg“(mmol/kg solvent) concentrations from dissolution of

Mg(OH),. NaCl given as mol/kg solvent.

T MEG NaCl “OH™« ¢ Mg* Cco,"
°C wt% m mmol/kg mmol/kg | mmol/kg
22 0 0.5 0.59 0.43 0.27
22 0 0.5 0.56 0.44 0.31
22 30 0.5 0.69 0.47 0.25
22 30 0.5 0.63 0.51 0.39
22° 50 0.5 0.72 0.46 0.19

22%¢ 50 0.5 0.59 0.56 0.53
22 60 0.5 0.70 0.49 0.28
22° 90 0.5 0.39 0.50 0.61
22 0 0 0.26 0.28 0.30
22 0 0 0.21 0.26 0.31
22 0 0 0.23 0.27 0.31
22 30 0 0.36 0.29 0.23
22 50 0 0.39 0.34 0.29
22°¢ 70 0 0.30

22°¢ 90 0 0.14 0.30 0.47
50 0 0.5 0.44 0.35 0.26
50 30 0.5 0.33 0.34 0.35
50 40 0.5 0.26 0.43 0.60
50 50 0.5 0.41 0.37 0.33
50 90 0.5 0.32 0.32 0.31
80 0 0.5 0.65 0.61 0.57
80 50 0.5 0.44 0.78 1.12
80 90 0.5 0.19 0.63 1.07
80" 0 0.5 1.31 0.60

80" 0 0.5 1.10 0.63 0.16

100" 0 0.5 0.65 0.35 0.04

“same sample either filtered or centrifuged. "estimated CO, content (see section 5.1.7)
‘centrifuged. Y(see section section 5.1.7) "Refluxed at 100°C to remove CO,.

Table 4.21: Measured pH at 25°C in solutions of 0.98mmol HCI /kg (-log(0.00098)=3.01) at
various NaCl contents

MEG NaCl / mol kg™

wt% 0 0.1 0.5 0.7
0 3.03 3.11 3.12 3.11
50 2.94 3.08 3.11 3.09
70 2.92 3.08 3.10 3.08
90 2.56 2.71 2.75 2.73
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5 Thermodynamic data

5.1 Thermodynamic equilibrium constant

The basis for the scale model is the thermodynamic solubility product. For some of the
salts in the present work these thermodynamic solubility products K°;, were not
previously available in the aqueous model'*. Thus before any MEG dependence could
be calculated the K°, had to be included. K°;, was calculated from aqueous solubility
data by use of Eq. 23, where NaCl is used as an example. m and y denotes
concentrations (mol/kg solvent) and activity coefficients respectively. m is measured at
saturation and y found from the Pitzer ion interaction model'”.

KSOP (NaCl) - mNa+ mle ' 7/Na+ 7/le (23)

This is the same approach as used by Marion® and Kénigsberger et.al.” Solubility is
highly temperature dependent and the solubility products were fitted with the function
given in Eq. 24 unless stated otherwise.

K K
an;:Tl+K2+K3lnT+K4T+T—§ (24)

T denotes absolute temperature (K), while K;-K5 are curve fitted constants given in
Table 5.1. This equation is “physically correct” and can be deduced from the Gibbs’
energy change for the dissolution reaction;

NaCl(s)= Na*(aq)+ Cl (aq) (25)
AG = Hyet (ag) + K (agy ~ Mnacics)

a

_ * _ 0 Na*—CI”

= e tagy e (ag) ~ Hiacisy + RTIn p (26)
NaCl(s)

a,.a..
=AG’ + RT In-22 <

Anaci(s)

The superscript * refers to the infinite dilution based standard state and ° to the
Raoultion standard, as described in chapter 2. ayuciy=! when NaCl is the pure solid
phase. At equilibrium (AG=0) the dissolution of NaCl can be related to the change in
standard Gibbs free energy;
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0 -AG’
In K (NaCl)= RT

=Ilna T Ina o 27

By inserting the enthalpy and entropy Eq. 28 is obtained. If AH° and 4S° are regarded
as constants, the right hand side will equal the two first terms in Eq. 24.

~AG® _—AH’ AS’
RT ~ RT R

:ﬁ+K2
T

anS”p =

(28)

The temperature dependence of the enthalpy and entropy is given from the heat
capacity. T denotes the temperature in question while 7° corresponds to the reference,
usually 298K;

T
AH{ = AH, + j AC,dT (29)
TO
o __ o T ACp
AS7 = AS], + [ = =dT (30)
-

If the change in heat capacity is regarded as constant i.e. not a temperature function,
this will give a /nT term from the entropy relation in Eq. 30. Thus Eq. 28 becomes;

) T
_[AHOMCP(T_T(,)]JAS +ACplnTo}

InK’ =
v RT R (31)

=%+K2+K3lnT

Eq. 31 corresponds to the first three terms of the general Eq. 24, and is equivalent with
the expression used by Prausnitz et al.®. The temperature function of G, is commonly’
included by a function such as given by Eq. 32.

/4
C,=a+pT+ (32)

T?

By performing the above integration with this function, one will arrive at an equation
with the same form as the general function in Eq. 24. In some cases it was found that
one or more of the K parameters in Eq. 24 could be omitted without this having a
negative effect on the curve fit. From Table 5.1 it is consequently seen that some salts
have parameters set to 0. The fitting should, however, at least include parameters K;
and K,, which corresponds to enthalpy and entropy respectively. Eq. 27-31 also shows
that solubility can be calculated from calorimetric data.
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Table 5.1 gives all the parameters for the K°;, functions. The latter two columns give
the literature references used for fitting the equation, and the temperature range that

they cover.

Table 5.1: Parameters for calculation of K°, in Eq. 24

T/

Salt K; K, K; K, K;s o Ref.”
KCI¢ 494.26° | -5.8585 | 2.4552E-2 | -4.2553E-5 2.6066E-8 0-300 7-9
NaAc-3H,0 1.5994 117.49 -26.359 0.12141 1.1220E-2 0-58 8-10
NaAc -9653.9 | 185.40 -24.242 -2.5292E-2 0 0-120 8-10
NaHCO; -3.6367 | -77.250 14.575 -2.2468E-2 0 -3-95 8,12-18
KHCO; 2.2403 69.658 -17.016 9.2964E-2 0 0-70 4,8-11,19-20
K,CO5-1.5H,0 6.6460 191.93 -44.847 0.23565 0 0-250 8-11,21
K,CO; -39.805 | -1160.4 24478 -0.68681 0 0-250 8-11,21
Na,CO;-10H,O | -8006.9 | 25.093 0 0 0 -2-40 8.14,22,23
Na,CO5-H,0 3016.7 | -274.98 55.483 -0.16629 -0.082013 30-100 8,18,22-24
Na,CO; -17483 462.07 -70.047 -1.5459E-3 | -4.2439E-3 | 100-300 18
BaCO; -46077 1399.1 -236.68 0.28289 0 0-90 26
SrCO; -16669 362.71 -57.996 8.3170E-3 0 0-90 25,35
CaS0, -9536.5 | 239.87 -38.258 0 0 20-250 27-34,TW
Mg(OH), -10621 240.71 -40.444 0 0 18-300 8,10,36,TW
HydMg* 3555.62 | -85.022 0 0 0 0-80 4,538 TW

“Temperature range of experimental data *Literature references. TW=This work

“Parameters for Fourth order polynomial given in Eq. 34

4Solid phase included in model is Hydromagnesite with formula; 3MgCO;Mg(OH),"3H,0
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5.1.1 KCI

Potassium chloride has been thoroughly studied through the years and its aqueous
solubility is tabulated in the literature””. The thermodynamic solubility product is given
as;

K (KCD =mge 7. ¥y (33)

mgc corresponds to the solubility data taken from the literature’”. The activity
coefficients, y, were calculated by the Pitzer model mentioned above. It is noted that the
form of the fitting equation (Eq. 24) is a direct consequence of the chosen expression
for C,. For KCI, however, Eq. 24 gave a poor fit, thus possibly caused by a different
temperature function for the heat capacity. The results shown in Fig. 5.1 were fitted
with the 4™ order expression given in Eq. 34. T'is in degree K, and the fitting constants
KK are given in Table 5.1. This function is the same as used for NaCl by Kaasa';

K; (KCl)=K, +K,T+ KT’ + K, + K,T* (34)
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Fig. 5.1: The thermodynamic solubility product of KCI versus temperature. Curve fit of
Eq. 34 compared with literature data”

It is generally known that such numerically fitted equations can give improbable
extrapolations compared to “physically correct” equations like Eq. 24. Because the
fitting in addition is performed on Kj, rather than /nK, such polynomials may even
give negative values for the solubility product i.e. physically impossible. The
polynomial expression was therefore forced to always be greater than 0 and to have a
reasonable extrapolation from -50 to 300°C.
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5.1.2 NaAc

Sodium acetate can exist in two different crystal modifications. At high temperature
anhydrate, NaAc, is the stable phase, while at temperatures lower than about 58°C the
trihydrate, NaAc-3H,0, is the stable phase in aqueous solutions. Thus for the latter case
the activity of water must be included in the calculation of K,° and Eq. 23 becomes;

K., (NaAc-3H,0) = mo.m. .y, .y, 013120 (35)
K; (NaAC) = mNa* mAc’ 7/Na+ ]/Af (36)

Activity coefficients and water activities were calculated by the mentioned Multiscale
model'. The NaAc concentration in Eq. 35-36 is written as Na” and Ac™ to emphasize
that the negative ion is actually a base and consequently in equilibrium with acetic acid,
HAc. When NaAc is dissolved in water, however, the HAc concentration is negligible
and Na™ and Ac™ concentrations are virtually equal. Tabulated data®'® from different
sources correspond well as shown in Fig. 5.2 and have probably been taken from the
same original works. A rough extrapolation gave a phase shift from NaAc-3H,O to
anhydrous NaAc at about 60°C.
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Fig. 5.2: Solubility*'’ of NaAc (mol/kg water) in aqueous solutions as function of
temperature.

The calculated values were fitted to Eq. 24 and gave two functions for K,,’, one for the
trihydrate and one for the anhydrous salt with the parameters given in Table 5.1. Fig.
5.3a) shows the two functions, where the equation does not give a perfect fit for the
highly soluble anhydrate. It was, however, chosen to use Eq. 24 since this equation
gives a reasonable extrapolation as mentioned above. From Fig. 5.3a) it seems that the
change in phase stability occurs at about 100°C, which is misleading. The reason for
this is that the water activity is included for NaAc-3H,O, but obviously not for the
anhydrate, NaAc. To directly compare the two, the solubility product of NaAc-3H,0 is
divided by the water activity as shown in Eq. 37. The right hand side is now the same as
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for the anhydrate expression and Fig. 5.3b) gives, as expected, an intersection at about
58°C.
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Fig. 53: a) Ln K°, of NaAc and NaAc-3H,O as function of temperature. b)
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5.1.3 NaHCO; and KHCO;
The thermodynamic solubility product of NaHCO; was calculated from literature

solubility data®'*'® that covered —2.5 to 95°C. For sodium bicarbonate it is necessary to
separate the anion and cation concentrations, thus Eq. 23 becomes;

K¢ (NaHCOy)=m, .m (38)

HCO; Y natV HCO;

If the solubility measurements are performed by dissolving NaHCOs;, alkalinity will
equal sodium concentration but not necessarily the bicarbonate concentration.
Bicarbonate can dissociate according to Eq. 39, where carbonate and CO, is formed.

2HCO; = CO;” +CO, + H,0 (39)

At high temperature and low CO; pressure the reaction is shifted towards the right, thus
bicarbonate concentration will not equal Na' concentration or alkalinity. If the
Bicarbonate concentration have not been measured directly it has to be calculated, and
the existing aqueous scale model'” was used for this purpose. Wegscheider et.al.'®
measured both bicarbonate and carbonate concentrations, which were in good

agreement with the model calculations. Data from the CRC handbook'' (above 40°C)
did not correspond well with the other sources and was not utilized for the curve fitting.

120
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This reference'' did not clearly state how the experiments had been performed, and
therefore it was not evident how to calculate the carbonate equilibria.

0 £ 3

a) t b)
0.2 1 A e
24
0.4 1
-0.6 L
-
o
-0.8
o
I 01
©
-1 4 z
&
o 14
1.2 4 - - - - Marion <
¢ Linke 5 .
141 O IFE 2] A Literature
x McCoy
164 . + Hill — Curve fit
o *» A Wegschneider
R —a— Charykova -3 1
184 - —>—Monnin and Schott
-2 T T T T T T -4 T T T T T T
-10 0 10 20 30 40 50 60 -50 0 50 100 150 200 250
Temperature [°C] Temperature [°C]

Fig. 5.4: a) Calculated InK,,° of NaHCO; from literature data®'*® versus temperature,
compared with low temperature models of Marion’, Charykova'® and Monnin and
Schott"". b) Calculated InK,° of NaHCO; from literature data®>'® and the extrapolation of
the curve fit.

Fig. 5.4a) shows the calculated values of InK,,° compared to models found in the
literature. Both Marion* and Monnin and Schott'’ fitted models from solubility data by
use of the Pitzer ion interaction model in an equivalent manner as in this work. It is
noted that Marion® was only concerned with low temperature systems, and the model
consequently deviates at 40°C and above. Monnin and Schott'’ only used data from 5 to
50°C but their simple extrapolation seems much more reliable outside this range.
Charykova'® used the same approach, but the model is systematically higher than the
calculations in this work. Charykova used own data for the fitting of parameters in the
Pitzer model. It is noted that the choice of model for the activity coefficients will
consequently lead to a different value of K,°. There will, however, always be internal
consistency in the model since it obviously reproduces the solubility data it has been
fitted from.

The work of Waldeck, Lynn and Hill'® is the only available reference for solubility at
100-200°C. It was stated that they had problems with CO, leaving the system, and the
total pressures in their closed bomb experiments are not given. Thus it was not evident
how to interpret their measurements for calculation of activity coefficients and
bicarbonate concentration. It was, however, given approximate values for the CO,
pressure at 190 and 200°C, and based on these a rough calculation of the carbonate
equilibria was performed. It did, however, not correspond well with the measured
bicarbonate concentration, which may be due to uncertainties in the model. NaHCO;
and KHCO; were included in this work since it is desirable to calculate solubility of
these salts in MEG injection pipelines at seabed temperature. High temperature and
concentrations up to 10m can be found in MEG regeneration plants. These conditions,
however, are at present well outside the scope of this work. Further development, to
enable calculations in process plants, is a possible future extension of this work. This
will probably require reinvestigation of the Pitzer ion interaction model when these

300
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extremely high concentrations are encountered. At present it was chosen to only use the
data at below 100°C.

The thermodynamic solubility product of KHCO; was calculated similarly as done for
NaHCO;. Solubility data found in the literature™*111%2% covered 0 to 70°C, and with a
few exceptions the data corresponded well.

w
]

w
L

N
54
L

=
O 2
(S}
I
$15 * S.tephen
& <& Linke
& 1] A CRC
£ X Trypuc
0.5 - = = Marion
O Gmelin
0
+ Lange

05 Curvefit

—»— Charykova

0 20 40 60 80 100
Temperature [°C]

Fig. 5.5: InK,,° for KHCO; versus temperature, calculated from literature data*S11:19-20

The curve fit is compared with equations from Marion* and Charykova'®

Fig. 5.5 shows that the calculation is in agreement with the findings of Marion®*, while
Charykova'® gives a different temperature function. The work of Charykova, however,
was primarily done at 25°C and it is, as in the case of NaHCO;, pointed out that since
Charykova use a slightly different model for activity coefficients, it leads to a different
solubility product. It was chosen to use the same type of extrapolation as for NaHCOj;
and all parameters are given in Table 5.1.

51.4 K2C03 and NaZCO;;

As in the case of bicarbonate salts, anions and cations have to be separated in the
calculation of K°, for carbonates. Eq. 40 gives the solubility product for potassium
carbonate, and the expression for the sodium salt will be equivalent. The water activity
must be introduced for phases including crystal water, where y denotes the number of
moles of crystal water.

Ksop (K2CO3 -yH20)= m12<+mco327 712(+7C0327ai120 (40)

Solubility data for potassium carbonate found in several handbooks®'" are plotted in

Fig. 5.6 versus temperature(°C). High temperature data is given by Moore et.al*". The
thermodynamic solubility product was calculated from Eq. 40 with carbonate ion
concentration from the aqueous model described in previously. At ambient
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temperatures K,CO;-1.5H,0 is the stable phase, while the anhydrate, K,CO;, is only
stable in aqueous solutions above ~152°C.
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Fig. 5.6: Solubility of K,CO; in aqueous solutions versus temperature from Stephen'’,
CRC Handbook'' and Moore et. al.”!

It should be noted that the calculated activity coefficient of the carbonate ion is about
850 at 150°C, while it drops to 107 at 250°C. The model seems to be questionable for
use in these highly saline solutions at high temperature. Calculated K,,” values were
fitted with two equations as shown in Fig. 5.7. As in the case of NaAc the water activity
dependence of one of the salts, result in a misleading intersection of the two K’
functions. Phase change is in fact predicted at about 154°C. The anhydrate function
does not give a very good fit, but given the uncertainties both in measurements and
modelling at these conditions, a more sophisticated equation did not seem warranted.
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Fig. 5.7: InK,,” of K,CO;:1.5H,0 and K,CO; versus temperature, compared with the fitted

equations
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Three solid phases of Na,CO; were included in the model;

— decahydrate ~ Na,COs;-10H,O
— monohydrate  Na,CO5-H,O
— anhydrate Na,CO;.

In aqueous solutions the anhydrate is not stable at temperatures below about 100-
120°C. When MEG is added to the system, however, water activity drops and anhydrate
becomes stable at lower temperatures. Thus the thermodynamic solubility product of
anhydrate has to be included in the model. The data found in the literature corresponded
well, and the stability shift from deca to monohydrate is clearly seen in Fig. 5.8a) Wells
and McAdam® found a short temperature interval where the heptahydrate
Na,CO;-7H,0 was stable as shown in the segment given in Fig. 5.8b). Apelblat and
Manzurola®?, however, did not include the heptahydrate, Na,CO;-7H,0, in their work.
In the present work it was also chosen to omit this phase from the modeling due to its
narrow stability range.
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Fig. 5.8: a)Solubility (mol’kg water) of Na,CO; in aqueous solutions as function of
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and Manzurola®. b) Segment at 30-40°C with data from Wells and McAdam*

K’ values were calculated from solubility data in the literature®'%!*#*  where
carbonate concentration, water activity and activity coefficients were calculated with

the aqueous model as described above.
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Fig. 5.9: a) LnK,,° of decahydrate Na,CO510H,O as function of temperature compared
with functions of Monnin and Schott'” and Charykova'. b) LnK,° of monohydrate
Na,CO3°H,0 and anhydrate Na,COj; versus temperature. This work: solid lines

Fig. 5.9 shows the curve fit of the three solubility products, where all parameters are
given in Table 5.1. For Na,COj;-10H,0 the function was found to correspond well with
the findings of Monnin and Schott'’ and Charykova'. These equations predict a shift
from deca to monohydrate at about 36°C and from mono to anhydrate at 102°C. The
former corresponds well with the findings of Apelblat and Manzurola, while the latter is
slightly lower than the 112°C predicted by Waldeck et.al'®. It should be noted that due
to one of the salts in Fig. 5.9b) containing crystal water, the intersection is misleading
and will not equal the transformation temperature as described in detail for NaAc
above.

5.1.5 BaCO;and SrCO;

There exist a few publications concerning BaCO; and SrCO; solubility in aqueous
solutions. The elaborate works of Busenberg and Plummer™° review available data
and give K°, values between 0-90°C based on measurements with controlled a CO,
pressure. Millero et.al*> gave K°, values at 25°C from measurements without CO,(g),
with 0.1 to 6mol NaCl/kg water. Satisfactory results were obtained using the Pitzer
model in the whole ionic strength interval. Busenberg et.al* >, however, included the
BaHCOs", BaCOs°, StHCO;" and SrCO;° complexes in their modified Debye-Hiickel
equation to calculate activity coefficients. By evaluating the equilibrium constants of
the complexes they could calculate free Ba*” and HCO; concentrations and finally find
the desired thermodynamic K°,. Kaasa' found that if the CaHCO;" complex was
included for prediction of calcite (CaCO;) solubility, the calculated solubility became
too high at higher CO, pressures.

When solubility data is used for calculating K°, , the value consequently depends on
the chosen model for the activity coefficients. In the present work the Pitzer ion
interaction model was used. i.e. a different model than used by Busenberg et.al*2°. It
was therefore necessary to recalculate the thermodynamic K°,.
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The equilibrium between solid BaCO; and the dissolved species under CO, pressure is
conveniently given by Eq.41. In solutions saturated with CO,, bicarbonate
concentration dominates and virtually equals alkalinity. It is therefore reasonable to
work with an equation that includes HCO;™ concentration rather than CO5>. Eq.42 gives
the corresponding thermodynamic equilibrium constant, where @, m, and y corresponds
to activity, concentration and activity coefficients, respectively. Pcp, denotes partial
pressure of CO, with the corresponding fugacity coefficient ¢.

Ba™ +2HCO; = CO,(g)+ BaCO,(s)+ H,0 (41)

o
KU _ K2 _ fCOz aHzO _ pC02 ¢COZ aHZO 42
Eq42 — K°K°K° B a Cl2 - 2 -
s H 1 2+ -
" Ba THCO; M oY, o (cho_; e )

Eq.42 is modified to give the desired K°, as shown in Eq.43 where ¢ is set equal to 1.

o
o _ K2 mBaz* 4 Ba** (mHCO; 4 Hco_;)Z
sp T o 1o

KK, Pco,%,0

(43)

When the solubility is measured by dissolution of BaCOs(s), the alkalinity (see section
6.4) equals two times the barium concentration.
(44)

AT:2mBa2+ =m +m

HCO; co¥ T Moy~ — M

-
New K°, values were calculated from Eq.43 based on data from Busenberg et.al”?,
where [HCO;] was set equal to 2 times the [Ba®']. The K°y, functions were modeled
with the same type of expressions (see Table 5.1) as originally used by Busenberg
et.al.”?% Fig. 5.10 shows that the deviation increases with temperature, which is
consistent with introduction of the complexes described above.
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Fig. 5.10: @) InK°,, of BaCO; b) InK°®, of SrCO; versus temperature. New values compared
to the original function of Busenberg et.al. >>?,
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Fig. 5.11: Measured (mmol/kg solvent) BaCO; and SrCOj; solubility in CO, saturated
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80°C b) with 0-1.05m NaCl at 25°C Solid line: Calculation Dotted line: Calculation with
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Fig. 5.11 compares the data from this work (see Table 4.10 and Table 4.11) with
calculations based on the new K°, functions. The data in Fig. 5.11a) have been
measured in solutions containing 0.5m NaCl, and generally corresponds well with the
model. For SrCOs, however, there is seen that the data are systematically slightly higher
than the calculation. The systematic deviation is easier observed in Fig. 5.11b) at higher
ionic strengths (25°C). Because BaCOj; data did not show discrepancies, the deviation
should not come from the experimental setup or impurities in the NaCl(s). Impurities in
the starting material SrCO; could, however, be a cause for the observed deviation, and
possibly also that fines passed through the filter. To test this it was set up two solutions
at 25°C, where one was added over 10 times as much SrCO;(s) as the other. A large
amount of solids should give a higher measured solubility if solids passed the filter or
the starting material contained impurities. The results given in Table 4.11 showed no
differences between the two. Busenberg et.al*® found that aging of the SrCOj starting
material had an influence on solubility measurements; hence this could be the reason
for the differences. The data measured in this work imply a slightly higher K°,, but it
was decided to use a conservative approach i.e. the function developed from the data of
Busenberg et.al*®. It is noted that the K°,, value given by Millero et.al’ is in good
agreement with the findings of this work, as shown in Fig. 5.11b).
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5.1.6 CaSO,

When performing new experimental work on calcium sulphate anhydrite, CaSQOy, it was
discovered that the existing aqueous model predicted a slightly too low solubility
compared with the measured data (see Table 4.1). For gypsum, CaSO4-2H,0, there was
good agreement between measured data and the model.

Ca? [mmol/Kg water]

50
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—OIld model
A This work
A 0.5m NaCl
2
A
A
pure water
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Fig. 5.12: Measured CaSO, anhydrite solubility at 0 and 0.5mNaCl versus temperature

compared with model predictions.

Fig. 5.12 shows that the experimental data were slightly higher than the predictions, and
a comparison with Meller’’ also indicated that the model systematically returned too
low solubilities. Because gypsum was in good agreement, this indicated that the Pitzer
model functioned well but that the K°;, function of CaSO4 was too low. Thus it was
decided to construct a new curve fit from the new solubility measurements in Table 4.1,

as well as literature values
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Fig. 5.13: Measured anhydrite CaSO, solubility and literature’’>* data compared with
models a) low temperature b) high temperature.

Fig. 5.13 compares the model predictions with experimental data for the solubility of
CaSO, in pure water. Old model denotes the original function given by Kaasa', while
New model corresponds to the curve fitting performed in the present work. The points
from Moller”” have been read from figure 3 in that work. The old and new models are
virtually equal at high temperature, and also in good agreement with the equation given
by Blount and Dickson®>. Low temperature data of Posnjak™® (26-50°C) were not used
in the curve fitting, since these data were systematically lower than values from other
sources. It is noted that although the difference between the old and new model may
seem insignificant, it becomes noticeable in solutions of higher ionic strength. The old
model predicted the gypsum-anhydrite phase stability shift at about 42°C in pure water,
which corresponded well with the 42+1°C predicted by Posnjak®®. New experimental
measurements of this work (see Table 4.3) did, however, show that gypsum was the
stable phase at 44°C, thus the transformation point should be higher than this. This
supports the conclusion that the old model predicts a too low solubility for the anhydrite
CaSO,. The new model predicts the gypsum-anhydrite shift at 46.7°C, which is closer
to the 49.5+2.5°C estimated by Innorta et.al.”’.

51.7 Mg(OH),

The solubility of Brucite, Mg(OH),, is very low and therefore troublesome to measure.
A further complication is that CO, present in solution will react with OH" to form
carbonate in a high pH solution;

20H +CO, = H,0+CO; (45)

Thus CO, removes hydroxide ions and thereby increases the solubility of Mg(OH), in
contact with the solution. Experimentally this means that the solutions must either be
CO, free or alternatively the individual concentrations of OH™ and Mg2+ must be known
to calculate the solubility product;
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Mg(OH),(s)=Mg* +20H" (46)
K[ Mg(OH), |=m, ..m (47)

2 2
0H’7Mg2* 7/011’

In this work solid Mg(OH), was dissolved in degassed distilled water. Filtered samples
were analysed both for Mg®“ by EDTA titration and alkalinity by HCI titration. For each
Mg®" going into solution there are also two hydroxide ions, as seen from Eq. 46. Thus
the total alkalinity (see section 6.4) is always two times the magnesium concentration.
When performing solubility measurements in water it was found that the HCI titration
gave an end point that did not correspond with twice the Mg*" concentration, as seen
from Table 4.20. A possible reason for this is given in Fig. 5.14a) that shows theoretical
HCI titration curves for a solution with an alkalinity of 0.6mmol/kg without any CO,
present, and with 0.2mmol/kg of CO,.
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Fig. 5.14: a) Theoretical titration curve of pH versus added HCI for solution having an
alkalinity of 0.6mmol/kg, with (0.2mmol/kg) and without CO, b) Concentrations of (o0
HCOj; and OH' for the case with 0.2mmol/kgCO, in a)

In a solution without carbonate the titration end point is very distinct at pH=7, while
with CO, there will be two break points. Investigation of the HCI titration curves
showed that there was most likely some CO, in the system during this work. “OH™
reported in Table 4.20 probably corresponds to this first breakpoint (at 0.4mmol HCI)
and is consequently lower than twice the Mg*" concentration. The second breakpoint (at
0.6mmol HCI) was virtually invisible due to the low concentrations and could not be
used as a titration end point during the laboratory work. Fig. 5.14b) shows the
concentrations of OH, HCO;5 and COj in solution during the alkalinity titration as
function of added HCI. By neglecting H' the alkalinity of the solution is at the start
given by Eq. 48, and equal to two times the Mg** concentration;

A, =Myt +2mc032,

(48)
= 2mMg2+
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It should be noted that the difference between the two end points (0.6 — 0.4mmolHCI)
gives the total amount of CO, in solution (0.2mmolHCI). The second end point was
invisible in the HCI titration but since it corresponds to the total alkalinity it
consequently equals twice the Mg”" concentration. Hence by using the magnesium
concentration to find the second end point, the total amount of carbonate could be
estimated during the analysis, as given in Table 4.20. Fig. 5.14b) shows that the
0.4mmolHCI added up to the first end point, has reacted with carbonate to form
bicarbonate and also neutralized OH'. If the total amount of CO, is assumed to be in the
form of carbonate (i.e. CO;>> HCO;) at the beginning of the titration the actual
amount of OH" at this point can be found simply by subtracting total CO, (0.2mmol)
from the added amount of HCI at the first end point(0.4mmol). Then OH" concentration
in the solution is estimated as 0.2mmol/kg. When pH is high this is a reasonable
assumption but Fig. 5.14b), however, shows that this is actually not valid in this case.
Bicarbonate is not negligible and by subtracting total CO, from alkalinity the obtained
OH’ concentration (0.2mmol/kg) will therefore be foo low. The other extreme case will
be to set OH™ equal to the alkalinity, which will give a too high value(0.6mmol/kg).
These extremes were used to construct the error bars in Fig. 5.15.
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Fig. 5.15: InK°;, of Mg(OH), versus temperature; calculated from literature®'**¢, and from
this work. The line gives the curve fit of this work. The dotted line corresponds to
calculation from enthalpy and entropy dissolution data®. Solid line with crosses gives

model from literature (Lambert page 102)*

Evidently there is a large uncertainty in the thermodynamic solubility product of
Mg(OH),. K°, was calculated from the literature values®'** by use of the Pitzer model
as described in previous sections, and a large variation is observed. The dotted line “SI”
corresponds to calculation from enthalpy and entropy data given in SI Chemical data®
at 298K i.e. calculated by assuming constant(independent of T) AH° and AS° for the
dissolution reaction in Eq. 46. This simplification actually corresponds reasonably well
up to 100°C but is, as expected, seen to deviate from experimental data at very high
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temperature. In this work the presence of CO, complicated the analysis, and it could be
that the starting material itself contained a small amount of carbonate that did not show
in the X-ray pattern that was used to check this material. At 100°C the solution was
refluxed for 2 days after the starting material had been added. This was done to remove
CO, and this experiment seemed to have much less carbonate present (See Table 4.20).
For this point at 100°C the error bars actually correspond to the analysis error and not
the CO, assumptions discussed above.

The accuracy of the experimental method used in this work was obviously not
satisfactory, but although the error bars are large the results are at least in the same
range as literature data. For better results CO, control is vital. Another possibility could
be to deliberately introduce carbonate in the form of a buffered solution, to decrease the
pH of the system. Lower pH leads to larger Mg®" concentrations that are more easily
analysed. This method requires the use of a model to calculate the low OH"
concentration. Further Mg(OH), solubility experiments would be time consuming and it
was decided to focus on other aspects of the scale model instead. Thus the function for
K°,, was simply drawn through the scattered datapoints in Fig. 5.15.

5.1.8 MgCO;compounds

It was decided to include hydromagnesite (3MgCO; ‘Mg(OH), ‘3H,0) as the only solid
magnesium carbonate compound, as described in detail in chapter 9. K°, was
calculated from solubility data in an equivalent manner as for the other salts. All
parameters in the curve fit equation are given in Table 5.1
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5.2 Pressure dependence of K,

The Pressure dependence of the solubility product is related to the partial molar volume

asl,6,45,
OAG™ |\ _ _pr| 9K — AV’ (49)
oP ), oP ).
K° AV (P-P
In| —2" | = (P-1)) (50)
Ko, ) RT

P denotes pressure, P, standard pressure, R the universal gas constant and 7 the

absolute temperature. AV’ corresponds to the change in partial molar volume at infinite
dilution and can, for the dissolution of the arbitrary salt MX, be calculated® as given in
Eq. 51.

AV =V (MF X7 )= [ Mx (s)] 51)

These individual ion volumes have been calculated from the convention that the partial
molar volume of H' is set to zero™. In this work the partial molar volume of the solid
phase was calculated from the density at 25°C and assumed to be independent of
temperature. Millero® found that the temperature effect over an interval of 50°C was
about 0.04cm’/mol, which should give a change of only about 0.2-0.3 cm’*/mol from 0
to 300°C. The effect of pressure on V° for the solid phase is negligible® below
1000bars. It is known that the partial molar volume can change with the ionic strength
of the solution®, but due to lack of data the ionic strength dependence was not included
in this work. For salts containing crystal water it is necessary to include the partial
molar volume of water'"**in Eq. 51.

The change in molar volume of the ions is also a function of pressure, and is related to
the compressibility, «, as;

AVrp=AVrp +Axr(P—P) (52)

Compressibility is calculated from products and reactants in an equivalent manner as
for the change in partial molar volume, and is in addition assumed pressure
independent;

AK® :7;”(M+,X‘)—1_<[MX(s)] (53)
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Combination of Eq. 50 with Eq. 52 gives the same expression for the pressure
dependence as utilized by Millero*’;

54
K° RT %)

sp,P=P,

ln[ KS ., ]_—AVTDO (P-P)+0.5Ax7: (P—P)’

A?% and AE;O corresponds to the partial molar volume and compressibility changes

respectively at the reference pressure P,. For the model in this work P, has been set'”’

to 1 atm below 100°C and equal to the water vapour pressure'' at higher temperatures.
This choice is advantageous when it comes to interpreting actual experimental
measurements, since the molar volumes are usually measured at these conditions. Thus
the measured values can be used directly in Eq. 54, while if a reference of latm is
chosen for all temperatures the measured values will have to be recalculated using Eq.
52. The water vapour pressure depends on ionic strength of the solution as well as total
pressure and is therefore not exactly 1 atm at 100°C. Thus the standard pressure will
have a small shift either up or down at this point i.e. a discontinuity occurs at 100°C.
From a practical point of view, however, this is unimportant and the discontinuity is
merely a modeling oddity.

Because both the volume and compressibility changes are temperature dependent a
temperature function must be constructed. For this purpose Eq. 55 was used, as in the
work of Kaasa'.

f(t)z q, +qlt+q212 +q3t3 +q4t4 (55)

f(t) corresponds to either partial molar volume or compressibility and g, is the value at
0°C. t denotes temperature in °C and ¢, are the curve fitted constants given in Table
5.2 and Table 5.3. Literature data for the compressibility are scarce and in several cases
it was chosen to simply use the typical value' of -15:10” [cm’/mol bar]. The partial
molar volume at high temperature was obtained from Tanger and Helgeson*, while for
low temperature this work relied on the data from Millero**°.

Molar volume data were, except for KCI and the bicarbonates, only available from 0-
50°C. The extrapolation outside of this region is therefore uncertain. It was decided to
use similar trends as for other salts described by Kaasa', where all parameters are given
in Table 5.2 and Table 5.3. Hydromagnesite has a change in partial molar volume that
is 5-10 times larger than the others, which is due to it being a much more complex
structure with 4 moles of Mg®" in the formula. Both the solubility product and the
pressure dependence will obviously depend on how the structure of the solid is
expressed. In this work it was utilized the notation 3MgCO;"Mg(OH),'3H,O from
Marion®, while e.g. Konigsberger et al’ wuse the chemical formula
4MgCO5Mg(OH), 4H,0.
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Ionic compressibility data were generally only available at 25°C. When the
compressibility was calculated at this temperature, it was found to be between -7:107
and -17-107 [ecm’/mol bar] for all salts except KCI and Hydromagnesite. Akxc; was
fitted as shown in Fig. 5.16, using the same extrapolation as done for NaCl in the work
of Kaasa'. Akhydromagnesite. Was assumed temperature independent and set to 44107
[cm’/mol bar]. All other salts were set to the typical value of -15:107 [cm?/mol bar] as
seen in Table 5.3.

A
S
.

&
3

4 Millero .
¢ Millero

AV° [cm*mol™]
3
AK® [em®*mol™-bar107)

A Tanger-Helgeson
-90 1 — Curvefit
—— Curvefit i
-80
110 -
-100
-130
\
-150 ! ! ! ! ! 120 ! ! ! ! !
0 50 100 150 200 250 300 0 50 100 150 200 250 300
Temperature [°C] Temperature [°C]

Fig. 5.16: a) AV° and b) 4K° of KCI in aqueous solutions versus temperature. Data from
Millero*>* and Tanger and Helgeson*. Solid lines; curvefit
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5.21

Magnitude of pressure dependence

Generally the effect of the compressibility term is insignificant at pressures below about
500bar. Fig. 5.17 shows the /nKj, ratio of Eq. 54 as function of gage pressure for two
salts. The lines marked with “No compression” are calculated with the compression
term set to zero, hence the pressure dependence is given directly from the partial molar
volume. BaCOj; is much more influenced by pressure than KCI, but the contribution
from the compressibility term is in both cases insignificant below 500bar. Omitting Ax°
will give a slightly too high estimate of the solubility product at high pressures.

Ln [Ke / Kp* ]

o

K
Fig. 5.17: In| —2-*

25
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24 . Kal L’
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= = =BaCO3
1.5 - 7.
1+ <
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sp,F,

Pressure P-1 [bar]

with and without compressibility term at 100°C.

as function of gage pressure for the solubility of KCI and BaCO;,
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Table 5.2: 4V° [cm’ mol”] change in partial molar volume for dissolution reaction.
Parameters for Eq. 55

Salt 9. q: q; qs3 q4 T/°C* | Ref.

KCl -13.872 | 0.18489 | -2.8645E-3 | 1.7896E-5 | -4.9516E-8 | 0-300 | 44-46
NaAc-3H,0 -10.402 | 0.47490 | -5.1003E-3 | 8.2925E-6 0 25 46
NaAc -24.459 1 0.47490 | -5.1003E-3 | 8.2925E-6 0 25 46

NaHCO; -21.032 | 0.30255 | -3.9696E-3 | 2.1067E-5 | -4.9727E-8 | 0-300 | 44-47

KHCO; -17.460 | 0.27154 | -3.6733E-3 | 1.9973E-5 | -4.7611E-8 | 0-300 | 44-47
K,CO;1.5H,0 | -48.684 | 0.47490 | -5.1003E-3 | 8.2925E-6 0 0-50 45
K,CO3; -51.898 | 0.47490 | -5.1003E-3 | 8.2925E-6 0 0-50 45
Na,CO;3-10H,0 | -33.075 | 0.47490 | -5.1003E-3 | 8.2925E-6 0 0-50 45
Na,CO;-H,0 | -52.481 | 0.47490 | -5.1003E-3 | 8.2925E-6 0 0-50 45
Na,CO; -57.3351 0.47490 | -5.1003E-3 | 8.2925E-6 0 0-50 45
BaCO; -68.479 | 0.34776 | -3.1762E-3 0 0 0-50 45
SrCO; -71.623 | 0.28142 | -2.9200E-3 0 0 0-50 45
Mg(OH), -62.308 | 0.47490 | -5.1003E-3 | 8.2925E-6 0 0-50 45
HydMg* -230.18 | 0.21170 | -2.7943E-3 0 0 0-50 45

"Temperature range of experimental data "Literature reference.
“Solid phase included in model is Hydromagnesite with formula 3MgCO;-Mg(OH), 3H,0

Table 5.3: Parameters for calculation of 4x° [10” cm® mol” bar™] in Eq. 55

Salt 9o q qz qQs qs | T°C* | Ref.
KCl -6.8700 | 0.16365 | -1.8094E-3 | 2.1853E-7 | 0 0-50 45,46
NaAc-3H,0 -15 0 0 0 0 no data
NaAc -15 0 0 0 0 no data
NaHCO; -15 0 0 0 0 25 45
KHCO; -15 0 0 0 0 25 45
K,CO;5-1.5H,0 -15 0 0 0 0 25 45,47
K,CO; -15 0 0 0 0 25 45
Na,CO5-10H,0 -15 0 0 0 0 25 45,47
Na,CO5-H,0 -15 0 0 0 0 25 45,47
Na,CO; -15 0 0 0 0 25 45
BaCO; -15 0 0 0 0 25 45
SrCO; -15 0 0 0 0 25 45
Mg(OH), -15 0 0 0 0 25 45
HydMg* -44 0 0 0 0 25 45,47

"Temperature range of experimental data "Literature reference.
“Solid phase included in model is Hydromagnesite with formula 3MgCO; Mg(OH),"3H,0
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6 MEG dependence

In this chapter the MEG dependences, ", are given for all equilibria included in the
model. The first section concerning chloride solubility, will serve as a general overview
on how the model was made. Solubility is given as mol/kg solvent, and MEG
concentration in the salt free solvent, unless otherwise stated.

The mathematical functions used for curve fitting are generally arbitrarily chosen
polynomials i.e. they do not have any physical/theoretical basis. Polynomials have the
disadvantage that they can yield extremely improbable values, e.g. approach 0, -co or
+oo, when they are extrapolated well outside of the range covered by the experimental
data. Such values will obviously cause the model to fail. All functions have therefore
been fitted in the whole 0-100% MEG (in water+MEG solvent) interval. They are also
forced not to have physically improbable values at -50-300°C and at ionic strengths up
to 25mol/kg solvent.

6.1 NaCl and KCI

The thermodynamic solubility product of NaCl is given by Eq. 56. ¥ denotes the MEG
influence, which equals unity in water. In the simplest case y" is only a function of the
MEG concentration. m (mol/kg solvent) denotes the equilibrium concentrations, while
the aqueous activity coefficients y° were calculated using the Pitzer model (see chapter
2)

" 2
K3, (NaCl)=my,me, vy, 7o (Yiear) 56

The )/]]vvaia term was calculated from watertMEG+NaCl solubility data found in the

literature' > as described in detail in chapter 2, page 24. Table 3 in Masoudi et.al’ does
not correspond with the data in their first figure. Their figure, however, corresponded

well with other literature data. Fig. 6.1 shows In 7,]\221 as function of MEG

concentration. A temperature independent straight line satisfactory models Inyy ., in
the 10-90°C range.
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Fig. 6.1: In ]/]IGI:C, versus weight fraction MEG in solvent. Literature data'® compared with

model. Temperature in the (10-90)°C range.

The MEG dependence of the NaCl solubility is given by Eq. 57 where wy;zc denotes
weight fraction of MEG in the salt free MEG+water solvent.

Inyye, =2110-w,,. (57)

Data for the KCl solubility found in the literature>*’ cover the whole co-solvent interval
0-100w% MEG at four temperatures from 25 to 75°C. Seiersten' provided data at 50-

95wt%MEG and 0-80°C. The calculated }/Iivci, values were fitted with a function being
slightly temperature dependent;

Iny Y =1.589w,,; +(-0.114+0.00158T) wl,  (s8)

T denotes the temperature in degree Kelvin. Fig. 6.2 shows the small temperature
dependence, where model predictions at 10°C(solid) and 80°C(dotted) are drawn as
lines. The data at 0°C deviates from the others. This data set' did not include
measurements in water, and the large values may come from a systematic error in the
measured values. It was therefore decided to exclude this data set from the model. If the
data were included they implied an improbable large temperature effect between 0 and
10°C, with an opposite direction than observed between 10 and 80°C.
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Fig. 6.2: In }/Iivcil versus weight fraction MEG in solvent at temperatures (0-80)°C.

Literature data'**

compared with model.

Fig. 6.3 compares literature data'” with model predictions at 25°C. Good agreement is
observed since the model is based on the same data sets. NaCl and KCI show a MEG
dependence that is typical for many salts in watertMEG solutions. The solubility
decreases virtually linearly (as function of wt% MEG) up to about 50-60wt%. In pure
MEG the solubility is still quite high, which gives a more upward trend at high MEG
concentrations.

. 4 NaCl AKCI

Solubility [mol/Kg solvent].

0 20 40 60 80 100
wt% MEG

Fig. 6.3: Solubility of KCI and NaCl at 25°C (mol/kg solvent)® versus wt% MEG in
solvent. Dotted line: NaCl model. Solid line: KCI model
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In chapter 2 it was described that since y"* is merely a function of MEG content and
temperature, the model gives SR values that are too high when ionic strength is lower
than NaCl (or KCI) saturation. At low ionic strengths the model will consequently be a
conservative approach. To calculate accurate SR values at conditions well below
saturation is in any case not the emphasis in a scale model. Higher ionic strengths than
the NaCl (or KCl) solubility can, however, be achieved in e.g. boilers where several
highly soluble species are present; Na”, K*, CI, CO5> etc. It was shown (chapter 2) that
the calculated SR could be too high at such conditions. There is, however, no data
available for such mixtures and the model is neither well suited for calculation in
boilers. Thus it was chosen to use the simple approach with an ionic strength
independent ",

6.2 Water activity

The water activity decreases with MEG concentration. A decreased water activity gives
a lower vapour pressure, but it is also important for salt solubility. Salts containing
crystal water will be directly influenced, while e.g. carbonates are indirectly influenced
because H,O is present in the first dissociation reaction of CO,. Vapor pressures of salt
free water+tMEG solutions are available in the literature’'' at temperatures (25 to
125)°C, but only Trimble and Potts’ and Lancia et.al'' give the actual gas phase
composition. The data showed close to ideal behaviour, which according to Raoults’
law gives Eq. 59;

P

H,0
0
1y H,0

(39)

A0 ® X0

where P denotes partial pressure, x mole fraction of water in the liquid and P° the
partial pressure of the pure component at the given temperature. There were no data
available for the vapour pressure of watertMEG+salt mixtures. It was arbitrarily
chosen to use the same deviation from ideality in water+MEG solutions as in water
without MEG, giving Eq. 60 for the water activity;

Ay,0 = xHZO?/Ii’zO (60)

x corresponds to the molfraction of water in a water+MEG-salt solution, while y° is the
activity coefficient from the aqueous Pitzer ion interaction model described in chapter
2.1. At present the MEG activity was simply set equal to the molfraction of MEG in the
aqueous phase. These simplifications should be looked into in future investigations by
obtaining more activity/vapour pressure data. In the oil and gas industry there is much
focus on the amount of MEG and H,O present in a gas phase, e.g. for tuning of PVT
models. Thus new experimental data will probably be available in near future.
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6.3 Sulphates

The y** terms of the sulphates were modelled by the equation;

N+ _ 1/3 1/3 .2 3
ln7/Su1phazes = (Sl +s,0 )XMEG + (Sz +551 )XMEG T 83X (61)

I denotes ionic strength, x molfraction of MEG in solvent, while s,.5 are constants given
in Table 6.1. The 1/3 exponential term was included to reduce the effect of 7 at very
high ionic strengths, in such a way that the model did not return improbable values.
Gypsum solubility is dependent on the water activity. In this work it was chosen to
include water activity directly in the y* function as discussed in detail below.

In the literature there are no data available for the solubility of SrSO, in MEG+water
solutions, hence at present it was decided to simply use the same MEG dependence as
for CaSO..

Table 6.1: Parameters for calculation of /ny"” for sulphates in Eq. 61

Salt S; 52 S3 54 Ss T /°C* Ref.?
CaSO,2H,0¢ | 7.9421 | -8.3573 | 0.99658 | -2.7225 1.8547 22-65 This work
CaSO, 7.9753 | -7.2016 | 2.1404 | -1.9139 1.7072 22-85 | This work,14
SrSO, 79753 | -7.2016 | 2.1404 | -1.9139 1.7072 No data
BaSO, 6.8799 | -10.064 | 4.3410 0 0 25 12

"Temperature range of experimental data *References for solubility data.® see Eq. 64

6.3.1 CaSO,

The main difficulty with CaSO, solubility measurements is not a very low solubility,
but rather that calcium sulphate can exist in three different phase modifications. In this
work only gypsum(CaSO,2H,0) and anhydrite (CaSO4) were investigated since they
are the thermodynamically stable phases at the chosen conditions. Hemihydrate
(CaS040.5H,0) is a metastable phase in aqueous solutions, but is easily made by
drying gypsum at 140-150°C. Heating at higher temperature yields CaSO,. The reaction
between the two stable solid phases can be expressed by the reaction;

CaSO, (s)+2H,0 = CaSO, - 2H,0(s) ©2)

The phase stability in aqueous solutions is predominantly given by the temperature. At
low temperature Eq. 62 is shifted to the right, and gypsum is the stable phase, while
anhydrite is stable at higher temperature. In pure water the transition occurs at ~45°C.
If, however, some of the water is exchanged with MEG, the water activity is lowered.
This will shift Eq. 62 towards the left, which means that anhydrite is stable also at
temperatures lower than ~45°C. Salts generally have a decreasing solubility with
increasing MEG content, but since gypsum includes crystal water, an increase in the
gypsum solubility is expected at high MEG contents. When measuring solubility at high
MEG contents the reaction in Eq. 62 is shifted to the left as mentioned above. Thus
when dissolving gypsum at such conditions it is not the stable phase, and the
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“solubility” is actually that of a non-stable phase. Usually dissolution is a faster reaction
than precipitation'’. This means that if gypsum is added to a solution of high MEG
concentration it starts to dissolve, and at the same time anhydrite is precipitating as it is
the stable phase. Because precipitation is the rate determining step the amount of
dissolved calcium sulphate will, however, remain on the solubility product of gypsum.
When CaSO,42H,0 has been completely removed the calcium concentration drops to
the value in equilibrium with CaSOy.

A ——Gypsum
—_ = = 'Anhydrite
o
=
)
E
2
3
3
)
(/2] ~ °
Gypsum Anhydrite e e
0 1

0.5
molfraction MEG

Fig. 6.4: Schematic of CaSQ, solubility versus Xy at a temperature <45°C.

The relative stability in the Ca-SO4-H,O-MEG system is shown schematically in Fig.
6.4 at an arbitrary temperature < 45°C. Gypsum has the lowest solubility in water i.e. is
the stable phase at this point. Anhydrite is the stable phase at the high MEG end where
the gypsum “solubility” rapidly increases due to the decrease in water activity. At some
point the two curves must intersect. Regard a solution with dissolved CaSO, at
composition given by point Q i.e. supersaturated with respect to anhydrite but not
saturated with respect to gypsum. Anhydrite will start to precipitate and the
concentration of CaSQy in solution drops (Q moves vertically down) until the solubility
limit is reached. Point P gives a supersaturated solution with a MEG concentration
slightly below the stability area of anhydrite. The stable phase is now gypsum, but
when precipitating one molecule of gypsum, also two water molecules are removed
from the solution. Thus as gypsum is precipitating the MEG concentration will increase
and the point moves towards the right in the diagram. When the MEG concentration
becomes 0.5, there is a shift of stability and the rest of the dissolved calcium sulphate
will have to precipitate as CaSO,. Two phases, CaSO4; and CaSO,2H,O are now
actually coexisting. If solid gypsum dissolves and precipitates as CaSO, the MEG
concentration decreases and one consequently moves to the left in the diagram, i.e. into
an area where gypsum is stable and the reaction has to be reversed. If anhydrite
dissolves one correspondingly moves into the area of anhydrite stability and the
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reaction again has to be reversed. This is theoretically interesting since the system is
actually maintaining itself at the borderline; CaSO,;-CaSO,2H,0. From a practical
view, however, the solubility of CaSO, is so low that dissolving/precipitating such
small amounts of gypsum will change the composition of the solvent very little. Thus
such a situation with coexistence of the two phases will be rare. For a highly soluble
salt on the other hand, such as sodium carbonate, the change in MEG concentration can
be considerable when hydrated salts are precipitating/dissolving. Na,CO; and its
hydrated phases are discussed in section 6.6.2

After a careful investigation of the solubility data in a previous publication', it was
found that the measured values of anhydrite solubility in aqueous solutions were
systematically too high. This could have been caused by hemi-hydrate (CaSO40.5H,0)
in the starting material, combined with a too short reaction time for the dissolved
hemihydrate to precipitate as anhydrite. It was consequently decided to perform new
experimental measurements in the whole water+tMEG interval. The new results are
given in Table 4.1 while the old data can be found in the literature'*. When comparing
the two data sets, it was found that only the data in water seemed to be too high. These
data points were therefore removed and the rest of the series' (see also Appendix 3),
together with the results in Table 4.1-Table 4.2, were used to fit the MEG dependence
of this work.

The transition temperature from gypsum to anhydrite is ~45°C in water. Experiments
above this temperature were consequently used to construct the MEG dependence for
anhydrite, CaSQ,, while low temperature experiments were similarly used to construct
the MEG dependence of gypsum, CaSO,2H,0. The MEG correction term, »'* , was
calculated from Eq. 63-64 in an equivalent manner as for NaCl/KCI. It should be noted
that the water activity a*y0 in Eq. 64 is the activity calculated by the Pitzer model i.e.
adjusting only for the decrease due to salinity. The change in water activity as function
of MEG concentration is included in the " term. This is an arbitrary choice, which has
the positive effect that the model will not approach infinity when the solvent
approaches 100% MEG.

K3 ()= mepmgy 787 sor - (Fisoun ©)
K5 (G)=mepmeyy 7807y (@80 (o) (64)

A and G denotes anhydrite and gypsum respectively. The most general approach,
however, would be to have the water activity dependent on MEG, and also let the #*
functions for anhydrite and gypsum be equal. This gave good results up to about 50wt%
MEG. With this model it was, however, difficult to reproduce experimental data at
higher MEG contents.
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Fig. 6.5: Gypsum(25°C) and anhydrite (22°C) solubilities versus wt% MEG in solutions
containing 0.5Sm NaCl (Table 4.1-Table 4.2). Solid line; anhydrite model, Dotted line;
gypsum model

In Fig. 6.5 model calculations are compared with experimental data at room
temperature. It should be noted that the phase change occurs at about 40wt% MEG.
This corresponds well with the XRD data in Table 4.1, which gives transformation
between 30 and 50wt%. At 0 and 30wt% MEG the experiments with anhydrite as
starting material lie on the gypsum solubility line. This indicates that the anhydrite has
transformed to gypsum.

6.3.2 BaSO,
YW*(BaSO,) is given in Eq. 65 in an equivalent manner as for calcium sulphate.

Nt

2
K}, (BaSO,)=m,.m . ys 7o (V5o ) (©9)

The BaSO, solubility is extremely low and therefore troublesome to measure. At
present the only available data in water+MEG solutions are provided by Kan et.al'’,
covering 0-70wt % MEG at 25°C. These measurements were performed in solutions
containing 1 and 3 mol NaCl/kg water, which correspond to 0.3 and 0.9 mol/kg solvent
at 70wt%MEG, respectively.
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Fig. 6.6: BaSO, solubility'? at 25°C with 1 and 3 mol NaCl/(kg water) versus wt% MEG.
Solid line: model at 3mol NaCl /(kg water). Dotted line: Model at 1mol NaCl /(kg water).

Fig. 6.6 shows the solubility of BaSO4 versus MEG concentration at 25°C for two NaCl
containing solutions. The model clearly deviates some from the measured values of Kan
et.al'?. In water the model corresponds well for the solution containing 1mol NaCl/kg
water, but is too high for the 3m NaCl solution. The aqueous model" is based on
experimental data, where e.g. Templeton'’ measured a solubility of 0.144mmol/kg in a
3m NaCl solution. Thus it is a possibility that the data'* at 3mol NaCl/kg water are
systematically too low. It was therefore decided to use the relative change in the
measured data to calculate the y"“(BaSO,) given in Table 6.1. This meant that the MEG
dependence was calculated relative to the measured concentration in water, rather than
the thermodynamic K°, i.e. the measured trend as function of MEG was used, not the
absolute values. In Fig. 6.6 this is clearly seen from the first three points in the 3m NaCl
series being systematically lower than the model.

At high MEG contents there is a clear break in the 3m curve. This is not due to an
irregularity in the y"* term, but is caused by the calculation being done with a constant
NaCl content as mol/kg water, while the plot is as mol/kg solvent. In a solution
containing 99wt% MEG, the NaCl concentration is only 0.03mol/kg solvent, while
3mol/kg water. When ionic strength approaches zero, y°—/ in Eq. 65 and the solubility
therefore rapidly decreases, as shown in Fig. 6.6. Thus the break is actually due to the
NaCl concentration, on a mol/(kg solvent) basis, not being constant.
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6.4 Carbonate system

The carbonic acid equilibria given in Eq. 66-68 directly influence the scale potential for
carbonate salts and must be well established in the model. Each equilibrium has a
certain thermodynamic equilibrium constant, K°;

CO,(g)=CO,(aq) K (66)
CO,(aq)+ H,0=H" + HCO; K? (67)
HCO; =H" +CO;" K (68)
Ca® +CO; = CaCO, Ky (69)

The CO, pressure in a gas phase in contact with the solution will obviously influence
precipitation of carbonate salts. This was the main reason for integrating a PVT model
in the aqueous scale prediction model, as described in detail by Kaasa'>'*. Introduction
of MEG into the aqueous phase changes the CO, gas solubility, acidity and pH. In the
following sections the determination of this MEG effect is presented. pH measurements
have been performed as described in chapter 7. The main analysis method during these
investigations was the alkalinity titration. It is therefore valuable to first regard the
alkalinity in a carbonate system and how it is measured.

6.4.1 Alkalinity and analysis

A throughout discussion of alkalinity, and how it can be measured, is given by Kaasa
and @stvold”'. Alkalinity is commonly defined as the sum of all titratable bases, and for
the carbonate system it is given by Eq. 70. Another important quantity is the total
dissolved CO,, which is given in Eq. 71 as the sum of dissolved gas, bicarbonate and
carbonate.

Ar = Myco; + 2mc032

tot
Mo, =M

SAmy, o —m,. (70)

HCO3 +mc0§* +mC02<aq> (71

Fig. 6.7 shows a log-log diagram of the carbonate system in water. An arbitrary solution
having equal amounts of Na,CO; and NaOH™ will be at point 0 in the figure and have a
pH of 12-13. As HCl is added one moves to the left in the diagram. Point i, 1 and 2 are
possible equivalence points. Point i, however, is not a well suited end point as it has too
high buffer capacity to give a very distinct pH change and is in addition concentration
dependent. When concentration, ¢, increases the point will move to the right and vice
versa.



95

Log c

-8

Fig. 6.7: Logarithmic plot of the carbonic acid (total CO, concentration 0.02M)
dissociation as function of pH. ¢ denotes concentration

A typical titration curve is shown in Fig. 6.8, where the two distinct end points
correspond to point 1 and 2 in the logarithmic diagram. From the start and up to point 1,
HCI is reacting with CO5” to form HCOj;". Between point 1 and 2 this bicarbonate is
neutralized to form CO,(aq). In point 1 virtually all carbonates will be present as HCO;~
and at point 2 as CO,(aq). The ftotal alkalinity (of Eq. 70) is measured by titrating to
point 2, while the total amount of carbonate can be found from the difference between
point 1 and 2.
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Fig. 6.8: Typical titration curve of an aqueous Na,CO;/NaHCO; mixture at 25°C. pH as
function of added HCI.
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The alkalinity at a certain point on the curve is given by the distance to point 2. Regard
the point where 1ml HCl has been added and pH is about 9.5. CO,(aq), OH and H"
concentrations are negligible compared to the bicarbonate/carbonate and the alkalinity
and total amount of carbonate are consequently given as;

A, = Mycor +2mc032,

(72)

tot
Meo, ® mHCO; + mcof*

(73)
Hence with two equations and two unknowns it is possible to calculate both carbonate
and bicarbonate concentrations at this point. For this case the carbonate ratio can be
expressed as;

tot tot
Mooz A - Mco, _ A4 - Mco,

= = 74
Mo Mty Ay ) 2y — 4, "
In most of the data collected in this work, however, solutions were continuously
bubbled with CO,. This situation is not described by Fig. 6.7. In this case pH is about 6-
8, and HCO5 is consequently dominating the alkalinity i.e. HCO;” >> CO;* and OH’
concentrations. CO,(aq) obviously has a certain value and Eq. 70 and Eq. 71 becomes;

A = Myico; (75)

tot
Mco, B Myco- F Meo, (ag) (76)

Thus an alkalinity titration directly yields the bicarbonate concentration. It is also
possible to measure the total dissolved CO,. This can be done by adding excess NaOH
to a sample such that the dissolved gas reacts into CO;*" and/or HCO;". Performing a
HCI titration of this sample yields a titration curve like Fig. 6.8, where the total amount
of carbonate is found from the difference between equivalence point 1 and 2. The
amount of dissolved gas can thereafter be found by subtracting Eq.75 from Eq. 76.

6.4.2 CO, dissolution

The CO, solubility (see reaction 66) had previously been measured by the Institute for
Energy Technology (IFE)' in MEG+Water solutions. The experiments were performed
in a closed container with known volumes of gas and liquid over a broad range of
conditions (5-125°C and 0-100wt% MEG). CO,(aq) concentration was found from the
pressure drop accompanying dissolution in the water+MEG solution. The pressure drop
gives the total amount of CO, that goes from the gas phase and into the solution. Some
of the CO, will dissociate into HCO5;". However, when CO, dissolves in the solution the
carbonic equilibria will adjust such that the system is in point 2 in the logarithmic
diagram (Fig. 6.7). At this point (pH~4) the HCO; concentration is negligible
compared to CO,(aq). Higher CO, pressures moves the point to the left i.e. to a lower
pH, and the ratio of CO,(aq)/ HCO; increases. MEG and temperature alter the diagram
slightly, but bicarbonate concentration is still negligible compared to CO,(aq).
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" coxag Was calculated from Eq. 77 where m denotes molality of dissolved gas and
ycorresponds to the aqueous activity coefficient described above. Fugacity, f; is given
by the product of partial pressure, P, and the fugacity coefficient, p. Multiscale' was
used to calculate f; K, y°, and ¢, while the measurements' gave m and P.

S
m ai .7/ A
= ol )y ) (77)
Feo,(e) " Peoy(s)

KO _ aCOZ (aq)

H

fcoz(é’)

yN co2(aq) Was fitted with the third order polynomial shown in Eq. 78, where x,/z¢ denotes
the molfraction of MEG in the solvent. The constants a;.; are temperature dependent
and must be calculated from Eq. 79, where T denotes absolute temperature (K).
Parameters in the temperature function, p,, are given in Table 6.2. Fig. 6.9 shows that
the model generally corresponds well with literature data®® and the results from this
work described below.

}/C]YOZ(aq) =1+a,X,6 + a2x]%/[EG + asxj/[EG (78)
a:p1+p21n(T)+%+p4T (79)

Table 6.2: Parameters for calculation of a,; using Eq. 79

P1 P2 Ps3 P4
a; -2034.4 336.28 71381 -0.39693
a, 2708.5 -445.17 -97897 0.50547
a3 -1189.3 195.38 43120 -0.22046
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Fig. 6.9: CO; solubility (25°C and pCO,=1bar) as function of wt% MEG in solvent. Model
compared with literature data® and results in this work with no added NaCl (Table 4.4).
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The main goal of the experiments of this work (see section 4.3.1 and 3.3.2) was to
investigate the dissociation of CO,. It was, however, also possible to obtain gas
solubility data from the same experimental setup. This was done by adding NaOH to

obtain the total dissolved CO,, m%, , as described above (see Eq.75-76). The amount

of dissolved gas was thereafter found by subtracting the bicarbonate concentration from
(total dissolved CO,). Fig. 6.10 shows calculated y"(CO,) from the results (Table 4.4-
Table 4.7) of this work, compared with the model described above. A large variation in
the results, especially at xyec>0.53 (=80wt% MEG), is observed. The trend, however,
is reasonable.

¢ 0NaCl ——Model
A 80C 0.6 o 0.1 A 05
Model-25C
x 0.7
- ---Model-80C
. | ‘ ‘ ‘ ‘ 0'40‘0 02 04 06 08 10
0.0 0.2 0.4 0.6 0.8 1.0 ’ ’ ' . ) ’ '
molfraction MEG molfraction MEG

Fig. 6.10: ]/éVO2 as function of molfraction MEG in solvent. From data in Table 4.4-Table

4.7 a) All results at 25°C and 80°C. b) Results at 25°C in solutions of 0-0.7m NaCl. Model
(Eq. 78) given by lines.

The main uncertainty came from the addition of NaOH. If too little is added all CO,(aq)
will not be converted to CO;> and/or HCO5 yielding a too low value of gas solubility.
If, however, the NaOH solution adsorbs some CO, from the air before being used this
would lead to foo high measurements of gas solubility. The gas bubbling was in
addition not completely stopped when the samples were withdrawn. Thus it is a
possibility that gas was sucked into the syringe yielding a foo high value for dissolved
CO, and consequently a too low value of y"(CO,). Addition of NaOH and a subsequent
alkalinity titration is the same approach as used by Hayduk and Malik®. The method is
believed to be sound and with better control of the NaOH addition, it should be well
suited for future investigations. The main goal of new measurements should be to
obtain a throughout investigation of the ionic strength dependence for a wider interval.
The results at different ionic strength shown in Fig. 6.10b) did not indicate any
systematic ionic strength effect in y"(CO,), and it was decided too keep y"(CO,) as
function only of temperature and MEG content.
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6.4.3 Carbonic Acid Dissociation

Carbonic acid equilibria are critical in the model because the concentrations of
bicarbonate and carbonate directly influence the scale potential of many salts. Curve
fitting was performed with Eq. 80, where all parameters are given in Table 6.3.

Iny" = (’”1 + [T - 298])XMEG + (’"2 +1, [T - 298]))@%45(; + (’”3 +14 [T - 298])x13\4EG

(30)
H' and OH" are included in Table 6.3, and discussed in sections 6.4.4 and 6.4.5.
Table 6.3: Parameters for yN functions of OH, HCO3; and CO32' from Eq. 80.
Specie ry r; r3 1 1 1; T/°C | Ref?
HCO;5 3.4648 -1.7839 -1.3926 2.0977E-2 6.7566E-3 | -1.9826E-2 | 25-90 ™
CO;> | 11240 | -9.7739 | 4.0510 0 0 0 25-80 | TW
H' See Eq. 88 25-50 | TW,1
OH | -6.6801 | 11.953 | -8.2732 0 0 0 25-50 1

“References for experimental data. TW denotes this work

First dissociation constant

Table 4.4-Table 4.7 give the results from the experiments where pH was recorded in a
solution of known bicarbonate content at a given CO, pressure. Combination of
reaction (66) and (67) yields Eq. 81, where m is the measured concentration and the
fugacity of CO; has been set equal to the partial pressure, P;

S N
dym HCO; 4 HCO; 4 HCO;

KK =

81

F co,%H,0

The measured pH gives the H " activity directly, while the water activity and the activity
N

Heo; term was

coefficient 7/15% o- were calculated as described above. The resulting y
3

fitted using Eq. 80, which is a function of MEG content and temperature. There was no
: . . N . s -

need to include an ionic strength term in y, . o, » Meaning that 7, o satisfactory

adjusted for the ionic strength variations in the data. The error in the experimental data

is mainly determined by the accuracy of the pH measurement. In Fig. 6.11 the error

bars are calculated from an expected accuracy of £0.05pH units at 25°C and 0.07 at
80°C. A detailed description of the pH measurements is given in chapter 7. Fig. 6.11

compares the measured In yg co- With the model as function of MEG concentration.
3

The decrease at the high MEG end is caused by the decline in water activity, which
becomes zero in pure MEG.
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Fig. 6.11: In ]/II{VCO, versus MEG content at 25 and 80°C. a) versus Xygg in solvent b)
3

versus wt% MEG in solvent

A pure water standard state has been chosen (see section 2.2), and the water activity
therefore approaches 0 when the MEG content approaches 100%. It is possible to
measure pH in ~100% MEG although the electrode has a slow and less stable response,
but the interpretation of such a measurement is not evident. If there is no water present
pH can certainly not be defined from the activity of H' (H;0"). A pure water standard
state is obviously not defined in 100% MEG, but as long as there is some water present
the method is consistent. In principle this amount of water could be infinitesimal. In
practice this is ambitious, and the modeling difficulties can be explained by regarding
Eq. 81. When approaching pure MEG, a measured pH gives the H activity, which is

. S . .
therefore a finite value. m and y, . are certainly finite. @, ,, however, approaches
3

zero, thus }/;VC o5 consequently also has to approach zero (In 7111vco; =—00) in pure

MEQG. In Fig. 6.11 the two highest MEG contents at 25°C are 97.5wt% (xmrc=0.92) and
99wt% (Xmec=0.97). If the model should be correct up to ~100% MEG the curve would
have to go to -0 between x=0.97 and x— 1. Practically the effect of this declining water
activity is that the model is invalid above ~99wt %MEG.

Another experimental setup to determine 711;[00* was also investigated. The first
3

dissociation constant is given as;

s N
Ay chog 4 HCO; 4 HCO;

K/ =

(82)

S N
Mco, (ag)Y co,” co,%,0

y® values, " of CO,(aq) and water activity can be obtained as described above. 71];[0 o

is therefore directly obtained from Eq. 82 if pH is measured at a known ratio of the
HCO; and COy(aq) concentration.
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From the logarithmic equilibrium plot in Fig. 6.7 the concentration of dissolved CO,
equals the concentration of HCOj3™ at the point around pH=6 between equivalence point
1 and 2. A typical titration curve was described in Fig. 6.8 above, and the halfway-point
between 1 and 2 in this figure corresponds to the condition of equal concentrations;
[HCO;] = [COs(aq)]. Thus if pH is measured at this point, the equilibrium constant (or

75 co- ) can be directly obtained. Such data are given in Table 4.8. However, the CO,

concentration in solution will at this point become higher than anticipated from the CO,
pressure in the laboratory atmosphere. Thus CO(aq) is not in equilibrium with the
surrounding air, and should therefore leave the solution. Such an experiment will
therefore give slightly different results depending on how fast the titration is performed,
the opening in the experimental cell to the atmosphere, gas-liquid ratio in the cell etc.
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Fig. 6.12: In }/;IVC o from titration measurements in Table 4.9 versus xygg at 25°C. Solid
3

line: model (Eq. 80)

75 co- Values were calculated from the data in Table 4.8. A comparison with the model

is given in Fig. 6.12. With one exception, the measurements actually correspond well
with the model. This may indicate that the experimental setup successfully kept the CO,
in solution during the titration. CO, leaving the solutions and going into the gas phase is
a slow process. This is well known from beverage cans that have to be vigorously
shaken to get all CO; out of the liquid. Further improvement and investigation of this
method was not examined, since the method with constant CO, bubbling was used for
determination of the first dissociation constant in this work.
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Second dissociation constant

The second dissociation constant was investigated by the same titration as described in
Fig. 6.8. From Eq. 83 it is seen that the ]/évoz, term is simply determined by measuring

3
pH at a known carbonate/bicarbonate ratio. The ° terms and 7/11{\/ co- Can be calculated as
3
described above.
a.-m

N N
H* co3™ 7C0§’ 7c03’

Kj = (83)

s N
M co; 4 HCO; 4 HCO;

When known amounts of NaHCO; and Na,CO; are added to a solution the
carbonate/bicarbonate ratio is, however, in principle unknown. When mixing a solution
in the laboratory, it will be exposed to a certain CO, pressure from the air, and
carbonate will react with dissolved CO, to form bicarbonate. But more importantly
carbonate and bicarbonate will obviously react to achieve the equilibrium given by Eq.
83. The carbonate/bicarbonate ratio is therefore not equal to the added molar ratio. In

this work titration was used to find the m_ . / m,... Tatio, as described on page 96.
3 3

Two slightly different approaches were undertaken. One was to let the electrode
stabilize before the titration, read the pH, and thereafter titrate reasonably fast (~30min)
to obtain the concentration ratio at the start of the titration. These results are given in
Table 4.8. The other approach was to titrate slowly (1-4hours) and let the electrode
stabilize at each point during the titration (see Table 4.9). A long time was needed since
the electrode has a slow response at high MEG concentration. These experiments were
run with additional NaCl such that the activity coefficients, y°, remained virtually
constant. At a given MEG concentration and ionic strength the y" terms are also
constant. This meant that the activity coefficients could be regarded as a constant term.
The titration curve then gave the “quasi stochiometric” constant, K,* at any titration
point;

-1

s N
VooV a_.-m._
* 20 o/ ol _"H CO;
K2 _Kz s v = — (84)
4 HCO; 7 HCO; m HCO;

Fig. 6.13a) shows the results obtained in water with two distinct end points at about 1.8
and 5.6ml added acid.
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Fig. 6.13: a) Titration curve for an aqueous solution of NaHCO;(~5mmol/kg) and
Na,CO;3(~5mmol/kg) with 0.1m NaCl. b)Calculated pK,* (Eq. 84) versus ml added HCI.

Fig. 6.13b) shows the calculated “quasi stochiometric” constant up to the first end
point. The carbonate/bicarbonate ratio is calculated from Eq. 74. Eq. 74 is not valid
when approaching the endpoint since the concentration of dissolved CO, is no longer
neglectable compared to carbonate. This experiment, with water as solvent, is obviously
an ideal case, where the measured pK,* is virtually the same during the titration. Fig.
6.14 shows an experiment with 90wWt%MEG (xmpc=0.72), where the ‘“quasi
stochiometric” constant was lower at the start before it increased to a reasonable
constant value. This was most likely caused by the OH  concentration not being
negligible in Eq. 72, which is consistent with a lower value of K,*. Thus the calculated
carbonate/bicarbonate ratio used in the “quasi stochiometric constant” shown in Fig.
6.14 is therefore not correct at the beginning of the titration.

12.8
12.6
.
12.4
¢ 90wt% MEG 0.5m NaCl
12.2
TR
o~
x ’
2 118
*
11.6 *
11.4
1.2 4
[
1 ‘ ‘ ‘ ‘
0 0.5 1 1.5 2 2.5

ml HCI
Fig. 6.14: pK,* in for a solution of 90wt% MEG at 25°C versus ml HCI added.
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Plots like the one shown in Fig. 6.14 were constructed to determine K,*. When K,* had

been determined, j/évoz, was calculated by inserting values for y° and 711;' co- In Eq. 84.

All data for In 7/2/02, are summarized in Fig. 6.15 where the model fit is given by the

solid line.
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Fig. 6.15: In Q/évoz, as function of xygg from 25 to 80°C (Table 4.8 and Table 4.9). Solid

3

line; model (Eq. 80)

The curve fit is merely a function of MEG concentration as given in Eq. 80 and Table
6.3. In water the method functioned well, but at higher MEG contents some scattering
in the data is observed. This is believed to come mainly from the uncertainties in the pH
measurement. pH was observed to be much less stable in these solutions than during
measurements of the first dissociation constant. This can be due to the much lower
hydrogen ion activity. The scatter shown in the data at 90wt% (xume=0.72) in Fig. 6.15,
corresponds to a variation in pH of 0.15-0.2units. There is in addition some uncertainty
in the carbonate/bicarbonate ratio determination, due to the OH™ concentration not being
negligible, as discussed above. Thus these data might be improved in future
investigations of the system. Titrations as used in this work should be well suited for
this purpose. Measuring both pH and the carbonate/bicarbonate ratio in the vicinity of
the first equivalence point will certainly give a negligible OH™ concentration, but the
buffer capacity will also be low yielding a more unstable pH measurement.
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6.4.4 MEG dependence of H*

This section gives the relation between the H' activity (given by the pH measurement)
and the molality”. For the purpose of this work the molalities of H" and OH™ are
important only in the acidic and basic region respectively. In an acidic solution OH" is
negligible and vice versa. At intermediate pH values (6-8) both are usually negligible
compared to e.g. the concentration of carbonate species. The relation between pH and
H' concentration in a water+MEG solvent is given as;

S e U (85)

where the activity of H' is given as the molality times an activity coefficient product. y°
is the before mentioned aqueous activity coefficient, and 7;; corresponds to the MEG

dependence. 72]* equals 1 in water and its value in MEG+water can be found simply by

measuring pH at a given molality of H*. The results from Table 4.21 and Seiersten'**

are given in Fig. 6.16.
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- 1.00 7 x seiersten 0.5m NaCl oX
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0.00 & \2 : T .
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molfraction MEG

Fig. 6.16: In j/;v+ versus Xygg at 25°C 0-0.7m NaCl (mol/kg solvent) from Table 4.21 and

from Seiersten’* (0.5m NaCl).

. N .
In water all measurements are consistent and Vi =1. There is also reasonable

agreement between the data obtained in this work and those of Seiersten et.al.'.
However, the results with no added NaCl deviate from the other data. This is consistent
with the discussion concerning a coupled ionic strength + MEG effect in section 2.2.2.
Ionic strength effects are expected to be most pronounced at low ionic strengths (0-
0.1mol/kg), and can explain the observation in Fig. 6.16.
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A pH electrode is influenced by ionic strength/salt content as described in detail in
chapter 7. The result is that a measured pH must be corrected with a quantity ApHg,y, to
obtain the actual pH. ApHy,, is found by measuring the change in pH relative to a
solution of 0.1mol NaCl/kg solvent. The measurements are interpreted by the equation;

ApH,, =(pH., ~ pH},, ) +(pH" ~ pH")

a,. (86)
=(pH,.,, — pH,,, ) +log——"2
aH+(X)

All quantities are defined in chapter 7 (See Eq. 147-148, Page 148). The superscripts
0.1 and x, denotes the reference ionic strength (mol/kg solvent) and a solution with a
different ionic strength respectively. In the calculation there will consequently be a term
with a H' activity ratio. This ratio corresponds to the activity of H' at the reference
ionic strength (0.1mol NaCl/kg solvent), divided by the activity at the actual ionic
strength (x mol NaCl/kg). Using Eq. 85 for the two solutions with ionic strengths of 0.1
and x, Eq. 87 is obtained;

s N
aH*(o.l) _ mH*(O.l)?/H*(O.l)yH*(O.I)

87

N N
aH+(X) mHWX)]/H*(X)yH*(X)

It should be noted that to find ApHgyy, 71]1\/* must be known or vice versa. In this work it
was arbitrarily chosen to use the same ApHj,, in water+tMEG as in water (see section
7.3.3). This choice will thereafter give consistent values for 7g+ . In appendix 2 pH
measurements in HCl+water+tMEG+NaCl solutions are given. The experiments were
run with constant H' concentration, thus m cancels in Eq. 87. If 7;1\]* is ionic strength
independent, the 7;]; terms also cancel at each MEG concentration and the
s s . : . . . .
Y o / Vi o ratio will be the same in watertMEG as in water. Using this

approximation the ApHs, is calculated (data in Appendix 2), as shown in Fig. 6.17a).
The results in Fig. 6.17a) may seem insignificant since pH is usually measured with an
accuracy of about £0.05-0.1pH units. Although an absolute pH determination usually
has an error of about £0.05-0.1pH units, a relative measure, however, is much more
accurate.
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Fig. 6.17: ApHj, at 0-90wt% MEG as function of NaCl content(mol/kg solvent) at 25°C.

(data from Appendix 2) a) Calculated with ]/111,\/+ ionic strength independent b) calculated

from Eq. 88

ApHg,y is not the same in 30, 50 and 90wt% MEG as in water, although the trend from
about NaCl=0.3m and higher is virtually identical. Thus the deviation is, as expected,
most evident at low ionic strengths. The deviation is due to a coupled lonic strength-
MEG effect, as discussed in detail in section 2.2.2. Based on the observations in Fig.

6.16 and Fig. 6.17a) it was decided to include an ionic strength dependence in )/}i{v+ ;
AII/Z
Iny". =1.4457x,,; —3.9428x) ;; +5.6753x s + — =
" 1+ BI
A=-117W . - 0.82Wr (88)

B=9.92w,,, - 3.65Wi

xuec and wygc denotes molfraction and weight fraction of MEG in the solvent,
respectively. The last term in Eq. 88 gives the coupled MEG-Ionic strength effect, and
corresponds to the general equation developed in section 2.2.2. This term is
mathematically advantageous since it approaches the limit A/B at high ionic strengths
(see Fig. 2.6 on Page 30). When applying Eq. 88 the ApHy, function is virtually the
same in 30-90wt% MEG as the one for pure water, as seen in Fig. 6.17b).

Seiersten et.al'** also provided data at 50 and 80°C where the results at 50°C for 7/1];

closely resembled those at 25°C. In Fig. 6.18 an inconsistency is observed at 80°C. The
difference observed for xygg>0.5 between the data at 80°C and 25-50°C, corresponds to
a difference in pH of about 0.25 units. It was chosen not to include any temperature

function of }/j;ﬁ based on these data, since there could be a systematic deviation due to

an error in the pH calibration.
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Fig. 6.18: 7;1\1 values from Seiersten et.a and from this work versus xygg. 25-80°C with

0.5m NaCl. Solid line: Eq. 88

6.4.5 The autoprotolysis of water

For calculation of acid/base equilibria it is in addition necessary to include the
autoprotolysis of water;

2H,0=H,0" +0H" (89)

The thermodynamic autoprotolysis constant of water K°, is in an aqueous solution
given as;

s s
K° = 4y Aon- _ My Y i Mo on- (90)

Ay.0 Ay0

When the solvent is a MEG+water solution it is not obvious how to interpret this
equation. In pure MEG, the autoprotolysis obviously cannot be expressed by reaction
(89). Banjaree et.al** gave that the autoprotolysis of mono ethylene glycol (GH) could
be expressed with reaction (91). In a MEG-water mixture both GH and H,O ionize, but
the total equilibrium can be denoted by reaction (92) where SH denotes the solvent at
question.

GH +GH =GH +G~ 1)
SH +SH = SH; + S~ (92)

The autoprotolysis of a MEG+water solvent (SH) can be measured by electrochemical
methods as described in detail by Rondinini et.al” and Banjaree et.al**. The tabulated
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autoprotolysis constants of the solvent, K,,, have a standard state chosen such that the
activity of the undissociated solvent (SH) is unity in the pure solvent, i.e. a medium
reference as described in chapter 2.2. In this work it was decided to use an aqueous
standard state, and since introduction of new glycol ions (GH,", G") in the model would
only complicate it further, it was simply chosen to use Eq. 90 directly as described
below. Thus the model does not contain any ionization model of MEG.

pH is a key parameter in scale calculations for some minerals thus the model must
calculate pH correctly also in the basic region where OH™ is dominating. The link
between pH and molality of OH is provided by the autoprotolysis constant in Eq. 90.
By introducing the MEG effect, ", the equation is given as;

N N N N
KO — mH+7H+}/H+mOH’7/OH’}/OH’
w

93)
Ay,0
73[1{* can be found by measuring pH at a given hydroxide concentration mog;
o A0
Vou- =K. (94)

Mo 75}1* 107"

The activity of water is calculated as described in section 6.2. Seiersten et.al*® gave a
method for pH calibration where the raw data' from their work was in the form of
titration curves. These curves gave pH at certain OH and H' concentrations, and the

data could be used to find ]/gH, from Eq. 94, as well as }/g+ described above. The

]/éVH, values at 25 and 50°C were similar, while the data at 80°C showed a systematic

deviation, as seen in Fig. 6.19. It is unfortunate that the data set'** did not contain
measurements in water for reference purposes, hence it is a possibility for a systematic
error.
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Fig. 6.19: In 7371{, at 25-80°C as function of MEG. Data from Seiersten"”. Solid line gives
model in Eq. 80

The raw data are the same as those used for the calculation of 7[1; (see Fig. 6.18). Due

to the inconsistency in the data it was chosen not to include a temperature function for
OH". There are no measurements at various ionic strengths available at present, hence

the 7" is modeled as ionic strength independent. Generally the data for the
7/ OH

determination of ]/;; and 72/11* at other temperatures than 25°C are scarce.
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6.5 Carbonate solubility

Carbonate solubility data were used to fit 71\1;“ by the general polynomial;
N 2 3 4
Iny 0 =CXypg + X + CXypg + Ca¥yrg 95)

where c;., are constants given in Table 6.4, x)zc denotes molfraction in solvent and M
the mineral cation. A fourth degree polynomial was necessary to satisfactory fit the
function at high MEG concentration. This is due to the choice of water as the reference,
since the water activity approaches zero at this point. From Table 6.4 it is seen that ¢,
for Fe’" have arbitrarily been set equal to those of Ca*". This is due to lack of data. The
FeCOj; solubility is troublesome to measure', mainly due to slow kinetics.

Table 6.4: Parameters for 7" of 2 valent ions forming carbonate scale
Temp

Specie ) c C3 Cy [°C) Ref.?
Ca* -1.0841 | -12.619 23.486 -12.766 25-80 ™
Fe -1.0841 | -12.619 23.486 -12.766 50 1

Ba™ 23152 | -32.243 51.994 -26.785 25-80 ™
Sr** 0.4169 | -17.748 | 25.677 -11.545 25-80 ™
Mg™" | 33238 | -7.0198 | 18.6567 | -8.6400 | 25-80 [ TW’
*References for experimental data. TW denotes this work.
®Solid phase is Hydromagnesite (3MgCO;'Mg(OH),'3H,0)

6.5.1 CaCO3, SrCO; and BaCO;

The equilibrium between calcite (CaCO;) and the dissolved species can be expressed
as;

Ca® +2HCO; = CO,(g) + CaCO;(s)+ H,0 (96)

This equation is convenient when a CO, rich gas phase is present, and is obtained by
combining the equilibria (66-69). The corresponding equilibrium constant is given as;

[
o _  Kj _ S co,%,0
Eq.96 — o progro 2
KK KSp Qe cho_;
97
Pco,Pco,%,0

2
s N s N
Mo eV gt (chog 7 HCO; 7 HCO; )

where »° denotes the activity coefficient in water, 5" denotes the MEG dependence, ¢
fugacity coefficient and K° are the common thermodynamic equilibrium constant for
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each reaction (66-69). The activity of water is calculated as described in section 6.2.
Pco; corresponds to the partial pressure of CO.. yN for the bicarbonate ion was modeled
as described above and y"(Ca*") could consequently be found directly from the
measured data in Table 4.12 where Ca®>" concentrations are measured at a given CO,
pressure. At these conditions the HCO;™ concentration virtually equals the alkalinity of
the solution and consequently 2 times the calcium concentration. By a different
combination of equilibria, it is possible to calculate y"(Ca®") directly from the measured
pH and the Ca®" concentration;

) 2
N Ksp . a[-[* 98
7/6‘5124r - KOKOKO S ( )
2By By M oY o Peo,Peo, Yo

1.0

0.5

0.0 &
[ A From pH
L 95 ¢ Experimental
«a
8 — Curvefit
27 1.0 -
=
=
1.5 4
2.0 1
2.5 4
3.0 ‘ ‘ : :
0.0 0.2 0.4 0.6 0.8 1.0

molfraction MEG

Fig. 6.20: In 72;% versus xygg at 25°C from experimental data given in Table 4.12.

Calculated from either Eq. 97(experimental) or Eq. 98(from pH). Error bars determined
from measured pH.

Fig. 6.20 shows the calculated MEG dependence at 25°C both from Eq. 97 and 98. The
two routes generally correspond well. This indicates that the model for the carbonic
acid equilibria is consistent. From the measured data it was not observed any systematic

effect of ionic strength or temperature upon the MEG dependence. ;/évah was therefore

merely a function of MEG concentration. The downward extrapolation at high MEG
content was necessary to counteract the decrease in the water activity.
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Fig. 6.21: CaCO; (Calcite) solubility (mmol/kg solvent) versus MEG concentration in
solutions saturated with CO, at p,=1atm (25-80°C and 0.5m NaCl see Table 4.12) Solid
lines; model predictions. MEG concentration as a) wt% and b) molfraction

Fig. 6.21 shows the measured and calculated solubility of CaCO;(calcite) at three
temperatures in water+tMEG solutions containing 0.5m NaCl. MEG reduces the
solubility that seems to pass through a minimum at about 85wt% MEG. The increase at
high alcohol content can, however, not be explained by formation of a Ca’-MEG
complex since this increase was not observed for CaSO, (anhydrite).
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Fig. 6.22: BaCO; (Witherite) and SrCO; (Strontianite) solubility (mmol/kg solvent) in
solutions saturated with CO, at p,,~=1atm (25-80°C and 0.5m NaCl). Solid lines; Model

predictions

The same approach was used to model Ba and SrCO; solubilities. Fig. 6.22 compares
model predictions with the measured data in Table 4.10 and Table 4.11. SrCO; has a
very similar behaviour as CaCQOj;, while BaCO; has a smaller solubility decrease with
increasing MEG concentration than the other two. At 97.5wt% MEG the BaCO;
solubility was actually found to be higher than in water.
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6.5.2 Hydromagnesite

Magnesium carbonate can exist in several different modifications as described in
chapter 9. In this work it was chosen to only include hydromagnesite
(3MgCO5'Mg(OH),'3H,0), as this is the compound that probably will occur during
oilfield operations. It has a complex solid structure with a mixture of carbonate and
hydroxide, where K°, is given from the reaction;

3MgCO, - Mg(OH ), -3H,0(s) = 4Mg™* +3CO? +20H ™ +3H,0 (99)

As for the other carbonates the solubility was measured under constant CO, pressure
i.e. at conditions where the alkalinity is mainly determined by the bicarbonate
concentration. Thus the results are best interpreted by an equation including only
bicarbonate and Mg*", as well as the CO, pressure. By combination of Eq. 99 with the
carbonic acid equilibria of Eq. 66-68 the desired relation is found;

3MgCO, - Mg(OH), -3H,0(s)+ 5CO, = 4Mg** +8HCO; (100)

It should be noted that although the solid phase includes crystal water, Eq. 100
describes the equilibrium merely by CO,(g) and the dissolved ions. Thus the solubility
is actually not directly dependent on the water activity. A pronounced solubility
increase as water activity decreases is therefore not expected. Fig. 6.23 does, as
expected, not show any increased solubility at the high MEG end as was observed for
gypsum (CaSO,4-2H0).
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Fig. 6.23: Hydromagnesite (3MgCO; -Mg(OH), ‘3H,0) solubility (mmol/kg solvent, Table
9.1) versus wt% MEG in solutions saturated with CO, at p,=1atm (25-80°C). Solid line:
model
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MEG has in addition a much more severe influence on hydromagnesite solubility than
for the other carbonates. The obvious difference between hydromagnesite and the other
carbonates is that OH" is incorporated in the solid phase. With a given CO, pressure and
alkalinity the model of this work calculates a higher OH™ concentration in MEG than in
water. At 90wt% MEG the OH™ concentration is in the order of 50 times higher and this
is consistent with the much lower solubility of hydromagnesite. Due to a more complex
structure the calculation of y"(Mg’") was slightly more complicated than for the other
carbonates as shown in Eq. 101-102. The method is, however, exactly the same and all
parameters are given in Table 6.4.

K (KpKy)  dl.d!

_ Mg® "HCOY

K = =
Eq.100 (KZ)Z (Kzo )3 fcsoz (101)
1
VA]Z = K;(K;IK{))S PC502¢20 ‘ (102)

N I 2 | T |

It should be noted that magnesium may also precipitate in Mg+Ca mixed phases such as
dolomite, but no such phase have been included in the model at present.

6.6 Solubility of Na and K carbonates

The highly soluble carbonates were included in the model in a slightly different manner
than the low soluble carbonate salts described above. Instead of fitting a function for the
cation directly, a y"* was used to fit the MEG dependence for each salt. Experimental
solubility data are usually given as dissolved amount of salt. For NaHCO; or Na,CO;
this means that the Na' concentrations are given. The bicarbonate or carbonate
concentrations, however, have to be calculated. The solubility product of NaHCOs is
given as;

o _ s .S N+
K‘vp - mNa*mHCO; 7Na*7HCO; (7/NaHC03 )2 (103)

K°,, the thermodynamic solubility product, is unaffected by MEG due to the choice of

aqueous standard state. The activity coefficient product 7/; . z o 18 calculated by the
a 3

model as described earlier. Solubility data gives the m, . concentration. 7, . has to
3

be calculated as it is dependent on temperature, MEG concentration etc. This is done
using the model for carbonic acid equilibria described above. When both m, . and

: Nt
Mo, CONCentrations are known, 7y..co, can be calculated.

CaCOj; and the other low soluble carbonates can precipitate over a wide pH range (~5-
14) i.e. at conditions where either bicarbonate, carbonate or even CO,(aq) is the
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dominating dissolved carbonate specie. For the low soluble carbonate salts it was found
that a model with a y" term for each ion gave a consistent model. This was believed to
yield a reasonable extrapolation in the pH ranges not covered by the experimental data.
Sodium and potassium carbonates on the other hand precipitate as bicarbonate at
medium pH and as carbonate at high pH. Thus each salt can only exists in an area
where either HCO;™ or CO;> is the dominating specie as seen from Fig. 6.7. An

alternative could be to fit a common 7/11\\7; . function, meaning that ijvf calculated from
NaHCOs solubility data, should be the same as calculated from Na,COj; solubility data.

This, however, was not the case and it was therefore decided to construct a " function
for each salt.

The general fitting equation given in Eq. 104 was used for all salts except for the two
sodium carbonates containing crystal water. r;.; and ¢,; are constants given in Table
6.5.

lnys]'\jzi = (”1 +14 [T - 298])xMEG + (’”2 +1, [T - 298])’“1%456 + (’3 +14 [T - 298])x13\450
(104)

For Na,CO5;'H,O and Na,CO;-10H,O simpler functions could be used by utilizing
weight fraction MEG instead of molfraction;

N+

_ 2 3
In Y Nayco,-yir,0 = 'Wyee T oWaee T 5Waee (105)

wyec denotes weight fraction of MEG in the solvent, while y corresponds to either 1 or
10 crystal waters.

Table 6.5: Parameters for y"*of highly soluble carbonates. For use in Eq. 104-105

Salt r r; I3 t; t, t3 /EC Ref.*
NaHCO; 4.278 -5.441 1.817 0 2.936E-2 -2.699E-2 0-90 1,25-27
KHCO; 3.847 -3.817 ] 0.5601 | 0.0290 -0.0207 0 0-80 1,TW
K,CO; 9.669 | -12.867 | 7.001 | 0.1077 -0.1712 0.0950 no data
K,CO51.5H,0 9.669 | -12.867 | 7.001 | 0.1077 -0.1712 0.0950 0-80 1
Na,CO; 6.950 -5.793 1.371 0 0 0 0-90 1,26,28
NazCO3-H20b 3.863 -2.354 1.341 0 0 0 0-90 1,26,28
Na2C03-10H20" 2.400 0 0 0 0 0 0-25 1

*Temperature range of experimental data ° Modeled as function of weight fraction Eq.105.
‘Literature references. TW denotes This Work
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6.6.1 NaHCO; and KHCO;

The solubility of sodium bicarbonate is expressed by Eq. 103. The elaborate works of
Girtner et.al®? (15-90°C) together with investigations at IFE' (0-90°C), provide
solubility data for NaHCO; in MEG+water solutions. Gartner et.al. did measurements
in closed containers, while IFE used continuous CO, flow during their experiments.
The total alkalinity was measured using acid titration by both groups, and the results

corresponded well. ]//\]\,’;,CO3 values were calculated as described above and thereafter

curve fitted as given in Table 6.5.

In oilfield applications MEG is transported to the wellhead through a pipeline. It
typically contains a solution of 90wt% MEG, which is called “lean MEG”. During
testing of the model it was discovered that the solubility of NaHCO; in “lean MEG”
may be an important limiting factor when it comes to adjustment of the alkalinity. To
verify the experimental data it was decided to perform a few additional solubility
measurements at low temperature. The measurements from this work (Table 4.13)
corresponded well with the data from IFE' and the model predictions, as seen in Fig.
6.24.

1.4

12 F. Model 4C
_ . - = = Model 25C
o .
x . X IFE 25C
510 1 N A This work 22C
£ . e This work 4C
208 -
=
=
0 0.6 -
"
Soa-
I
©
=2

0.2

0-0 T T T T

0 20 40 60 80 100

wt% MEG

Fig. 6.24: NaHCO; solubility (mol/kg solvent) versus wt% MEG at 4 and 25°C. Data from
this work and IFE'. Solid line: model at 4°C. Dotted line: model at 25°C

At seabed temperature the solubility of NaHCO; is less than 400mmol/(kg solvent)
(Ar~24000mg/kg) in the range 50-95wt% MEG. This will be most important for design
and operation of systems containing MEG as a hydrate inhibitor. The NaHCO;
solubility at higher temperature is less important for transport lines since its solubility
increases rapidly with temperature, but may be of interest in other parts of the
production system e.g. in the MEG reclaiming unit.



118

The MEG dependence of the KHCO; solubility was included in the same manner as
described for the sodium salt. Experimental data from 0 to 80°C were provided by IFE',
but unfortunately their work did not contain any water reference data. The
measurements at the highest MEG concentrations and lowest temperatures also seemed
to be too low. It was therefore decided to perform a few additional KHCO; solubility
measurements in our lab at 0°C (see Table 4.14). These data are included in Fig. 6.25
and support the same type of function as obtained for NaHCO; with an increased
solubility at the high MEG end. From the pH data given in Table 4.19 KHCO;
solubilities in 60 and 90wt% MEG at 25°C were estimated.

¢ IFE 25C

o This work 25C
XIFE 0C

O This work 0C
ACRC 25C

KHCO3 Solubility [mol/Kg].
N

0 20 40 60 80 100
wt% MEG
Fig. 6.25: a) KHCOj; solubility (mol/kg solvent) versus wt% MEG in solutions saturated
with CO, at p,=latm (0-25°C). Data from IFE' and Table 4.14. Solid lines; model
predictions (Table 6.5). A; Aqueous data from CRC handbook (see section 5.1.3)

KHCOj; solubility may be of interest for MEG injection pipelines at low temperature.
Future investigations of the KHCO; solubility should therefore focus on 0-25°C.
Aqueous reference measurements should always be performed.
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6.6.2 Nach3 and K2CO3

The solubility of the sodium carbonate is expressed as;

K° = m? s \2 s Nt Sy 106
o = Mya Meor \Vvar ) Veor \VNaycoyymo ) o (106)

where y denotes number of crystal waters of the solid phase (y=0,1 or 10). Solubility
data were taken from the elaborate studies of Girtner et.al”>’ and Oosterhof*>°, who
give data mainly at high temperature (40-90°C). IFE' provided data at low temperature
(0-40°C). All calculations of activity coefficients, COs> concentrations etc. were
calculated as for NaHCO; described above. The resulting MEG dependences,

N+
Na,CO5-yH,0

Iny were curve fitted with the parameters in Table 6.5 .

The sodium and potassium carbonate salts are highly soluble and will probably not
precipitate in MEG injection pipelines, and certainly not if a CO, containing gas phase
is present. In process plants where CO, is removed and the MEG concentration is
increased, however, there is a possibility for carbonate precipitation. Data for sodium
carbonate is interesting for MEG regeneration plants where the salt can deliberately be
precipitated at high temperature, high MEG and low CO, conditions. Sodium carbonate
will form either as monohydrate, Na,CO;-H,0, or as anhydrate, Na,CO;, under MEG
regeneration conditions. Na,CQO; is an important constituent in glass and it was for glass
manufacturing that Girtner et.al®> and Oosterhof*?’ did their solubility
investigations. There are principally three different phases of sodium carbonate that
have to be regarded in connection with MEG regeneration;

— Decahydrate Na,CO;-10H,0
— Monohydrate Na,CO;-H,O
— Anhydrate Na,COs

Each salt was fitted with its own y"* function (see Table 6.5) to obtain the model.

Fig. 6.26 shows model calculations at 25 and 80°C. The discontinuity in the curve at
25°C and about 45wt% MEG is due to the shift from Na,COs-10H,O to Na,COj;-H,0,
as the stable phase. An increase at the high MEG end is due to the declining water
activity. This rise in solubility is not observed at 80°C. At 80°C the temperature is high
enough that anhydrate, Na,CO;, is the stable phase. This can be seen as a small
discontinuity in the curve at 70wt% MEG corresponding to a shift from Na,CO3-H,O to
N32C03.
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Fig. 6.26:Na,CO; solubilityl’28 (mol/kg solvent) at 25 and 80°C versus wt% MEG. Solid
lines; model

At low temperature the decahydrate, Na,CO;-10H,0, is the stable phase, and it is
evident that if water is added to Na,CO; at low temperature it may transform into this
phase. This is an important observation for oilfield operation where Na,COs is used.
100kg of Na,CO; can absorb 170kg of water to form the solid Na,CO;-10H,0. Thus
systems containing Na,COj; should simply be flushed with warm and not cold water to
avoid formation of the decahydrate.

In section 6.3.1 dealing with CaSQ, it was described that CaSO, with and without
crystal water in principle could co-exists. It is very unlikely that this can happen due to
the low solubility. In the case of Na,CO;-10H,0O, however, it is actually not that
improbable since each mole of precipitated solid will remove 10 moles i.e. 180grams of
water from solution. In a laboratory one can deliberately choose a MEG concentration
of about 40%, add 3mole of sodium carbonate, and the precipitating deca-hydrate
should remove enough water from the solvent that one reaches the stability field of
mono-hydrate. This can be seen from Fig. 6.26.

Solubility data for potassium carbonate was provided by IFE' (0-80°C). It was,
however, not investigated whether the solid phase in equilibrium with the aqueous
phase was K,CO; or K,CO;5:1.5H,0. Measurements had neither been performed in
water such that a comparison with literature data could be made. In aqueous solutions
the transformation from K,CO;-1.5H,0 into the anhydrate occurs at about 154°C. At
temperatures <80°C the solubility of K,CO; should be very high as seen in chapter
5.1.4. The data' did not show any sign of discontinuities that would indicate a phase
shift. Thus it was most likely K,CO;'1.5H,O that had been present in all the
experiments at IFE'. yNi of K,CO;5-1.5H,0 was calculated in the same manner as done
for the sodium salts above, and curve fitted with the parameters given in Table 6.5. The

same function was used for the MEG dependence, 3, of the anhydrate K,CO;.



121

12

10 —Model & 25C A 80C

K2CO 3 Solubility [mol/Kg solvent]

0 \ \

0 20 40 60 80 100
wt% MEG

Fig. 6.27: K,CO1.5H,0 solubility' (mol/kg solvent) at 25 and 80°C as function of wt%
MEG. Solid lines: model (Eq. 104)

Fig. 6.27 shows the steep increase in the K,CO;5-1.5H,0 solubility close to 100% MEG.
This is due to the rapid decrease in water activity. The anhydrate K,COs is not predicted
to be the stable phase even at the highest MEG concentrations (>95wt% MEG). This is
due to the very high value of K°,(K,COj3) (see chapter 5.1.4). In future investigations
phase analysis should be performed to determine which solid phase that is actually in
equilibrium.

6.6.3 Other solid phases in the Na-HCO;-CO;* system

The elaborate works of Gartner et.al®?’ also concern the solid phases Trona
(Na;CO; NaHCO; H>0) and Wegscheiderite (Na,CO;-3NaHCOj3). It was, however,
decided not to include these in the present model, since these compounds are believed
to be of little importance for oilfield applications. The data contained in the literature
should be sufficient to include both solids in the model. This is a possible future
extension that can be done if the need should arise. These salts contain both carbonate
and bicarbonate ions and the calculation of precipitated amounts can be a challenge in
the scale model. Since these salts have high solubilities, precipitation may be in the
order of many moles per kg solvent. This will have a large influence on activity
coefficients. Mutual ions are a problem since precipitation of one solid could lower the
SR of other salts so much that they become under saturated. The model can therefore
end up in oscillations between precipitation/dissolution. In such a situation it may be
mathematically difficult to find a suitable iteration procedure.
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6.7 Mg(OH), solubility

The stochiometric solubility product Ky, of Mg(OH), (brucite) is given as;

K =m_,m (107)

sp Mg OH~

If the solid is dissolved in solutions without CO, present, the OH™ concentration will
equal two times the Mg2+ concentration and Ky, can be written as;

v 2
K‘vp - mMg2+ mOH’

3 (108)
= 4mMg2*
The stochiometric constant can then be found directly from the measured Mg
concentration. As discussed in detail in chapter 5.1.7 , CO, was observed in the
solutions during the Mg(OH), solubility studies. There is a question concerning how
and when this CO, was introduced. If it came from air in contact with the sample during
analysis (filtering/weighing etc.), there is actually no problem since the measured Mg”"
concentration can be used directly in Eq. 108. If, on the other hand, CO, was present
during the dissolution process, CO, would have reacted with OH™ to form carbonate.
Using Mg®" concentration directly in this case, yields a too high solubility product,

since the m on-

is in fact lower than 2mMg2+ . Unfortunately the main part of the CO,

was most likely present in the system during the dissolution reaction, either from
remaining gas in solution, or simply due to small amounts of carbonate in the
Mg(OH)y(s). Thus using Mg>" concentration in Eq. 108 probably yields a too high
solubility product. The OH" concentrations given in Table 4.20 are also most probably
too high (see chapter 5.1.7).
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Fig. 6.28: Mg2+ concentration ratio mMg“ (MEG) /m M (H,0) (Table 4.20) versus wt% MEG:;

Temperature (22-80°C) NaCl content (0-0.5mol/kg).

Fig. 6.28 shows the measured saturation concentration of Mg*" divided by the measured
saturation concentration in water at the same temperature(22-80°C) and NaCl content(0
and 0.5m). From this plot it looks like the solubility increases up to S0wt% MEG and
then drops to a value comparable with water at 90wt% MEG. This is the only salt that
has shown such behaviour. The magnesium concentration alone is, however, not
necessarily representing the solubility as described above. Given the uncertainties in the

data it was decided to neglect the MEG dependence for Mg(OH); i.e. 732011) for the
dissolution equilibrium of Mg(OH), was simply set to 1;
0 _ 2 s s N\ N+ 3
KSP I:Mg(OH)z:I - mMgZ* Mo~ yMgz* (}/OH’ ) (7/Mg(0H)2 ) (109)

This means that the solubility product is independent of MEG concentration. The actual
solubility ( My ) will, however, not always be unaffected by MEG. This is due to the

OH" concentration being dependent on the pH, which in turn is dependent on MEG
concentration.

From Eq. 107 it is seen that a decrease in pH by one unit, will increase the solubility
100times (K’sp~10'12). At pH=7 (méH, ~107'") the concentration of Mg”" has to be in

the order of 100mol/kg for Mg(OH), to precipitate. Mg(OH), precipitation can
therefore only be a problem when pH is 8-9 or higher.
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6.8 Acetic acid, NaAc, H,S and FeS

The MEG dependence, 5", was fitted with the general Eq. 110 unless otherwise stated.
All parameters are given in Table 6.6. Data were supplied by IFE'.

Iny"* = (’”1 1 [T - 298])XMEG + (”2 1 [T - 298]))‘1%41% + (’”3 th [T - 298])x;4£c

(110)
The MEG dependence for the organic acids that normally appear in formation waters
was set equal to that of HAc (Acetic), since watertMEG data were not available for the

other acids.

Table 6.6: Parameters for y" from Eq. 110. All data from IFE'

Specie r r; I3 t; t, t3 T /°C
HAc 2.8663 | -4.3518 0 -0.02409 0.07166 0 25-70
K;-HAc 6.4869 | -2.4993 0 -0.01743 -0.00671 0 2-70
NaAc 2.113 0 0 0 0 0 0-90
NaAc3H,0 | 4.467 -3.806 0 0 0 0 0-40
H,S Fitted by Eq. 78-79. Parameters in Table 6.7 5-125
HS 1.260 | -0.3828 0 -0.01427 0 0 25-80
FeS 0 0 0 0 0 0 No data

6.8.1 Acetic acid
Henry’s constant for acetic acid is in MEG containing solutions given as;

s
Ky (HAc) = e = Pl te yv (1)
HAc PHAC ¢HAC
' My
K, (HAc)=—"* (112)
HAc

The Henrian constant gives the ratio between the activity in the aqueous phase, apye,
and the fugacity, fus, in the gas phase. P denotes pressure [bar] while the other
parameters are defined previously. In an equivalent manner as for CO, dissolution, the

MEG dependence, 7/1]{\’ e » WAas measured’ (25, 40 and 70°C) by recording partial pressure

. . . N .
at a certain aqueous concentration m,.. The resulting parameters for the y,,. function

are given in Table 6.6. At a given concentration of HAc in the aqueous phase, the
amount of HAc in the gas increases with temperature. i.e. the stochiometric constant,
Ky, decreases.
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Fig. 6.29: mol% HAc in gas phase in equilibrium with water+MEG+HAc versus wt%
MEG. HAc concentrations in the liquid phase are 130-150mmol/kg solvent at 70°C and
170-190mmol/kg solvent at 25°C. P,,=1bar. N, used as inert gas.

Fig. 6.29 shows the mol% of acetic acid in the gas phase at two temperatures, as
function of wt% MEG. The data' show some scattering but corresponds well with the
model in water. It should be noted that HAc is not very volatile and most of the acetic
acid will be in present the aqueous phase. There is a need for more data in watertMEG
solutions to tune the model.

The dissociation of acetic acid takes place according to Eq. 113, where the MEG
dependence is introduced by the /' term as for all other equilibria. a,. is directly

measured by a pH electrode.

S N
aHJ' mAc’yAc’ . ]/Ac’

a..a. .
K (HAc) =14 =

s N
Aryye Mg Y Hac Y Hac

(113)

Data for NaOH titrations of a solution containing HAc were obtained from IFE'. The
pH meter was calibrated in KHPh as described in chapter 7. At the half titration point
the concentrations of HAc and Ac” are equal and cancel in Eq. 113. Thus the ratio

}/;vc, / }/gAC can be found directly from the pH measurement. This ratio was denoted

7,?[ _meand Eq. 113 can, at the half titration point, be rewritten as;

S
[ 7/ c
K{(HAc)=a,,. - 4= y¢ .. (114)

HAc
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The measurements were run in series with constant HAc concentration and ionic
strength (NaCl), meaning that the y° ratio remained constant when MEG was added.

72'[7 e could consequently be found directly from the observed change in pH when
MEG was introduced.

It was chosen to construct a model for }/11{\: _mu. Instead of the Ac™ ion (}/ivc, ). This is

advantageous for two reasons. Firstly it enables a simpler curve fit function and
secondly it will be unaffected of changes in the gas dissolution equilibrium i.e. if a new

function for y,,, is made. 712 _mse Was calculated from the data at various MEG
concentrations (0-95wt%) and fitted with Eq. 110 (parameters in Table 6.6).

In our own laboratory three experimental series were preformed to check the IFE data.
Solutions containing approximately 50mmol/kg of both NaHCO; and NaCl were
continuously bubbled with CO, at room temperature (22°C) and atmospheric
conditions. Concentrated HAc was titrated into this solution and pH recorded when the
signal had stabilized.

8.0

7.5 4

90wt% MEG

50wt% MEG

Water

4.0 T T —

0 100 200 300 400
HAc [mmol/Kg solvent]

Fig. 6.30: pH as function of added HAc at 22°C compared with model predictions (solid
lines). The solutions were saturated with CO, at 1atm (~0.05m NaHCO; and NaCl)

Fig. 6.30 compares the data for 0, 50 and 90wt% MEG with model predictions. It
should be noted that these data have not be used to fit the model. These solutions are
also closer to what will be encountered during practical operation, as they have a certain
alkalinity and are saturated with CO,. The correctly modeled pH at zero added HAc,
has obviously nothing to do with the dissociation of acetic acid, but indicates that the
carbonic acid equations and pH calibration are correct. Some discrepancies are
observed at 50 and 90wt% MEG, but it was concluded that the model satisfactory
reproduced the measured data.
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6.8.2 NaAc solubility

The MEG dependence was calculated from solubility data provided by IFE', in a
similar manner as for all other salts, according to Eq. 115-116

K;)P (NaAC) = mN(fmAf }/]ia+}/jc’ (}/1]\\/lajc)z (1 15)
4 + 2
K., (Nadc-3H,0)=m  m, ;/;(ﬁ 75{ (}/]]\,VMMHZO ) azzo (116)

The water activity is important for salts containing crystal water, and is calculated as
given in section 6.2. A good approximation, however, is simply the molfraction of
water in the solvent. It should be evident that with water activity to the third power, the
solubility will rapidly increase at high MEG concentrations, as long as NaAc-3H,0 is
the stable phase. At room temperature the tri hydrate is stable in water but will
consequently become the less stable salt as the water activity decreases. The curve
fitted ™ terms are given in Table 6.6. Fig. 6.31 shows experimental data and the
resulting model. At 70-90wt% MEG the curves have distinct break points. These
correspond to a shift in stability from NaAc-3H,0 at low MEG concentrations to NaAc
at high MEG concentrations.
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Fig. 6.31: NaAc solubility’ at 0-40°C versus wt% MEG compared with model lines.

At IFE the solubility was measured by dissolving NaAc. Thus the NaAc solubility was
measured by dissolution and NaAc-3H,O by precipitation. The experimental error was
regarded as 5% and £10%, respectively. In water the data are systematically higher
than predicted by the model. This may be due to that the precipitation reaction has not
reached equilibrium. At 40°C and 70wt% MEG, the measurement is much higher than
the model prediction. Either the model calculates the stability shift from NaAc-3H,O to
NaAc at a slightly too high MEG concentration or anhydrate was present in a
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metastable condition. The latter implies that if the experiment had been left for longer
time, a lower solubility closer to the NaAc-3H,O curve would have been observed.

In oilfield operation NaAc (or as NaAc-:3H,0) formation is most unlikely, due to the
very high solubility also at low temperature. When MEG is circulated, however, salt
concentrations can become very high at certain points in the system e.g. in boilers. If
there is considerable amounts of acetic acid in the well, NaAc precipitation can actually
be feasible.

6.8.3 H,S dissolution and dissociation

Measurements of the H,S(g) solubility in MEG+water solutions had previously been
performed at the IFE'. The amount of dissolved gas was calculated from the pressure
decrease in a closed cylinder of known volume as for the CO, studies described above.
The " term in Eq. 117 gives the MEG dependence of the gas solubility.

N
a m :
Ko (H,8)= st s Tits (117)

H,S
szs PH2S “Pu,s

The activity coefficient, y°, and fugacity coefficient, ¢, were both calculated by
Multiscale”. Tt was used the same type of polynomial to fit the MEG dependence,
YW(H,S), as for CO,. The polynomial is given in Eq. 78 and Eq. 79, with the
corresponding parameters in Table 6.7.

Table 6.7: Ky of H,S. Parameters for Eq. 78-79

P1 P2 P3 P3
a 33.587 -7.1744 1.2701 0.022654
a, 222.78 -46.776 8.3516 0.14202

az 317.03 -63.537 11.134 0.16386
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Fig. 6.32: a) y"(H,S) at four temperatures(10-125°C) versus Xygg. Model predictions at 10
and 125°C are shown as lines. b) Measured solubility1 [mmol-kg'l-bar'l] versus Xugg
compared to model at 5 and 20°C P,~=1bar

Fig. 6.32a) shows y"(H.S) at four selected temperatures. Fig. 6.32b) compares the
measured solubility (as mmol-kg™-bar") with the model calculations. It should be noted
that the solubility of H,S is much larger than for CO, (~27mmol/kg in xpugg=0.72,
~30mmol/kg in water @20°C, Pcor=1bar) also in MEG containing solutions.

The first dissociation constant of the hydrogen sulfide acid, was calculated from Eq.
118

s . N N N
— mH*yH*yH* mHS’}/HS’ . yHS’

g N
My,s¥ s Vs

K/

(118)

, m._.m._
K =—t1—1n (119)

My s

Titration experiments' gave m ,,+ at the half titration point where concentrations of HS’

and H,S are equal. The molality of H" was directly measured using a pH electrode that
had been calibrated as described by Seiersten etal’’. At half-way titration,
concentrations of HS™ and H,S cancels and the H" molality equals the stochiometric

equilibrium constant K;’. ys values, 7525 and )/1';]+ were calculated as described above

and inserted in the thermodynamic constant, Eq. 118. The resulting 7111\[5* was curve

fitted as given in Table 6.6. Calculated and measured stochiometric constants (Eq. 119)
for the dissociation of H,S in water+MEG mixtures are compared in Fig. 6.33.
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Fig. 6.33: pKl’(HZS)l’31 versus Xygg, at temperatures (25, 50 and 80)°C; in solutions of 0.5m
(mol/kg solvent) NaCl and about 2.5mmol/kg of total H,S. Solid lines: model

Unfortunately IFE' had not performed measurements in water, thus in Fig. 6.33 the
aqueous predictions are compared with data of Strentenskaya’’. The data of
Strentenskaya’ was recalculated to a solution of 0.5m NaCl using the Pitzer ion
interaction model. At xupg=0.25 there was some variation between the three
temperatures, while at higher MEG concentrations the measurements at 25, 50 and
80°C gave virtually the same trend.

6.8.4 Solubility of FeS

Data are not available for the FeS solubility in water+MEG at present. Consequently it
was decided to simply set the ¥ term of FeS equal to 1 i.e. the solubility product will
have the same value in MEG containing solutions as in water. The actual solubility of
FeS, however, will vary slightly due to change in the H,S equilibria with MEG
concentration.
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6.9 Methane solubility

There are much data available for CH, solubility in pure MEG**>*(-9-125°C), but in
mixed water+MEG solutions, the available data® are scarce (10-30°C). The solubility
in watertMEG solutions is modeled in the same manner as done for the other gas
equilibria. The thermodynamic Henrys’ constant is given as;

s N
ey,  Mey,Ven,Vcn,

K} (CH,)= = (120)

cH, F, cr,Pen,

All parameters are defined in previous sections. Wang et.al.** and Zheng et.al.** give
solubility of methane, My, > at certain total pressures. The partial pressure of the

solvent is, however, in all cases so low that total pressure virtually equals the partial
pressure of methane, PCH4 . ng and @, were calculated by Multiscale™ to obtain the

unknown 7éVH4 . The calculated values of the MEG dependence, ;/éVH4 , were thereafter

curve fitted by the equation;
Iny, éVH4 = AWz + BWyg Whot CW}%/IEG Wh,0 (121)

wyec and wyo denote weight fraction of MEG and water in the solvent, respectively.
The temperature dependent constants A,B and C are calculated as;

A:al+a2T+% (122)

T denotes temperature in degree Kelvin and the parameters a;.;, b;; and ¢,.; are given in
Table 6.8.

Table 6.8: Ky of CH,. Parameters for Eq. 121-122

Parameter value Parameter value Parameter value
a; -18.19 b, -55.56 ¢ 1.899
a 0.02194 b, 0.07652 C; 0
a3 3327 bs 9990 C3 0
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Both Fig. 6.34 and Fig. 6.35 show CH,4 solubility (mol/kg solvent) versus total pressure.
Total pressure is given as Py =PcustPumectPwaer , but the partial pressure of the solvent
(water+tMEG) is generally so low that Py, virtually equals Pcps. Fig. 6.34 compares the
model calculations with the data of Wang et.al.™ for 40, 80, and 100wt% MEG at 20°C.
The aqueous data are calculated by the model for comparison. In Fig. 6.34 the model
corresponds well with the data in the whole pressure interval. Fig. 6.35, however,
shows some slight discrepancies between the data and the model for these pure MEG
solutions. For 125°C the model actually predicts a too high solubility at 100-200bar, but
a too low solubility at >300bar. Thus there seems to be a pressure dependence for the

effect of MEG, i.c. ]/éVH4 should be pressure dependent. This observation, however, can

also be caused by the PVT part of the model that calculates the fugacity of the gas
phase. There is a need for more data to investigate these effects further.
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Fig. 6.34: CH, solubility33 (mol/kg solvent) versus total pressure (bar) at 20°C and 0-
100wt% MEG. Solid lines: model
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Fig. 6.35: CH, solubility“ (mol/kg solvent) versus total pressure (bar) at 50-125°C with
100wt% MEG as solvent. Solid lines: model
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7 pH in a mixed solvent

pH in water+MEG (Monoethylene Glycol / 1,2-ethane-diol) solutions is an important
parameter. In the literature there are several publications'” dealing with calibration,
measurements and interpretation of pH in such mixed solvent solutions. This chapter
summarizes the theoretical foundation and proposes how to handle pH in practical
work. The present work is based on calibration values given by Mussini et. al."?, and
the calibration method is virtually equivalent with the treatment in water+methanol
mixtures described by Kan.et.al*. All symbols are defined in Appendix 1.

7.1 Theory

It is most important to note that pH is not an absolute quantity. It has to be measured
relative to a certain reference (standard solution). With a suitable choice of reference
solution, any electrode should yield the same measured pH. If different electrodes are
calibrated in aqueous standard solutions at 25°C and thereafter used to measure pH in
another solvent at 200°C, they will most likely give very different results. This is
obviously due to a bad choice of reference. Generally a pH measurement is uncertain if
the test solution is much different from the standard solution in which the electrode has
been calibrated. e.g. different MEG content, temperature, salt contents etc.

7.1.1 pH electrodes

A typical combined glass electrode is shown in Cell-I, where the liquid junction is
indicated by double vertical lines and the boundaries of the glass membrane are
indicated by single vertical lines.

Sensing electrode | test solution. || Reference electrode
(Cell-I)
Ag;AgCL;H'(aq) | glass | test solution || KCI(3M);AgCl;Ag

The sensing electrode consists of a pH-responsive glass with a solution of known pH on
the inside. KCI (3M) solution in contact with silver/silver chloride is a common
reference electrode. To create electrical contact it is necessary to introduce a liquid
junction. It is typically made of a ceramic material that allows a small flow of KCI
solution from the reference electrode into the test solution. The electrode potential is
according to Nernst equation given by

oy RT
E(T)=E°(T)+ —na,. (123)
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E° is the standard potential and is specific for each glass electrode. R, T and F
correspond to the gas constant, temperature in Kelvin and the Faraday constant,

respectively. 7 is the number of charges (in this case n=1) and a, . denotes the activity

of H". The electrodes do not follow the Nernst slope perfectly, and to correct for the
non-ideal behaviour the sensitivity, s, is introduced. Using the definition of

pH, pH =—log a,. ,Eq. 124 is obtained;

E(T)zE"(T)—sR—FT pH (124)

R’ corresponds to R-Inl0, while the two unknown parameters £° and s can be found by
measuring £ in at least two solutions with known pH. There are several commercial
standard solutions available that have been given a specified pHs (pH Standard) as
described in detail by Covington et al'® and Buck et.al''. A typical calibration is shown
in Fig. 7.1.

0.50
¢ IUPAC standards

0.25 —— Calibration
-
w 0.00 -
=
w y =-0.0582x + 0.4074

R?=1
-0.25 4
-0-50 T T T T T T
0 2 4 6 8 10 12 14

pH

Fig. 7.1: Calibration of a pH electrode in aqueous IUPAC standard solutions at 22°C.
Measured potential versus pH.

From a straight line regression, the sensitivity is found as the deviation from the Nernst
slope. In this case, the sensitivity was 99.5%, which is very close to the Nernst slope
(58.5mV/pH@ 22°C), showing almost ideal behaviour of the electrode. It is generally
known that the glass membrane is imperfect in both ends of the pH scale’, but in the pH
range 2-12 the response is independent of pH i.e. the £ versus pH slope can be regarded
as constant. By assuming that £° remains constant during calibration and measurement,
Eq. 124 can be rearranged;

F
pHmeas = pHS _%(Emeas _ES) (125)
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E...s and Es denote the measured potential in the unknown and standard solutions
respectively. Eq. 125 can be used to calibrate in only one standard solution as long as
the slope is known from a plot like Fig. 7.1. Eqs. 124-125 are included in automatic pH
meters, thus the plot in Fig. 7.1 is usually not constructed by an operator. When an
operator has calibrated in the aqueous standard solutions, the pH electrode gives pH,eus.

It is important to note that a pH meter always assumes that £° is constant. This
assumption is an important factor in pH measurements. It is useful to regard the
standard potential £° with an inner and outer contribution. The former corresponds to
the inside of the electrode, and will depend on type of sensing and reference electrodes,
as well as concentrations of the solutions. The latter describes the contact between the
inner of the electrode and the test solution i.e. at the glass membrane and at the liquid
junction. At a constant temperature the inner potential is truly a constant. It will remain
constant as long as evaporation or other processes does not alter the KCI solution in the
reference electrode (see Cell-I). The outer potential, however, depends on the
composition of the test solution. Hence if the solution in question is much different than
the calibration solution, the assumption of constant £° can lead to errors. If e.g. the
salinity of the test solution is much higher than in the standard (pHs), the E° changes
due to a different potential across the liquid junction, 4E;,° and possibly also over the
glass membrane, 4E,°. The actual pH of a solution can be expressed as;

F
PH = pHls = [ (B = Bs) = AEL - AE, | (126)

The A terms denote a change relative to the standard solution. It is reasonable to assume
that when operating in aqueous solutions, 4E,°, is negligible compared to 4E;,°. A pH
responsive glass has a hydrated layer, thus MEG will probably have an impact on 4E,°.
Thorough discussions of these phenomena can be found in Bates’ and Eisenman'?, but
in the present work we are concerned with the net effect. Eq. 126 is combined with the
PH,eas 0f Eq. 125 to obtain the expression;

pH = pH

+ApHg +ApH
+ApH

meas

(127)

meas

Eq. 127 states that the actual pH of a solution equals the sum of pH,,.,; (measured pH)
and the change introduced across the glass membrane, ApH,, and liquid junction, ApH,
During practical use it is impossible to separate the values arising at the glass
membrane and liquid junction. Thus the influence of the solution on 4pH,, and, ApH,,,
is included in a general ApH term. ApH describes the net effect i.e. the difference
between actual and measured pH.

There exist several other types of electrodes than the KCl salt bridge type described
above. Solid state electrodes will obviously not have a KCl salt bridge, while in another
common type of reference the ceramic plug is replaced by a movable glass sleeve. The
electrode operation is, however, the same with an inner and outer contribution to E°.
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Solution chemistry affects the outer potential, which gives rise to ApH. In the
calibration solution ApH=0.

In this work there are two important sources for this ApH; salinity and MEG content. It
is therefore valuable to divide the total ApH in two other contributions, one due to the
salinity of the test solution, 4pHs,;, and one due to the MEG content, ApHrc;

pH = pH

meas T OPH g, + ApH (128)
Eq. 128 is used throughout this work to convert pH,..s to the actual pH. ApHs,;, and
ApHyrc are determined from calibration as described in detail below. In this work it
was chosen to let ApHs,, be independent of MEG content i.e. has the same value in
MEG containing solutions as in water. This is the same approach as used by Kan.et.al*,
and is discussed in further detail in section 7.3.3.

7.1.2 Salt dependence

If pH is measured in a solution with comparable ionic strength as in the calibration
solutions (0.05-0.1M), ApHs,;, is virtually zero. In highly saline solutions, however,
(>>0.1M) there will be a need for quantifying ApHs,,. A change in salinity relative to
the standard shifts the calibration line in Fig. 7.1 either up or down. It is not an option
to add NaCl to the standard solution to obtain the desired ionic strength, since this will
alter its pHs. The ApHs,;, is given from the actual value, pH, and the measured, pH,cus,
as;

ApH

= pH - pH (129)

salt meas
Experimentally ApHs,; can be found by measuring pH,,.., in a water+HCI solution as
portions of NaCl are added to change the ionic strength. Thus the deviation due to
salinity, 4pHs,;, is obtained given that the actual pH of the solution is either known or
can be calculated.

7.1.3 MEG dependence

In a mixed solvent the issue of pH is more complex but the measuring difficulties are
caused by the same problem as discussed above. The outer potential does not remain
constant when the solvent varies. If an electrode is calibrated in aqueous solutions and
thereafter used for measurements in MEG+water, the oufer potential changes an
unknown amount. If, however, the electrode is calibrated in a solution of the same
MEG content (and ionic strength) as the test solution, the outer potential will obviously
remain constant between calibration and measurement.

0.05m KHPh (Potassium Hydrogen Phtalate) buffer solutions have been extensively
studied, and are designated the Reference Value pH Standard (RVS)'*. Mussini et al."
have measured pHgys for the 0.05m KHPh buffer in MEG+water solutions. Their
experimental measurements' have been revised in a more recent publication’, and are
the only standards available in MEG solutions at present. A function for pHrys must
first of all model these measured values, as well as the pHgys of aqueous 0.05m KHPh
in the desired temperature range. In addition the function must have a reasonable
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extrapolation outside of the experimental data (0-70wt% MEG), since this work uses
solutions of up to 99wt% MEG. The equation given by Mussini et.al’, however, has an
error in the temperature function, and a somewhat strange extrapolation at high MEG
concentrations. Thus we chose to construct a new function from the aqueous data (0-
95°C) given by Covington et al'” and the above mentioned mixed solvent data’. Eq. 130
is of the same type as originally used by Mussini et al.' and generally reproduce the
data within 0.005pH units.

PH s = 4.00249 +1.0907w,, +0.9679w,,
+0.3430z +0.03166w,2

—0.8978wiz + 7.7821{111(%) - z} (130)

+9.8795w;, {m(gj - z}

Ll , 0=298.15 and w; is the weight fraction of ethylene glycol in the salt free

T
solvent. The ApHyrc term in Eq. 128 is found by measuring pH,...s in this KHPh
standard solution, which has a given pHgys from Eq. 130;

zZ=

ApH 6 = pH pys — pH,

meas

(131)

7.1.4 Assignment of pHgys
For the purpose of further discussion it is valuable to look at how the KHPh solution is

assigned a certain pH standard value, pHrys. Throughout discussion can be found in
Covington et.al'’, Mussini et.al’ and the IUPAC recommendations of 2002 from Buck
et.al''. The silver chloride cell without transference is known as the Harned cell;

Pt | Hy(g) | solution, H', CI' | AgCl| Ag (Cell-1I)

The corresponding cell reactions are;

%Hz(g)=H+ te (132)

AgCl(s)+e = Ag(s)+Cl™ (133)

which yield the total cell reaction;

%Hz(g)+AgCl(s) = Ag(s)+ HCl(aq) (134)



142

Application of the Nernst equation yields the potential difference of the cell, £, given
that the H, pressure is kept constant (1bar);

. RTIn10
E, =E —Tlog[amaa,]

135
_RTIn10 (13

=F° log[(mH+7H+ /mo)(mcrycr /mo)]

m°=Imol/kg and is present simply to cancel dimensionality. £° is the standard potential
difference of the cell, and hence of the silver-silver chloride electrode since AG® for the
reaction in Eq. 132 is set to 0 by definition. When E° is known this cell directly
measures the activity of HCI. E£° values determined by different groups, however, show
significant inconsistencies arising from the design and preparation of the electrodes’.
The potential difference E;-E° on the other hand is usually in good agreement. This is
why it was decided to adopt a “reverse standardization” based on internationally
accepted values of y. o With this approach, the standard potential of Cell-II is found
by filling it with HCl at a fixed molality (e.g. m=0.01 HCI mol kg");

Pt | Hy(g) | HCI(0.01m) | AgCl | Ag (Cell-TI-a)

The cell gives the potential:

E (136)

-a — o
m

_ g _ RTInl0 _210g|:mHC17iHCI:|

E° is determined from the measured potential, £y, and the mean activity coefficient of
HCI, y+ yc, which can be obtained from the literature'". pHrys values of the standard
KHPh buffer solution are found by filling the cell with 0.05m KHPh together with KCI;

Pt | Hy(g) | KHPh(0.05m)+KCl | AgCl | Ag (Cell-II-b)

To evaluate the measured potential of this cell, Eq. 135 is rearranged:

o
1I-b

—log(mHJ/H+ /m")—logya, = ¥+log(ma /m”) (137)

The right hand side of Eq. 137 is directly measurable and is recorded at various
additions of KCI. The definition of pH (= -log ay.) is usually introduced on the left
hand side and the equation rewritten as;

o
11-b

E, —-F
pH —logy, =T+log(ma, /m") (138)
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Thus the quantity [pH-log y¢] is directly obtainable, and this value is thereafter plotted
versus mc; and extrapolated to mq=0. The value at 0 chloride content is named “the
acidity function” and written as p(agyc)°® or [pH-log yc/°;

o

[ pH ~logy,, | [ pH ~logy,, | =pla, 7, ) (139)

m _—0
e

Then, pHrys is calculated from;
PHyys = | pH—logy,, | +logy:, (140)

721, corresponds to the activity coefficient of ClI" when the solution approaches 0

chloride content, and is an immeasurable quantity. In solutions of low ionic strength,
however, it is possible to calculate it by use of a Debye Hiickel equation. 721, is

therefore by convention calculated from;

1/2

T gl (I< 0.1 mol kg™) (141)

logye,- =

where A corresponds to the temperature dependent Debye Hiickel limiting slope and /
denotes ionic strength (mol/kg solvent). The factor Ba is set equal to 1.5(mol kg™')"* at
all temperatures in the range 5-50°C, which is known as the Bates-Guggenheim
convention.

The assignment of a pH standard can be summarized as follows:

Fill Cell-II with 0.01m HCI and measure the potential £

Use literature value (or calculate) for the mean ionic activity coefficient of HCI,
v+ ncr and use this to obtain £° from the measured £,

—  Fill Cell-II with 0.05m KHPh and measure [pH-log y¢] of Eq. 138 for at least
three molalities of added chloride (KCI)

Determine [pH-log y¢]° by linear extrapolation to 0 chloride content

Calculate y for CI” at zero KCl content using Eq. 141

Calculate pHgys by inserting log y°¢; into Eq. 140

—>
—

i

In water+tMEG mixed solvents pHgys is measured in the exact same manner' . All
solutions have the same concentrations in mol / (kg solvent). The only difference is that
the Debye-Hiickel type equation (Eq. 141) will have different constants' (function of
density and dielectric constant) for calculation of the activity coefficients i.e. y°¢ and
ysc; have different values than in water. E° in Eq. 137-138 is written as *”E°, when
working in water+MEG solutions. The superscript, so/, denotes solvent. This is done to
emphasize that *”E° has a different value for each MEG concentration, and *”E° is not
equal to the value in water, E°.
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7.1.5 Medium effect

When pHpgys is measured in a water+MEG solution, it is done relative to the standard
potential in the same water+MEG solution i.e. same MEG concentration. This potential
is denoted “’E°, as described above. A pH measured in water will have a different
reference (E°) than a measurement in watertMEG (*”’E°). Because pH values at two
different MEG concentrations have different references (*’E°) they are not directly
comparable. A pH of 8 measured in 90wWt%MEG cannot be said to be more or less
acidic than a pH of 7 measured in 30wt%MEG or in water. It is emphasized that these
measured pH values are actually numbers on different scales, much like measuring
temperature both in terms of Centigrade and Fahrenheit without stating any connection
between the two scales. Thus a direct comparison of pH at different MEG
concentrations is meaningless. If the numbers are to be directly compared with each
other, they have to be referred to the same reference. The obvious choice would be to
refer all values to the pH scale in aqueous solutions. Before discussing this, it is useful
to regard the activity of HCI measured in the Harned cell (Cell-1I) above.

When E° is known it is possible to measure the HCI activity in water i.e. relative to an
aqueous standard. In the same way it is possible to measure the activity in a certain
MEG concentration relative to “"E° (medium standard). The difference between the
standard emf in water, E°, and in the watertMEG mixture, *”’E°, defines the so-called
primary medium effect™'*'® of the neutral HCI;

(Eo_soon)F _AGto
RT " RT

In ( sl VHic ) = (142)

w
sol

denotes that HCI is transferred from the solvent to water. This primary medium effect
corresponds to a change in standard state from a solvent to an aqueous reference (see
also section 2.2). This change in standard state is accompanied by a change in the Gibbs
free energy, AG,°, where the subscript, ¢, denotes transfer. Fig. 7.2 shows the transfer of
HCI from an aqueous standard state to an arbitrary water+tMEG+HCI solution. This
representation is equivalent with the treatment of NaCl in section 2.2. The first process
going vertically down corresponds to a shift from an aqueous to a solvent standard state
and is related with the primary medium effect. Going horizontally to the right, the
activity coefficient in the water+MEG solution, *"y, (=1 at infinite dilution) attains a
value.

¥° corresponds to the primary medium effect where superscript w and subscript so/
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Fig. 7.2: Transfer of HCl from an aqueous standard state (°,w) to an arbitrary
water+MEG+HCI solution. Xy and myc denotes arbitrary concentrations of MEG and
HCI, respectively.

The top left box (aqueous standard) in Fig. 7.2 is unaffected by MEG concentration,
while the bottom left (solvent standard) changes with MEG concentration. The
activities of HCI referred to a solvent standard, *"ayc;, and the aqueous standard, “ayc,
are given as:

SalaHCl = (chz “ly sl )2 (143)
Yaye = (mHCl Y )2 ( sl Vet ) (144)

mpyc; denotes concentration (mol/ kg solvent), while the y terms are defined above. All
HCI activities can be referred to the same scale (agueous scale) by introducing the
primary medium effect, as given in Eq. 144. Activities (either “ayc; or “ayc) of the
neutral HCI are directly obtainable by measurements with Cell-II (relative to either *”E°
or E°).

For pH the treatment is equivalent. The primary medium effect of the hydrogen ion,
w17+ » transforms the solvent referred pH, to an aqueous referred "p/;

pr = pH _log sovlvy](;* (145)

However, at present it is impossible to use Eq. 145, because mvlvj/;’[+ is unknown. The

primary medium effect of the neutral HCI is measurable as described above. For pH
purposes, however, this has to be separated into values for CI"and H'. Thus the inability
to compare pH at different MEG concentrations is due to the problem of separating

w, o0

Vi into yyy.and y” . No approach for this splitting is generally accepted at

sol
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present, and consequently there exists no route to directly compare pH at different
MEG concentrations.

In the works of Bates et.al.”’ and Kan et.al.* the values measured in water+alcohol
solutions are denoted pH* to emphasize that pH* is not directly comparable with a pH
in water. In practical problems, however, it is usually not necessary to refer all
measurements to an aqueous reference. Actual numerical values are of secondary
importance as long as such data can be reproduced under identical conditions at
different locations with different equipment.

7.2 Experimental

MEG (p.a. 99.9%, Acros) is hydroscopic and was analyzed for moisture with a
Methrom 831 KF Karl-Fischer titration equipment. It contained less than 500ppm
(0.05wt%) of water. At 4 and 25°C, combined glass electrodes of the 3M KCI ceramic
bridge type (Mettler Toledo DG111-SC) and KCl(sat) type (Radiometer pHC2011-8)
were used. At 50 and 80°C a special high temperature glass electrode from Innovative
sensors (GT-DJ) was used.

The pH electrodes were first calibrated with standard aqueous IUPAC solutions from
Radiometer (pH~ 4, 7 and 10) at temperatures 4, 25, 50 and 80°C. Then the electrodes
were put into 0.05m (mole/kg solvent) solutions of Potassium Hydrogen Phtalate
(KHPh) with known MEG+water concentration (0-100wt%). These MEG containing
buffer solutions were prepared from dried (100°C, 3h) KHPh salt (p.a. 99.8% Merck).
To evaluate ionic strength dependence of the electrodes a series of pH measurements in
degassed aqueous 0.001M HCI solutions were performed. A 250ml round flask was
filled with the HCI solution, equipped with a magnetic stirbar and put in a water bath at
25, 50 and 80°C. pH was measured continuously as portions (0.01-3m) of NaCl (p.a.
99.5% Merck) or KCI (p.a. 99.5% Merck) were added. The same experimental
procedure was used for solutions containing MEG.
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7.3 Results and Discussion

When the pH meter is calibrated in aqueous IUPAC standard solutions it measures the
value pHyes. Different electrode systems will give different pHy..s values, using
otherwise identical conditions in water+MEG solutions i.e. pHyss 1S principally not
reproducible in water+tMEG solutions. The following procedure therefore aims at
describing a calibration method that enables reproducible measurements. It needs to be
performed once for each electrode.

7.3.1 Calibration procedure

To take care of changes in MEG content the electrode is calibrated in the following
way;
—  Calibrate the electrode in standard aqueous solutions (e.g. pH~4, 7 and 10). The
pH electrode now gives pH,qs
—  Measure pH,,..s in 0.05m KHPh solutions of varying MEG concentration e.g.
30, 50, 70 and 90wt% MEG.
—  Calculate the pHys value of the KHPh buffer solutions from Eq. 130
- Calculate the APHMEG = pHRVS - pHmeas,
—  Construct a function for ApHyc in an equivalent manner as given by Eq. 149

When this calibration has been performed once for a given electrode, the pH can be
found from pH,,..s using Eq. 146;

pH =pH,,

cas T APH 6 (146)
The main simplification is that the procedure uses a single point calibration in MEG
containing solutions. Thus it utilizes the same pH-E slope as obtained in water. If this
does not hold it will lead to errors in pH by use of different electrode systems when
well away from the pH of the buffer. The problem is solved if a second solution is
defined in MEG+water solutions, but at present there is no such standard reference
available. Several different electrodes were used in our laboratory, and the assumption
of constant pH-E slope seemed to be reasonable. Temperature is another concern. pH is
usually measured at room temperature, which seldom varies very much. ApHyzc
consequently remains virtually constant. At higher temperature (>40°C), however,
ApHyec will be different. Thus for pH measurements well outside of room temperature,
the calibration should be performed at the desired temperature.

Mussini et. al'" did not do measurements of pHrys at concentrations higher than
70wt%MEG. This, however, does not render the approach described in this work
useless at higher concentrations. Eq. 130 still gives a standard reference for the pHrys
in any MEG concentration at any temperature. Reproducible results are obtained by use
of any electrode as long as the same reference is used. It is noted that if other values of
the KHPh buffer solution are recognised as Standard Reference Values (pHrys) we can
simply adjust the calibration (Eq. 130), and hence also the scale model presented in this
work.
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At high salinities it is also necessary to quantify the salt/ionic strength effect. This
effect can be found simply by measuring pH in a HCI solution as portions of NaCl are
added. The solution containing 0.1mol NaCl /kg is denoted as ref and has a value pH'?,
while a solution of higher ionic strength is denoted / and has pH’. The former gives the
reference ionic strength and ApHs,,=0, but in the latter ApHs,, has a certain value.
When measuring pH,,..s in these solutions the correlation is given as;

pH.... —pH! =pH'-ApH(, — pH'’ (147)

By introducing concentration (mol/kg solvent), m, and activity coefficient, y, of H" Eq.
147 is rewritten to obtain the desired ApHs,; ;

Aoty —(pH2,  pH )+ (P pH™ )

meas meas
ref , ref 148
myyr (143)

1 1
mH+7/H+

=( H'Y — pH! )+log

meas meas

Thus the deviation due to salinity, 4pHs,;, can be found given that the pH of the
solutions are either known or can be calculated. In this work activity coefficients, y,
were calculated by a Pitzer ion interaction model as described in previous chapters. The
salt dependence can be found in the following manner;

Prepare an aqueous HCl solution of approximately 1mM (pH~3)
Measure the electrode potential as portions of NaCl(s) (or KCI) are added

Calculate actual pH e.g. by using activity coefficients from Table 7.1 and Table

7.2.

—  Calculate 4pHs,;, by use of Eq. 147-148, as relative change from a solution of
0.1mol NaCl /kg solvent.

—  Fit the measured values to an expression similar to Eq.152.

i

7.3.2 ApHMEG

Each of the electrodes used during the experimental work, were given a ApHyc
function. Eq. 149 was developed at 4-25°C for a Mettler Toledo 3M KCI bridge
electrode of the ceramic disc type. For other electrodes or at higher temperatures the
correlation will be slightly different.

ApH 0 = 0.327w—0.233w +0.564w" (149)

w denotes the weight fraction of mono ethylene glycol in the solvent. For practical use
it is interesting to see how much variation different electrodes actually give. Fig. 7.3a)
shows a comparison of the pH,..s and the actual pH (pHgys) of the KHPh standard
solution as function of MEG. The measurements have been performed with different
electrodes in our laboratory and at the Institute for Energy Technology (IFE)".
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In principle pH,,..s varies between different electrodes. In Fig. 7.3a) this is seen as the
variation between the experimental points. The solid diamonds corresponds to glass
electrodes with a KCl bridge electrolyte, while the triangles are for special low
temperature glass electrodes. The variations between the KCl bridge electrodes were
not severe. Fig. 7.3b) shows the corresponding ApHrs from the aqueous KCI
electrodes of Fig. 7.3a). The solid line corresponds to the curve fit given by;

ApH ;. = 0.416w—0.393w” +0.606w’ (150)

w denotes weight fraction of MEG in the solvent. Thus if no calibration is available for
a given combined glass electrode with a KCI bridge, Eq. 150 provides a convenient
approximation. Eq. 150 is developed for use at room temperature. Using this equation
together with an arbitrary KCI salt bridge glass electrode should yield an accuracy of
10.1-0.15pH units. There is obviously no guarantee that any glass electrode will comply
with this function, and certainly not any other type of pH electrode e.g. a solid state
electrode. This is clearly seen from Fig. 7.3a) where one of the low temperature
electrodes shows a very different behaviour. Thus for other types than the KCI bridge
glass electrode; a full calibration in the MEG containing KHPh standards should always
be performed.

For some applications it may, however, be necessary to deal with pH at much higher
temperatures. 10 different electrodes were used at 0-80°C in our own laboratory and at
IFE". These were all combined glass electrodes and from calibration of these it was
developed a general ApH,zc function;

2
T
ApHMEG = O7(mj xMEG (151)
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xmeg denotes molfraction of MEG in the solvent, while 7 corresponds to temperature in
degree Kelvin. Eq. 151 should only be used if it is impossible to obtain any calibration
data for a given electrode. For glass electrodes Eq. 151 is expected to give an accuracy
of about +0.3pH units at 0-100°C.

7.3.3  ApHsar

The electrodes are in addition influenced by a change in ionic strength; ApHs,,. It is
only necessary to quantify 4pHs,;, when in a solution of high ionic strength, 7>>0.1. Eq.
152 was developed at 4-25°C using combined glass electrodes of the KCI bridge type,
where ionic strength was altered using NaCl. I denotes ionic strength (mole/kg solvent).

ApH ,, =-0.0467+0.146+/1 - 0.02241 (152)

The magnitude of the ionic strength dependence corresponded well with the findings of
Bagg'” and Kaasa'®. Fig. 7.4a) shows a comparison of the measured, pH.q;, and actual
pH of a water+HCI+NaCl solution. The difference between the lines is ApHs,y,.
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Fig. 7.4: Measured pH (pHys » A) compared to calculated pH () in an aqueous
HCI(0.001M) solution at a temperature of 22°C as function of salt content (mol/kg H,0)

a)NaCl from Table 7.1 )KCl from Table 7.2

ApHs,;, is also salt dependent and not only ionic strength dependent as implied by
Eq.152. Fig. 7.4b) shows that the pH measurement is much less influenced by KCI than
NaCl. KCI additions give a measured pH that is slightly too high, contrary to NaCl
where the opposite effect was observed. The solution inside the electrode is a 3M KCl
solution, thus intuitively KCl should have a smaller impact on the liquid junction
potential than NaCl. If many different species are present in solution, exact pH
measurements at high salinities could consequently be a difficult task. When the salinity
is very high, however, the salts are usually predominantly NaCl or KCl. Hence a
calibration based on NaCl or KCI should give a good approximation.
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The same experiments used for finding ApHs,, in water, were also performed in
water+tMEG (see appendix 2). These experiments returned reproducible results that had
similar magnitudes for the change in pH,,..s as the results in water. However, the ApHs,,
cannot be found directly since the needed activity coefficients in the last term of Eq.

148 are unknown. Thus either 4pHs,;; or 7, must be known to establish the value of

the other. There are two good choices to solve this problem and to obtain internal
consistency in the model. Either a suitable value for y . is set, which will give ApHs,,

or ApHs,, is set and Yo follows from this choice. In this work the latter was used,

hence ApHs,;, in a water+MEG solution was arbitrarily set to equal the value in water.
This approximation was also used by Kan et.al.*. pH data could then be used to find the

MEG dependence of the H" activity (¥ g ) as described in detail in chapter 6 (see page
105-108).

7.3.4 Practical use; Reproducibility and accuracy

When the calibration has been performed once for a given electrode, the actual pH can
be obtained from the measured pH,,..s according to Eq. 153;

pH = pH

meas +ApHSalt+ApHMEG (153)
The magnitude (@ 25°C) of ApHs,;; was found to be 0.07pH units at Im of NaCl, while
ApHyec was about 0.5 units at 90wt% MEG. Thus correct handling of the MEG
dependence is regarded as the most important factor. pH measurements may vary with
time, and certainly if the reference solution changed. In this work we propose that it is
sufficient to determine ApH)zc and ApH,;, only once. The common aqueous calibration
(to get pHyeas) is performed regularly. We have observed this to be a good procedure for
electrodes that have been in use over a period of 1-2 years. The best practice would be
to calibrate in a KHPh buffer with the same MEG content as the sample shortly before
use. If calibration values in MEG standard solutions are not available it is possible to
use the approximation of Eq. 150 (or Eq. 151). This is the less accurate approach but
may, however, in some cases be the only possible option e.g. if old data are to be
treated.

The response of a glass electrode is slower in water+MEG solutions than in water, and
the electrode should be left at least 5-10 minutes in the solution. High salinity and high
temperature makes pH measurements more difficult to reproduce, but the calibration
method proposed in this work should minimize the error. During practical operation pH
should generally be reproduced within 0.1-0.15pH units with any type of electrode.
Best results are obtained at room temperature, but reproducibility much better than
0.05pH units (~:3mV) seems unattainable.
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7.3.5 Application and testing

An important part of the scale model in this work is the calculation of the carbonic acid
equilibria given in Eq. 154-155.

CO,(g)=CO,(aq) (154)
CO,(aq)+ H,0=H" + HCO; (155)

To verify the model pH was measured in MEG+water solutions of known NaHCO;
content with continuous CO, bubbling of the solution (see Table 4.15). These
measurements were performed with different electrodes than used for construction of
the model. Such solutions with high concentration of bicarbonate are used for corrosion
reduction in pipelines. The method is called pH stabilization™.
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Fig. 7.5: pH in 90wt% MEG solution saturated with CO, at ~1atm total pressure and at a

temperature of 25°C as function of NaHCOj; content (mmol/kg solvent) @) Measured pH

(pH,,..s) compared with corrected pH from Eq. 150 5) pH from fully calibrated electrode

(Table 4.15). Modelled pH is given by solid line, dotted line gives calculated solubility limit

Fig. 7.5 shows pH at 25°C in 90wt% MEG versus NaHCO; concentration on a
logarithmic scale. In Fig. 7.5a) it is seen that pH,,., is systematically lower than the
model line. When the pH is corrected with the ApH);z¢ term of Eq. 150 it actually
becomes slightly too high. This means that the electrode does not exactly follow the
general Eq. 150. Fig. 7.5b) shows the results after the electrode was calibrated in MEG
standards. Firstly the measurements closely resemble the model from Immol/kg and up
to the solubility limit of sodium bicarbonate. Secondly it is noted that the breakpoint in
the pH curve coincides with the scale model solubility limit.

In addition experiments with NaHCOs at 4, 50, and 80°C, and with KHCOs at 25°C
were performed. The MEG concentration was either 60 or 90wt%, which are typical
“rich” and “lean” MEG conditions in oilfield applications. All results are presented in
chapter 10.2.1 (see Fig. 10.2 and Fig. 10.3, Page 192) and corresponded well with the
model. Discrepancies were within 0.1pH units. Thus pH measurements were



153

reproduced and it was concluded that the calibration method was well suited for work
in such solutions.

7.3.6 pHin corrosion models

pH is a critical parameter in many applications, and for corrosion evaluations it is very
important. For corrosion rate prediction there exist several models, as described by
Nyborg®. A common question is if the calculated pH in water+MEG systems from the
present work can be directly used in the corrosion models. The answer is generally no
because this work relies on calibration in special MEG containing KHPh solutions, and
corrosion models probably do not do so. NORSOK M-506 is an empirical model*', and
requires pH as an input variable. NORSOK M-506 can adjust for the influence of glycol
on the corrosion rate, because rate measurements have been performed in such
solutions. When the model was made, the pH electrode was calibrated only in common
aqueous standard solutions i.e. pH,.,; was used for constructing the model. Hence
PpH. ... must also obviously be the input value, although it is principally not reproducible
in water+MEG solutions. Eq. 150 (or Eq. 151) provides a convenient approximation for
ApHyic 1.€. the difference between pH,,.., and the output pH of the scale model in this
work. The scale model can consequently be used to calculate pH, which thereafter is
corrected according to Eq. 146 to obtain an approximate value of pH,,..s. This value can
then be used in NORSOK M-506.
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7.4 Summary chapter 7

All pH values in this work are referred to the 0.05m KHPh standard in the water+MEG
solution at question. It is essential that a user of the model recognize this because a pH
electrode calibrated only in common [UPAC aqueous standards will not give the pH
value used in this work. An electrode calibrated in common aqueous standard solutions
yields pHyeas. PHumeas 18 principally not reproducible in water+MEG solutions. This
means that different electrodes will give different values for pH,.. in identical
solutions. The actual pH can be found from pH,,.. as;

pH =pH, . +ApH (156)

meas

ApHygc 1s determined by calibration in MEG standards (0.05mol KHPh / kg solvent).
This calibration has to be performed once for each electrode. For ordinary combined
glass electrodes of the KCI bridge type, there are little variation between individual
electrodes. Thus for such electrodes a convenient approximate for ApH,c has been
given. Such a common ApH,c function gives a slightly decreased accuracy but is time
saving. It also enables the use of old data in cases where it is impossible to obtain a
calibration of the actual electrode that has been used.

At high salinities (>>0.1M) a pH measurement also has to be corrected for the salt/ionic
strength impact on the electrode. This is included with a ApH,;, term;

pH = pH ... +ApH g, +ApH (157)

meas

In this work it was chosen to set ApH,;, equal to the value in water i.e. not a function of
MEG concentration.

pH values are referred to the 0.05m KHPh standard with the MEG concentration at
question. Theoretically this means that the numerical pH values obtained at different
MEG concentrations are not directly comparable, because they are not on the same
scale. Ideally all pH values should therefore be referred to the same reference. The
aqueous standard state is an obvious choice. This problem is solved when

internationally accepted values for the primary medium effect of the H' ion, ol Vs

have been set. In practical work this is not important. The primary concern is to
measure the same pH under identical conditions at different locations with different
equipment i.e. have a reproducible quantity. This is achieved with the described
calibration method.
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Table 7.1: Measured EMF and calculated ApHjg, at 25°C in water+NaCl solutions(mol/kg
solvent). HCI concentration kept constant at about 0.001m

NaCl EMF 7 ApH,y¢
m mV H*
0.00 235.5 0.965 -0.060
0.01 2354 0.901 -0.032
0.05 234.6 0.832 -0.011
0.07 2344 0.816 -0.006
0.10 2342 0.799 0.000
0.25 234.5 0.771 0.021
0.50 235.9 0.780 0.040
0.70 237.3 0.804 0.050
0.75 237.6 0.812 0.051
1.00 239.6 0.855 0.063
0.00 227.1 0.965 -0.062
0.10 2259 0.799 0.000
0.50 228.2 0.781 0.049
0.70 2299 0.808 0.063
0.00 229.0 0.972 -0.065
0.01 228.9 0.901 -0.034
0.05 228.1 0.832 -0.013
0.10 2279 0.799 0.000
0.30 228.3 0.769 0.024
0.50 229.5 0.780 0.039
0.70 231.1 0.804 0.053
1.00 233.7 0.855 0.071
3.00 252.3 1.501 0.143
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Table 7.2: Measured EMF and calculated ApHj, at 25°C in water+KCl solutions(mol/kg
solvent). HCI concentration kept constant at about 0.001m

KCI EMF ’ ApHoar
m mV H*
0.00 235.5 0.965 -0.024
0.04 2334 0.835 0.002
0.09 232.2 0.801 0.000
0.23 231.2 0.766 0.002
0.45 2309 0.763 -0.001
0.67 231.3 0.779 -0.003
0.87 232.1 0.804 -0.003
1.12 233.0 0.839 -0.006
1.60 235.2 0.924 -0.011
2.57 240.5 1.140 -0.011
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8 A new method for estimation of MEG
content

Transportation of hydrocarbons and water in long subsea flowlines results in new
challenges to control hydrates, corrosion and scale. As the fluids cool down, water will
condense and gas hydrates can form unless an inhibitor such as mono ethylene glycol
(MEG) is present. To avoid hydrate formation, hence possible plug formation and
transport problems, it is very important to have good control of the MEG concentration
in the pipeline. The MEG concentration must therefore be regularly measured.

A commonly used method to measure MEG concentration is simply to measure the
density of the solution. Since the density of MEG is greater than that of water, the MEG
concentration can be found from a calibration curve. The density also depends on
quantity of dissolved salts, with NaCl usually being the dominating compound. If
dissolved salts are present, it will appear as if the MEG concentration is higher than it
really is, and the system may not have proper hydrate protection. MEG concentration
can be accurately measured by use of Gas Chromatography (GC), but usually requires
that the samples are shipped to an external laboratory, unless a well equipped laboratory
is available. This chapter presents a new and simple method where measurements of
conductivity and density are combined to give an estimate of both MEG and salt
concentration. In cases where pH stabilization' is used to control corrosion, the main
salt component is often NaHCO; and not NaCl. If the alkalinity is measured, e.g. by
titration, this can be corrected for. Most of the content in this chapter can also be found
in Sandengen and Kaasa®.

The new density data given in this chapter are also used in the model simply to
recalculate concentration units i.e. mol/L (or mg/L) into mol/kg.
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8.1 Theory

A density measurement is a fast, accurate and simple method for estimation of alcohol
content in aqueous solutions. Fig. 8.1 shows the density of water/MEG solutions
without salts at a temperature of 20 °C.

0.98 \ \ \ \
0.0 20.0 40.0 60.0 80.0 100.0

MEG [wt%]
Fig. 8.1: Density of water/MEG mixtures at a temperature of 20 °C. A, This work; ¢,

Tsierkezos et.al’; O, Corradini et.al’.

From these data it is possible to relate density directly to the MEG concentration. The
density of a solution is, however, also dependent on dissolved salt. Fig. 8.2 shows the
density of water containing NaCl.
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Fig. 8.2: Density of water as function of NaCl concentration(mol/kg solvent) at a
temperature of 20 °C. A, This work; ¢, CRC Handbook’.

Both NaCl and MEG increase the density, and a single density measurement is not
sufficient to calculate the MEG concentration. One additional measurement is needed,
and our choice is conductivity as it is fast and simple. Conductivity increase with the
concentration of dissolved salt and is commonly used to measure salinity of waters. Fig.
8.3 shows the response in aqueous solutions as function of NaCl concentration.
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Fig. 8.3: Conductivity at a temperature of 25 °C in aqueous solutions of varying NaCl
content (mol/kg solvent). The solid line gives the model in this work. A, This work; ¢, CRC
Handbook®.
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The effect of MEG is, however, opposite as an increase in MEG concentration reduces
the conductivity. Due to qualitatively different effects of MEG and salt on density and
conductivity, the two measurements can be combined to calculate MEG and salt
concentration in unknown samples. Refractive index measurements are also commonly
used for estimation of MEG content in unknown samples. The change due to both MEG
and salt is, however, very similar for density and refractive index such that a
combination of the two is not suited for determination of MEG content in saline
samples. It is noted that combination of refractive index and conductivity should yield
good results.

8.2 Experimental

Moisture can be a problem because MEG is hydroscopic. The MEG(p.a. >99.5mass %)
delivered by Merck was analyzed with a Methrom 831 KF Karl-Fischer titration
equipment, and found to contain 720ppm (0.07 wt %) of water. MEG+Water solutions
of concentrations between 0 and 100 weight % MEG were prepared gravimetrically in
1L screw cap bottles. These samples were thereafter degassed by use of a water jet
pump. NaCl (p.a. >99.5 mass %, supplied by Merck) and MEG+water solutions were
weighed into screw cap bottles with an internal volume of about 100ml to obtain
samples of known salt and MEG content. Density measurements were performed with
an Anton Paar DMA48(with an accuracy of £0.1 mg-cm™) at a temperature of (15, 20,
25 and 50) °C. The electrical conductivity was measured both by a pIONneer30
conductivity meter from Radiometer, equipped with a CDC 30T probe, and by a Hanna
Instruments HI 9932. Both were calibrated with an aqueous NaCl solution having a
conductivity of 1.000mS/cm at a temperature of 25 °C. The sensor was rinsed with
deionised water and dried by use of pressured air, between each measurement.
Temperature was measured with a built in sensor in the CDC 30T probe. The same
experimental procedure was used when preparing mixtures containing NaHCO; (p.a.
99.8-100.2 %, supplied by Merck).

8.3 Results and Discussion

The uncertainties in the reported values are regarded as within £1 mg/cm™ and + 5 %
for the density and electrical conductivity respectively. This was estimated from
separate measurements performed days apart by different operators. The observed
variation between subsequent measurements on identical samples was similarly
observed to be about 0.3 mg/cm™ and + (2 to 3) %.
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Table 8.1: Density in water(1)+MEG(2)+NaCl(3) at a temperature of (15, 20, 25 and 50)
°C, and conductivity x, at a temperature of 25°C. x=molfraction, m= mol/kg solvent.

b ) 3 pigem? wmScml
t=15°C +=20°C +=25°C +=50°C
oo oom 05%21 035 =T 02Ea0 0o
oo o0z 1 0005 545
om0l 10033 1 0024 1001 02520 1024
oom 04w 412
oom 03 al.09
oo 10m 10372 10337 10381 10260 150
oo 1500 1058 10565 10021
oom 1853 1075 1054 115249
oo 2500 105933 107% 13774
oo 300 11057 11075 10245 15047
oo 40m 1.1414 11371 11245 17535
oo 500 11712 11862 11531 181 54
oo a0m 11952 11533 11810 15254
oo a0m 11955 11538 11810 18258
0loo 10m 10735 4735
nlm 0500 10555 2522
018l 1435 1115 48.11
013  23% 11438 5652
0200 00m 10827 1080 ana
0200 0l 1 Neas 10841 385
0200 082 10574 10345 2813
0200 0500 107:% 1752
0200 10m 10233 1 0568 2987
nzm 1014 10571 30.4%
0200 1500 11175 1.1140 3953
0200 20m 11343 11314 4348
0285 0/51 10572 1789
02z 100 11133 223
023 0310 10872 238
030 08w 1.1110 1285
032 0z2. 110 1657
0550 0500 1.1010 a4
o400 100 1125 1565
0407 0559 1.1071 24
0402 0281 10972 530
04%2 00m 1 0% 10354 10521 10743 ana
04%2 0lm 1.104% 10972 10358 10734 152
04%2 050 11185 11145 1.1101 10722 673
04%2 100 1153 1150 11271 1.1107 1188
04%2 1500 1.14% 11472 1.143% 1125% 1453
05%: 100 11554 245
0Dg30  05m 11213 4 54
0g30  10m 11352 e
0g%e 100 1.1404 a7
07 00m 11120 11052 ana
07 0lm 1115 11118 ngs
07 10m 1.14a7 11432 all
0s%% 00m 11182 11132 1.10=7 10221 ana
ns¥% 0lm 1.1205 11170 11134 10750 073
ns¥% 0230 1125 1.101& 155
0s%% 050 11341 1.1310 11105 271
ns¥% 0730 11335 11130 34

ns%% 10m 11517 11477 1.1441 11275 443
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Table 8.3: Parameters for density p, and conductivity k, functions

plgrem? at‘. 1‘;‘?0 a : __: ‘I;I;C x/mS-cmrl Value
PMEG 1.1169 1.1134 m 107.5206
Pwaier 0.9991 0.9982 P2 -28.6272
d 0.111916 0.109695 P3 -0.0203
e 0.214501 0.209660 q -3.7396
51 0.040247 0.040247 Q2 4.6799
2 -0.001214 -0.001214 1 8.0765
3 -0.005082 -0.005082 12 -3.7272
by 0.059715 0.059715 13 0.0714
b2 -0.003501 -0.003501 Iy 2.9046
bz -0.009626 -0.009626 hay -3.0756
L 64.2160
L -16.1611
L -0.7572
L 7.0495

8.3.1 HO+MEG+NaCl

Experimental results for density and electrical conductivity for water+tMEG+NaCl
mixtures are given in Table 8.1. The MEG concentration is given as mole fraction and
the NaCl molality as mol/kg solvent where the solvent is the salt free water+tMEG.
Based on the experimental and literature data®’, functions for density and conductivity
of (water+MEG+NaCl) mixtures were fitted. The density function is given in Eq.158.

P= (xMEGpMEG + X1,0PH,0 )

3
+ dxMEGxH20 T €XyEc Xm0 (158)
2
+ ((Sl + 854/ Xppe )W’NaCl +8,M 0 )

where x; is the mole fraction of pure water or MEG. p; is the density of pure water or
MEG and my,c; is NaCl concentration(mol/kg solvent), which equals the ionic strength.
The parameters d and e are used to calculate the density of the salt free (water+tMEGQG)
and the parameters s;.; include the effect of salt on the density. The values of all the
parameters are given in Table 8.3. Temperatures of (15 and 20) °C were chosen because
density is normally measured at one of these temperatures. Literature data and
experimental data are generally reproduced by Eq.158 to within 0.001 gecm™. The
conductivity measurements were fitted to a 3-parameter equation.

K ).2 2
k= (Kl e )XH20 + K3 Xyg (159)

where K is the conductivity of an aqueous solution, as given in Eq. 160 where the first
two terms have the same form as the Debye-Hiickel-Onsager equation’, while the 3™
order term was added to fit the data at high concentrations. K is a similar expression



166

that corresponds to conductivity in pure MEG, while K, gives the mixing of
water/MEG. The curve fitted parameters p, ¢ and r are given in Table 8.3.

3/2 3
K, = pimy,c; + PyMyee + D3Miag (160)
2
K, =4 X6 + 4% e (161)
_ 3/2 3
Ky =My, + 1My + 1My (162)

Since conductivity is strongly temperature dependent, a reference temperature must be
used. In this work it was chosen to refer all measurements to a temperature of 25 °C.
The measured conductivity x; at temperature t, was therefore corrected using Eq. 163
to x»; which is the conductivity if the measurements had been done at a temperature of
25 °C. Most commercially available conductivity meters have built in functions to do
such temperature corrections from the actual temperature to a selected reference
temperature.

0.00054¢> —0.0669¢ +3.381

00 K, -(25-1) (163)

Kyse =K, +

Because of the strong temperature dependence, it is recommended to measure
conductivity at a temperature close to the reference. It was observed that conductivity
measurements were much more liable to give a random error than the density
measurements. Two subsequent measurements in identical solutions could give a
variation in conductivity of as much as 5 %.

With the above expressions for density and conductivity, 3-dimensional graphs of
density and conductivity as function of MEG and salt concentration were constructed
and are shown in Fig. 8.4.
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0 0.25 0.5 0.75 1
MEG

Fig. 8.4: Conductivity x, at a temperature of 25 °C, and density p, at a temperature of 20
°C as function of MEG [molfraction] and NaCl [mol/kg solvent]
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From the graphs, it is easy to see the qualitatively different behaviour in density and
conductivity with respect to MEG and salt concentration. When the density is
measured, this gives a line in the salt-MEG plane. The conductivity gives another line
with opposite curvature in the salt-MEG plane. The point where these two lines
intersect determines both the MEG and salt concentration of an unknown sample.

8.3.2 Computer modeling

When density and conductivity are measured, Eq. 158 and 159 have to be solved to find
the MEG and salt concentrations. The simplest, but not very robust method is to use the
“Solver” option in Excel. This gives fast and accurate results when a good start estimate
is given. A more robust method is to solve Eq. 158 with respect to the NaCl
concentration as a 2" order equation and insert it into Eq. 159. The system is then
easily solved using either the “Goal Seek” function in Excel or by performing
numerical iteration with respect to the MEG fraction using the by section method.

8.3.3 Presence of other species

Formation waters contain several other species, typically K*, Mg®", Ca®*, Ba*" etc.
These species have different molecular weight and mobility, hence have a different
quantitative impact on solution density and conductivity. However, in most formation
waters, NaCl contributes with typically 90 % of the ions, thus the model is very little
affected by other species. In addition it is noted that the output of the model should be
interpreted in terms of ionic strength rather than NaCl concentration directly. Thus ionic
strength will be a measure of all ions in solution as if they were NaCl i.e. NaCl
equivalents. If for example some of the NaCl is replaced with CaCl,, but keeping the
ionic strength constant, the density and conductivity will change very little and in such
a way that the calculated MEG concentration will remain virtually unaffected. This was
confirmed by making a solution containing 77.5 wt% MEG, with an ionic strength of
Imol/kg where 10 % of this came from CaCl, and the rest from NaCl. From the
measured density and conductivity, the model predicted the MEG concentration at 76.2
wt% and that the ionic strength was 0.965mol/kg. This is within the accuracy of the
method. As a curiosity, it is noted that the density (1.1301 g-cm™) of this test solution is
higher than the density for pure MEG (1.1169 g-cm™). Thus, using only density to
estimate MEG concentration would in this case give a meaningless result. This clearly
demonstrates the effectiveness of linking density and conductivity in a model to
calculate MEG concentration and salt content.

8.3.4 H,O+MEG+NaCl+NaHCO;

One system will be given special attention. In cases where pH stabilization' is utilized
for corrosion control there can be significant amounts of NaHCO; present, and perhaps
very little other salts. Because NaHCOj; has slightly different effect on both density and
conductivity than NaCl, the model was expanded such that Na" is still the dominating
cation, while both CI' and HCO;  are dominating anions. Table 8.2 summarizes
additional measurements of density and conductivity with both NaCl and NaHCO;
present in the solution. The presence of NaHCO; will shift the surfaces in Fig. 8.4
upwards, but their qualitative shape will remain unchanged.
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The bicarbonate concentration can easily be found from an alkalinity titration'® and can
therefore be regarded as a known value. To model the effect of bicarbonate on the
density, additional terms were added to Eq. 158.

P= (XMEGpMEG + XHQOPHZO)

3
+ dxMEGxH20 T €X 56 Xm0

2 164
+(51 + 834 Xmec )mNacz + S, My (164
2
+ (bl + b, VX umEG )"’Ncho3 + meNaHCO3

Where b,_; are empirical parameters given in Table 8.3 and m denotes concentration in
mol/kg solvent. The expression for the conductivity in Eq. 159 is unchanged, but
NaHCO; gives additional terms to parameters K; and K.

_ 3/2 3
K, = pimy,c; + PyMiye + PiMy, (165)
2
+ llmNaHC03 exp(l3mNaCl )+ (lz +1my,q )mNcho3
_ 3/2 3
Ky =nmy,c + iy, +1my,q
(166)

+ hlmNaHC03 eXp(hszaCI )

A measured alkalinity (HCOj;™ concentration) is normally in mol/litre solution or mol/kg
solution. The above models, however, require the concentrations to be in mol/kg
solvent. The following formula can be used to recalculate alkalinity from molarity to
molality

alk[mol / L] (167)

[mol | Kg)=
alkmol K] p->.C-Mw-107

p/grem™  denotes the density of the solution, while C/mol'L” and Mw/g:mol’
corresponds to concentration and molecular weight of dissolved species respectively.
This recalculation requires an estimate for the unknown concentration C of all species.

A simple iteration procedure is as follows; solve the model using the measured
alkalinity; insert the calculated NaCl concentration and measured alkalinity in Eq. 167
to recalculate the alkalinity; and, reapply the model with the updated alkalinity; iterate
until convergence (2-3 cycles). The effect of using the uncorrected alkalinity is,

however, small and will give a slightly too high estimation of NaCl content, but MEG
estimation will remain virtually unchanged.
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8.4 Model testing and Application

Testing was performed on the 5 synthetic solutions and the oilfield sample given in
Table 8.4. The oilfield sample had a MEG content known from Gas Chromatography
(GC) analysis. Bicarbonate content was analyzed by use of an HCI alkalinity titration'”,
and the MEG and salt concentration calculated using the above equations.

Table 8.4: Test solutions®. Density p, in water(1)*MEG(2)+NaCl(3)+NaHCO;(4) at a
temperature of 20 °C, and conductivity «, at a temperature of 25 °C.

# wa o E) iy _p.-’g-l:m'3 wmScem!
1 5026 0.574 0.095 1.0929 1717
2 17 32 0698 0118 1.0551 4417
3 45 39 0.380 001z 1.0743 1312
4 7374 0.583 0.04a 1.1155 2.6d
5 43 43 0.248 0017 1.0671 .
a¥* 5704 5 e 1.0745 013

*0ilfleld saraple from separator. WEG content measured with Gas Chrornatograpls
(3020, Salt content 15 unknown.

* WEG concentration w, iz gtven as weight %% in the salt free sobeent, and the salt
concentrations as molality m; molBlg sobent.

Table 8.5: Results for test solutions; water(1)+MEG(2)+NaCl(3)+NaHCO;(4). e, denotes
error in MEG determination and e; error in the NaCl determination.

#  wiliwt %)  m/f(molkgl)  md(molkel)  exi{wt %) 23/{%o)

1 514 0.56 0.096 0.5 3.0
2 191 0.66 0.117 1.3 56
3 45 6 0.38 0.013 0.2 0.0
4 727 0.59 0.047 1.0 0.3
5 435 0.25 0.017 1.1 2.5
6 571 0.0l - 0.8 -

From the results given in Table 8.5, it is seen that the calculated MEG content was
within + 2 wt %. Estimation of NaCl content was generally good, although one
measurement showed as large error as (5 to 6) %. The accuracy of the model is
generally = (2 to 3) wt % for the estimation of MEG content, while it can vary as much
as 10 % in the estimation of ionic strength. The most interesting systems typically have
MEG concentrations of (40 to 90) wt %. In this range, the model has accuracy better
than + 2 wt% units and ionic strength is generally within (5 to 6) %. To obtain the best
result density should be measured at a temperature of 20 °C and conductivity close to
the reference temperature of 25 °C. Conductivity measurements are regarded as the
most uncertain analysis. This is both due to random error, but also due to it being based
on a one point calibration. Thus there exists a possibility for systematic error if the test
solution is significantly different from the standard of 1ms/cm. It is noted that the
model is developed for cases when NaCl and/or NaHCO; are the dominating salt
species.
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8.5 Summary Chapter 8

New experimental measurements of density and conductivity have been performed in
mixed watertMEG+NaCIl+NaHCO; solutions. A model based on this data set enables
an estimate for both MEG concentration and salt content merely from the density and
conductivity of a solution. If also the alkalinity is measured, the model can separate
between NaHCO; and other salts. The model is valid in the whole concentration
interval of 0 to 100 wt% MEG and with ionic strengths from zero to the solubility limits
of NaCl and NaHCO;. At intermediate MEG concentrations (40 to 90wt%) the
accuracy of the model is regarded as +2 wt % for calculation of MEG content.
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9 Magnesium Carbonate compounds

Reservoir waters may contain significant amounts of dissolved Mg, but magnesium
carbonate scales are normally not observed during oil recovery. When using MEG
regeneration, solutions are circulated and salts accumulate in the system. Thus
magnesium content may be high in the alkaline “lean MEG” stream. It was therefore
decided to investigate magnesium carbonate solubility in water+tMEG systems. “Lean
MEG?” refers to a solution lean in water i.e. with high MEG concentration, typically
around 90wt%.

Magnesium carbonate solubility in water has been reported in the literature'™, but at
present there are no data available in water + MEG solutions. The Mg-CO,-H,0-MEG
system is complex, due to magnesium carbonate having several meta-stable phases.
Pure magnesium carbonate (MgCQO;) is named magnesite, and is assumed to be the
thermodynamically stable phase (0-80°C). Hydromagnesite (3MgCO;-Mg(OH), 3H,0)
is the second most stable in the same temperature range. Other phases have higher
solubility in water.

In an attempt to measure the solubility of magnesium carbonate in watertMEG
solutions, different phase modifications were bought from different commercial
suppliers. An X-Ray diffraction (XRD) analysis did, however, show that the material
claimed to be magnesite actually was hydromagnesite. It was therefore necessary to
develop a method to synthesize magnesite.

9.1 Theory

Solid magnesium carbonate can exist in several modifications. The phases regarded in
this work are:

— lansfordite MgCO;'5H,0

— nesquehonite MgCO5 3H,0

— hydromagnesite 3MgCO;-Mg(OH),"3H,0
— magnesite MgCO;

Konigsberger et.al” used the notation 4MgCO; Mg(OH),'4H,0 for hydromagnesite, but
in this work the 3MgCO;"Mg(OH), 3H,0 notation of Marion' was chosen. A literature
survey'® showed that the relative solubility in water is expected to change with
temperature according to Fig. 9.1
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Fig. 9.1: Schematic of relative aqueous solubility'® of various magnesium carbonate phases
versus temperature. (Pco; ~1 atm)

The lowest solubility gives the thermodynamically stable phase, which for all
temperatures should be magnesite. Lansfordite and nesquehonite do not become more
stable than hydromagnesite for 0 < T(°C) < 80. It is, however, stated'” that both
lansfordite and nesquehonite are kinetically stabilized. Thus transformation to
hydromagnesite does not occur at room temperature. Transformation in this work
denotes simultaneous dissolution of the less stable and precipitation of the most stable
solid phase. Kinetics of dissolution/precipitation is generally faster at high
temperature’. Both nesquehonite and lansfordite should rapidly disappear at
temperatures above 50-60°C. Precipitation of magnesite is similarly kinetically
inhibited; thus hydromagnesite will be stable in aqueous solution for a long period of
time, even at temperatures approaching 100°C. Solubility of magnesite at room
temperature (Pcor~latm) has been found to be about 2-2.5mmol/kg water’. This
solubility is actually much lower than Calcite (CaCO3) and comparable to Siderite
(FeCOs). Sea water is generally slightly supersaturated with CaCOs but also contains a
higher Mg>" than Ca®" concentration. Thus it should have a large magnesite
supersaturation. Because MgCOs; is normally not formed, this supports the statement
that the reaction is kinetically inhibited.

Synthesis of magnesite’ has usually involved temperatures above 100°C using steel
autoclaves, although some investigators have been able to produce the solid down to
50-60°C. These low temperature methods usually involve either high pressure and/or
high concentration of NaCl to lower the water activity.
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9.2 Experimental

Three solid MgCO; phases were used during this work: magnesite (MgCOs;),
nesquehonite (MgCO;33H,0) and hydromagnesite (3MgCO; Mg(OH),:3H,0). The
latter was available from a manufacturer (Merck, z.a) while the other two were
synthesized in our lab. The other chemicals were supplied by Merck (p.a. quality)
unless otherwise stated. Titrisol ampoules from Merck were used for titration purposes.
Phase analysis was performed using X-ray diffraction (XRD). MEG + water + NaCl
stock solutions were prepared gravimetrically in 1L screw cap bottles (0 and 0.5m
NaCl)

CO, was bubbled through the solutions with a flow rate of 20-50ml/min. The gas was
passed through cleaning bottles with the same MEG+water+NaCl content as the sample
before the inlet of the reaction flask. This was done to minimize evaporation of solvent
during the experiments. CO, partial pressure was calculated by subtracting MEG+water
vapour pressure from the atmospheric pressure. Literature data'*""’ for vapour pressure
are only available in salt free solution. When salt was present it was decided to simply
calculate the watertMEG vapour pressure according to Raoult’s law. i.e vapour
pressure is proportional to the mole fraction of solvent, which is slightly reduced in the
presence of salts. The solutions in this work were not highly saline and the influence on
the vapour pressure was therefore generally negligible. The uncertainty in the CO,
pressure determination was estimated to £0.01bar.

9.2.1 Nesquehonite synthesis

~80g MgCl,-6H,O was dissolved in 0.5L distilled water with continuous stirring and
CO; (AGA, 4.0) bubbling at 25°C. ~60g solid NaHCO; was gradually added within a
few minutes. The solution was magnetically stirred on a water bath (25°C) for
approximately 24 h. The resulting precipitate was filtered using (Schleicher & Schuell,
Black Ribbon paper) a Biichner funnel, and washed with distilled water and absolute
ethanol. The precipitate was confirmed as nesquehonite using XRD analysis. No
secondary phases were found.

9.2.2 Magnesite synthesis

Hydromagnesite (5-10g, solid) was added to a three-neck round flask containing a
MEG + water solution (~250g,). Water cooled reflux was utilized to ensure that the
solvent did not evaporate. The mixture was magnetically stirred under continuous CO,
bubbling. Two successful experiments were performed: 90wt% MEG with 0.5m NaCl
stirred for 7 days at 120£5°C and 95wt% MEG with 1m NaCl stirred for 3 days at
150+5°C. The resulting solid was collected as for nesquehonite, and confirmed to be
magnesite by XRD.

Two other tests did not yield magnesite; 95wt% MEG with 1m NacCl stirred for 3 days
at 160-163°C(boiling point) and ~100%MEG with no salt stirred for 4 days at 120+5°C.
For the latter it was not necessary to use reflux due to the vapour pressure of the solvent
being very low (~0.05bar)



176

9.2.3 Solubility

Solubility experiments were conducted in three-neck round flasks. The flasks were
filled with 250-300g of the MEG+H,O stock solution (0-97.5wt% MEG) and put on a
water bath for temperature control (25-80°C). CO, was continuously bubbled through
the solution with the flask being open to atmospheric pressure. Excess solid magnesium
carbonate was added after the temperature had stabilised (~5g hydromagnesite or
nesquehonite, ~0.5g magnesite) and stirred for 1-14 days. Precipitation of
hydromagnesite (80°C) was achieved by dissolving the solid at 40°C and thereafter
raising the temperature of the solution. Some solid hydromagnesite was left undissolved
at the lowest temperature.

Precipitation of magnesite was attempted in aqueous solution of NaHCO;
(~20mmol/kg) and MgCl, (~20mmol/kg) with CO, bubbling. Two samples were set up
at each temperature; one with magnesite seed crystals (~0.1g) and one without. The
solutions were stirred for 10 days at 25°C and 4 days at 80°C respectively.

Preliminary experiments (see Table 9.2) were conducted at room temperature using
500mL glass bottles. The solutions were prepared as above, but contained 0.5mol NaCl/
kg solvent. CO, was bubbled through the solution for about an hour at the start of the
experiment. Thereafter the solutions were flushed with CO, for about ten minutes daily.
Between CO, flushing, the solutions were corked and magnetically stirred.

9.2.4 Analysis

Samples (10-25g) were withdrawn with a plastic syringe and filtered through 0.2pm
syringe mounted filters (Schleicher & Schuell). When the magnesium carbonates are
dissolved, alkalinity equals twice the Mg®" concentration. Alkalinity could be measured
using Mettler Toledo DL50 automatic titration equipment. Thus alkalinity
determination was easier and less work intensive than EDTA titration of Mg that had
to be done manually with a colour indicator. Alkalinity was therefore chosen as the
primary analysis method, and measured using HCI(0.01M-0.1M) standard solutions.
The analysis was standardized using solutions of known KHCO; and NaHCO;
concentration, made from the solid salts. At 80°C the samples were quenched in about
20g distilled water to minimize evaporation during weighing.

To verify that alkalinity was equal to twice the Mg”" concentration some of the samples
were directly analysed for Mg”" by EDTA titration. This titration was preformed on a
hot plate (50-60°C) with a Calmagite(Acros, indicator grade) end point indicator. The
analysis was standardized with solutions of known Mg*" content (Titrisol ampoules,
Merck).
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9.3 Results and discussion

9.3.1 Magnesite synthesis

The reaction from hydromagnesite to magnesite in an aqueous solution under CO, gas
bubbling can be written as;

3MgCO, - Mg(OH ), -3H,0(s)+ CO,(g) — 4MgCO, + 4H,0(])

(168)
Hydromagnesite + CO, — 4Magnesite + 4H ,0

The reaction has a certain equilibrium constant K which is a function of temperature
and pressure. There are generally three parameters that can be varied to produce
magnesite;

—  Temperature
—  CO; pressure
—  Water activity

An increase in temperature will shift the equilibrium to the right. More importantly it
will generally increase the reaction rate and as mentioned above, magnesite is normally
synthesized at high temperature. Both a higher CO, pressure and a lower water activity
are advantageous since the reaction is shifted to the right.

Intuitively a MEG containing solution is advantageous for two reasons. Firstly MEG
lowers the water activity, which should favour magnesite formation relative to the other
MgCO; phases containing crystal water. Secondly it simply increases the boiling point
of the solution and a higher temperature can be reached at atmospheric conditions. The
MEG effect on the water activity is actually not as simple as indicated by Eq. 168, since
MEG will also shift the equilibrium constant, K, of the reaction. The few measurements
of magnesite solubility performed in this work actually indicated that the solubility ratio
between hydromagnesite and magnesite decreased with MEG addition, which meant
that the driving force actually decreased at high MEG conditions. Thus the most
important effect of MEG is that it enables a higher temperature at atmospheric
conditions.

Magnesite was in this work successfully synthesized from hydromagnesite by refluxing
a solution of 90wt% MEG (120 + 5°C) as described in the experimental section. It was
desirable to keep the vessel at a temperature slightly lower than the boiling point to
maintain a certain CO, pressure. The total pressure always equals the atmospheric
pressure, and the CO, pressure(Pcoy) is therefore given as the difference between the
atmospheric pressure (P and the vapour pressure of the solvent(Pgyen). When
approaching the boiling point Pyopyen—> Pior thus Poo, must approach zero. Because CO,
is continuously bubbled through the solution there must be some gas present that gives
a certain partial pressure. This will depend on the bubbling rate and cause some “steady
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state” condition, but P ¢, will certainly have the lowest value at the boiling point of the
solvent. Fig. 9.2 shows the X-ray diffraction pattern of the synthetic magnesite.
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Fig. 9.2: XRD (20 versus intensity from CuKa radiation) scan of synthesized magnesite in
90wt% MEG (0.5m NaCl, 120°C). Bars correspond to databank"

S

The X-ray diffraction (XRD) scan corresponded well with data in the databank'?, and
showed no sign of impurities. With the method in this work, magnesite of good purity
can easily be produced in common laboratory glassware, without the need of expensive
steel bombs or other high pressure vessels.

Attempts were made to increase the NaCl and MEG concentrations further (95wt%
MEG, 1mol NaCl / kg), as higher temperature should yield a higher reaction rate. When
the reaction occurred at the boiling point of the solution (160-165°C) the product was
an amorphous solid. This could be a result of the CO, pressure becoming small at the
boiling point. CO, (or COs*) is needed to transform the hydroxide containing
hydromagnesite into magnesite. At 150°C the attempt proved successful, and magnesite
with an XRD pattern virtually identical with Fig. 9.2 was produced.

One experiment with ~100% MEG (120°C) was performed without reflux. Any water
present should evaporate relative to MEG. The resulting solid, however, was gel like,
not easily filtered, and gave a typical amorphous pattern during XRD analysis. In both
the CO, dissociation and hydromagnesite dissolution reactions, water is included. It is
therefore not obvious how these reactions occur in a solvent of virtually pure MEG.

Further optimisation of the synthesis should not include NaCl contents higher than 1.0-
1.2m. This corresponds to the solubility limit at room temperature (>90wt% MEQG), and
it is desirable not to precipitate NaCl if the solution is cooled. A rough estimate is a
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possible production of 50g of solid MgCO; per kg of solvent within a few days. The
water + MEG + NaCl solution can be recycled and the amount of starting material
(hydromagnesite) will determine the time before complete transformation into
magnesite.

9.3.2 Solubility

When performing dissolution experiments the Mg®" concentration always equals half
the alkalinity. In the CO, saturated solutions of this work the total alkalinity virtually
equals bicarbonate concentration i.e. [HCO5] >>[COs>] and [OH]. The error in the
alkalinity determination for parallel measurements was generally within 1%. Samples
withdrawn hours/days apart, however, showed larger variations, and the random error
was estimated to +5%.

Previous investigations in our lab concerning Ca, Ba and SrCO; solubility showed that
the presence of MEG significantly lowered the reaction rate. MEG has a much higher
viscosity than water, which implies a lower diffusivity’ that can be rate determining for
the dissolution process. To establish the time needed to reach equilibrium, the alkalinity
was measured as function of time. The preliminary experiments at room temperature
mentioned above, showed that at 90wt% MEG the solution should be left for at least
10-14 days. It was in addition performed an experiment in 50 wt% MEG at 25°C under
continuous CO, gas flow. Fig. 9.3 shows the results for 50wt % MEG, where the
discontinuity at about 2 days is due to too little hydromagnesite being present. More
solid was added at this point. Some of the increase after 7 days can be attributed to a
marked increase in atmospheric pressure during this period, as this in turn gives an
increase in Pcop.
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Fig. 9.3: Alkalinity (~HCOj; concentration) versus time in 50wt % MEG during dissolution
of hydromagnesite at 25°C. Solution saturated with CO, at atmospheric pressure.

The error bar showed at 14 days corresponds to the estimated error of 5% in the data.
Based on these measurements it was decided to leave solutions of 50-100wt% MEG for
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14 days at 25°C. At lower MEG contents and higher temperatures shorter residence
times were used as seen in Table 9.1. The solutions containing 95 and 97.5wt% MEG
(25°C) were only run for 7 days. This was simply due to a problem with the CO,
supply, thus the experiments had to be terminated. Ideally equilibrium should be
reached from both under-saturation and supersaturation. This was done at 80°C, where
precipitation does not give the meta-stable nesquehonite.

During this work only hydromagnesite was available as starting material, thus the other
compounds had to be synthesized. It was decided to work in the range 25-80°C; hence
lansfordite, that is stable relative to nesquehonite only below 20°C, should not be
observed. Precipitation from an aqueous MgCl, / NaHCO; solution under CO, bubbling
(Pw= latm) yielded nesquehonite at 25°C and hydromagnesite at 80°C. The former was
left in solution for 7 days (25°C) and the latter for 5 days (80°C). No transformation
was observed, thus the two solid phases were kinetically stabilized for a long time
under vigorous stirring. The produced nesquehonite was used as starting material at
80°C where, within 2 days, it had transformed into hydromagnesite. Thus the
investigations were in good agreement with the literature findings described above.
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Fig. 9.4: Solubility as function of temperature [mmol/kg water| from Table 9.1 compared
to literature values™*®, Solid line: Calculation from Eq. 178 in CO, saturated solutions
with P, =lbar. A, hydromagnesite in this work; ¢, nesquehonite in this work; [,
literature.

Fig. 9.4 compares literature data with the measurements of this work in water. There are
two clear trends that correspond to the solubility of nesquehonite (dotted line
extrapolation) and the less soluble hydromagnesite. K°, of hydromagnesite
(3MgCO5'Mg(OH), 3H,0) is given from Eq. 169-170;
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3MgCO, - Mg(OH), -3H,0(s)= 4Mg** +3CO +20H™ +3H,0  (169)

o _ 4 3 2 3
K, =00 A Aoy Ao (170)

The solubility measurements gave Mg*" concentration at a certain partial pressure of
CO,, thus carbonate and hydroxide as well as water activities, a, have to be calculated
in Eq. 170. When the solubility is measured under CO, pressure the concentration of
HCO;" is dominating i.e. much larger than both carbonate and hydroxide
concentrations. Thus the results are best interpreted by an equation including only
bicarbonate and Mg”" concentrations, as well as the CO, pressure.

CO,(g)=CO,(aq) Ky, (171)
CO,(aq)+H,0=H" + HCO; K’ (172)
HCO; =H" +CO;” K¢ (173)
H,O=H"+0OH" K’ (174)

By combination of Eq. 169 with the carbonic acid equilibria (Eq. 171-173), and the self
dissociation of water (Eq. 174) the desired relation is found;

3MgCO, - Mg(OH ), -3H,0(s)+5C0, = 4Mg*" + 8HCO, (175)

This reaction has a certain equilibrium constant, K°.,,;, which is a combination of the
constants from the reactions above;

5
0 0 0 8 4 8 8 4 4
K° = Ksp (KHKI ) _ aHCO;aMgZ* _ chog 7Hco;mMg2+ 7Mg2* 176
comb — o 2 o 3 5 - PS 5 ( )
(KW) (Kz) fco2 co,Pco,

f, m, and y denote fugacity, concentration (mol/kg solvent) and activity coefficients
respectively. The fugacity is given as the product of partial pressure, P, and the fugacity
coefficient, ¢. Rearranging this equation gives the alternative expression for K°, of
hydromagnesite in Eq. 177.

G
T (Kgkr) B, @lo, a7

This equation was used to calculate the solubility product K°, in this work.
Concentrations of HCO; and Mg*" were measured (Table 9.1 and Table 9.2) at a given
partial pressure of CO,, while the activity coefficients had to be calculated. This was
done using the Multiscale'’ computer program that utilizes the Pitzer ion interaction'
model for the aqueous phase. For the conditions in this work the fugacity coefficient, ¢,
is virtually 1 in all cases. K°;, was fitted by Eq. 178 and the function is shown in Fig.
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9.5. The data point (22°C) from Table 9.2, seems to be too low compared to the other
data. This experiment contained 0.5mol NaCl/kg solvent. Thus the discrepancy may
actually be due to an inaccuracy in the activity coefficient model when substantial
amounts of NaCl are present.
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Fig. 9.5: Ln(K,°) of 3MgCO; ‘Mg(OH), ‘3H,O. A, this work (Table 9.1); X, this work
(Table 9.2); ¢, Yanat’eva’; O, Konigsberger et.al’; solid line, Eq. 178.

i, =552 50 a7

Konigsberger et.al’ and Yanat’eva® claimed that the CO, pressure was about latm, but
total pressures were not given. It is uncertain exactly how their measurements were
performed, and therefore also exactly how to perform the calculation. In addition their
data was only presented in the form of figures (Fig 3a from Konigsberger et.al® and Fig
2 of Yanat’eva’.), and the reading of values therefore introduces some uncertainty. The
extrapolation to low temperature (0°C) was constructed such that it corresponded with
the calculation in Fig.3a of Konigsberger et.al’. The function given by Marion' can not
be directly compared with Eq. 178, because Marion used a different activity coefficient
model where the complexes MgCOs;° and Mg(OH)" were introduced.
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9.3.3 Solubility in Water+MEG solutions

Hydromagnesite solubility (see Table 9.1) decreased with increasing MEG content, as
seen in Fig. 9.6. The solid lines are calculated by the model of this work (see chapter 6)
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Fig. 9.6: Hydromagnesite (3MgCO;°Mg(OH), ‘3H,0) solubility in solutions saturated with
CO; at p=latm (25-80°C) versus wt% MEG in solvent. Solid line: Model of this work

Hydromagnesite (3MgCO;5- Mg(OH),-:3H,0) contains crystal water, thus an increased
solubility at high MEG concentrations was expected. Measurements of e.g gypsum
solubility (see chapter 4) showed a steep solubility increase at high MEG contents
where the water activity is low. Hydromagnesite has a complex solid structure with a
mixture of carbonate and hydroxide. Combination of equilibria gave the relation in Eq.
175. Although the solid phase includes crystal water, Eq. 175 describes the dissolution
equilibrium merely by the CO, pressure and the dissolved ions Mg*" and HCO;". Thus
the solubility is not directly dependent on water activity. This corresponds with the data
presented in Fig. 9.6 at high MEG contents.

Magnesite was synthesized as described in detail above and the solubility thereafter
determined. The aqueous measurement in Table 9.3 showed the same magnitude as
found in the literature’. Fig. 9.7 compares the measured magnesite solubility with
calculations of calcite(CaCOs), strontianite(SrCOs) and siderite (FeCOs) solubility. The
solubility is comparable to that of siderite but actually shows a much larger decrease
with MEG addition. This may, however, be slightly misleading due to that the solubility
was measured by dissolution. A very slow reaction rate may therefore have given too
low values in 50 and 90wt% MEG.
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Fig. 9.7: Solubility at 25°C as function of wt% MEG. Pcg,~1atm no added NaCl. ¢,
MgCO; from Table 9.3; Lines, model calculations

Although the solubility is very low precipitation of MgCOs; is, as mentioned above,
kinetically inhibited. Magnesite precipitation was not observed in the hydromagnesite
dissolution experiments (25-80°C), which was run for 2-14 days. To investigate this
kinetic inhibition further, supersaturated solutions at 25 and 80°C were made. These
were under-saturated with respect to hydromagnesite, but had SR of 90-100 with
respect to magnesite. Two parallels were run at each temperature, where one solution
was seeded with magnesite and the other was not. After 10 days at 25°C and 4 days at
80°C magnesite precipitation was not detected in any of the solutions. Even the seeded
solution at 80°C did not show any precipitation.

It was decided to include Hydromagnesite as the only solid magnesium carbonate phase
in this work. The scale model is a thermodynamic model, such that principally should
only the thermodynamically stable phase be included even though a different phase
may initially form. The omission of the less stable nesquehonite and lansfordite is
therefore founded on the same argument that aragonite and vaterite are omitted for
CaCO; precipitation. The thermodynamic approach is a conservative one, where a
precipitate may form if the solution is supersaturated relative to the stable phase. From
this argument should, however, also hydromagnesite be omitted and magnesite included
as the only stable phase. Because even the seeded system at 80°C did not show any
precipitation, it is reasonable to assume that the kinetics is so slow that it will normally
not form during oilfield operation. From this observation it was decided to omit
magnesite from the model, as the user would only be unnecessary confused by the
always high SR of this salt. It would be even worse if actions were made to avoid
MgCOj; (magnesite) formation since it most likely would not form.
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9.4 Summary chapter 9

A method for synthesizing magnesite from hydromagnesite at atmospheric conditions
has been suggested. Mono Ethylene Glycol (MEG) is used to lower the solvent vapour
pressure at temperatures above 100°C. The solubility of magnesite in water at 25°C was
found to be about 1.9mmol/kg in a solution saturated with CO, at atmospheric
conditions.

The solubility of hydromagnesite (3MgCO; Mg(OH),-3H,0) has been measured at
temperatures (25-80)°C and MEG + water solution containing 0-97.5 wt% MEG. A
steady decrease in solubility (mol/kg solvent) with increasing MEG content was
observed. Hydromagnesite is included as the only magnesium carbonate mineral in the
scale model of this work. Hydromagnesite is actually a meta-stable phase, but the
thermodynamically stable magnesite has been omitted due to its formation being
kinetically inhibited.
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Table 9.1: Solubility measurements of hydromagnesite and nesquehonite in MEG + water
solutions.

2| Wt% | T/ | IMg¥1/ | Pcos . | XRD

D MEG® | °C m01~kg'1 /bar Start d
6 0 25 159.1 0.97 H H
5 0 25 168.2 0.97 H H
7 30 25 112.2 0.99 H H
3 40 25 83.5 0.99 H H
7 50 25 67.4 1.00 H H
14 50 25 68.9 1.02 H

14 70 25 41.0 0.98 H

7 90 25 15.3 0.99 H H
14 90 25 16.3 1.00 H

7 95 25 9.8 0.99 H

7 97.5 25 9.9 0.99 H

7 0 25 226.2 0.97 N N
7 30 25 147.5 0.98 N N
5 0 50 65.8 0.88 H H
5 50 50 24.3 0.91 H H
5 90 50 6.8 0.96 H H
1 0 80 24.9 0.53 H

4 0 80 20.6 0.50 H H
3 50 80 8.4 0.64 H H
9 50 80 79 0.64 H H
2 90 80 2.1 0.87 H H
4 90 80 2.0 0.86 PT

4 95 80 2.0 0.93 PT

4 90 80 6.9 0.87 H

2 0 80 29.6 0.53 N H
2 90 80 8.2 0.87 N

* Number of days in solution. ® Weight % MEG in solvent
€ Starting materials: H = Hydromagnesite N = Nesquehonite. PT = precipitated from 40 °C
4 Phase determined by XRD after the experiment: H = Hydromagnesite, N = Nesquehonite.

Table 9.2: Solubility of hydromagnesite Table 9.3: Solubility of magnesite® in
in MEG + water+ NaCl (0.5 mol /kg MEG + water solutions at 25°C.
solvent) solutions saturated with CO, D? Wt% Mg*1/ | Pcoz
(not continuous gas flow). T=22+2°C, MEG" m01~kg'1 /bar
Pi~1atm. 7 0 1.86 0.96
pr | Wt% | [Mg]/ 7 50 0.71 0.98
MEG" | mol-kg’ 7 90 0.28 0.99
13 0 156.3  Number of days in solution. > Weight %
28 40 83.0 MEG in solvent ° Phase confirmed (by
67 50 77.4 XRD) to be magnesite in all experiments.
29 60 50.3
19 90 232
22 90 24.7
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10 The computer program

The investigations of this work have been used to upgrade the Multiscale' computer
program with additional salts and the ability to handle MEG as a co-solvent. The new
model is called MultiMEGScale, has good flexibility and can do exactly the same type
of calculations as the aqueous model. MEG is commonly introduced in the aqueous
phase, but the model also accepts MEG input in the gas or oil phase.

10.1Model operation

The multiphase equilibrium model is described schematically in Fig. 10.1. An equation
of state is used to describe the oil and gas equilibrium condition in the hydrocarbon
phase. The aqueous phase contains all the ions and usually most of the water and MEG
in the system. Salts forming scale are obviously present in the solid phase. At a certain
point in an oilfield production process there can consequently be equilibrium between
all phases i.e. oil-gas-aqueous-solid. How such a model performs the calculation, both
principally and mathematically, is described in detail by Kaasa'~.

: Hydrocarbon Phase :

ions

water MEG
dissolved gas

Fig. 10.1: Schematic of the multiphase equilibrium.
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MEG is not present in any of the solids, and must consequently only be included in the
hydrocarbon and aqueous phases. The equation of state is expanded with an additional
component, MEG, and chapter 6 describes in detail how MEG is included in the
aqueous phase.

Most species are present either only in the hydrocarbon phase, or only in the
aqueous+solid phases. Precipitation of NaCl is such an example, where the ions Na"
and CI are present in the aqueous phase and the solid NaCl obviously in the solid
phase. Heavy hydrocarbons like C,o+ does not dissolve in the aqueous phase, and are
therefore present only in the Aydrocarbon phase. Thus the equilibrium distributions of
Cyo+ in oil-gas, and NaCl in water-solid, are principally independent.

Some species can exist in both the hydrocarbon and aqueous (+solid) phases. These
species are:

— CO,, CHy4, H,S, and organic acids
— H,O0 and MEG

Henry’s constant K°; gives the equilibrium distribution of CO,, CH4, H,S, and the
organic acids between the hydrocarbon and aqueous phases. The MEG effect on the
distribution of these species is therefore included in the aqueous phase model as
described in detail in chapter 6. At equilibrium the composition of the aqueous phase
gives the activities of H,O and MEG. These values lead to certain partial pressures
(fugacities) of H,O and MEG. Thus the MEG concentration in the aqueous phase
determines how much water and MEG that will be present in the hydrocarbon phase
(or vice versa). Water is much more volatile than MEG, such that the “moisture” in the
gas phase will mostly consist of water and very little MEG.

Empirically fitted MEG dependences are introduced as described in detail in chapter 6.
The model has a “MEG calculation” routine that uses these functions to calculate new
equilibrium constants and activities. Thereafter the model calculates the whole
multiphase equilibrium as before'?. This is best explained by an example. Regard the
thermodynamic equilibrium constant for NaCl;

L \2
Ky, (NaCl)=my me 73 Ve (Vi) (179)

All parameters are defined in previous sections, but it is emphasized that y° denotes the
activity coefficient valid in water and m concentration as mol/(kg solvent). Eq. 179 can
be rewritten to introduce a new equilibrium constant, K5, from the y* values as:

K? (NaCl
(Yp("”)z) - KMEG - mNa*mcryfla*}/gf
Y Naci

(180)

The right hand side is now exactly the same as for calculation in water, thus the scale
model can perform the calculation as “if the solvent was water” simply by changing the
equilibrium constant from K° to K¢
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This pH independent salt is obviously the simplest case. Salts containing crystal water
and pH dependent salts are much more complicated but the principle is the same as for
NaCl. Mode of operation can be summarized as:

—  MEQG content is an input from the user, which can be measured as described in
chapter 8. Other input data are water/gas/oil analysis, pressure, temperature,
rates etc.

— Input MEG concentration and temperature, together with calculated ionic

strength, are sent to the “MEG calculation” routine.

The deviations from the aqueous model are calculated as described in chapter 6

These data are used to calculate new equilibrium constants and activities in the

water+MEG solvent.

—  The new equilibrium constants and activites are sent to the Mulitscale model,
which simply calculates as “if the solvent was water”. MEG activity is only
used for calculation of partial pressure (fugacity) that is used in the PVT part of
the model.

14

It is impossible to use the model in 100% MEG due to the choice of an aqueous
standard state (see chapter 2). The activity of water is a key parameter both in the PVT
model and in the calculation of carbonic acid equilibria. Because water activity
approaches 0 in pure MEG, the model is valid only up to ~99wt% MEG (in the
solvent). To reach 100% MEG it is probably necessary to introduce a self dissociation
of MEG.

Generally the functions providing MEG dependence have been fitted from data in the 0-
100°C range. Thus using the model well outside of this range (>120°C) will give
uncertainties. Flow in MEG containing production pipelines is usually covered by the
0-100°C range, but in process plants the temperature may be higher than this.
Predictions in process plants with high temperature, sometimes combined with
extremely high salinities, are outside the scope of this work.
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10.2 Model application

10.2.1 Testing of pH prediction

To test how pH is predicted by the model, pH was recorded as function of added
NaHCO; (4-80°C) and KHCO; (25°C) under continuous CO, bubbling. The
measurements were performed with 60 and 90wt% MEG, corresponding to typical
“rich” and “lean” MEG conditions for oilfield use. Details can be found in section 4.3.5
and all results are given in Table 4.15-Table 4.19. These experiments were performed
using different electrodes than those used for construction of the model.
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Fig. 10.2: Measured pH (Table 4.15-Table 4.19) in water+MEG+NaHCO; solutions
saturated with CQO, at atmospheric pressure versus NaHCOQO; concentration at three
temperatures (4, 25 and 80°C). @) 60wt% MEG. b) 90wt% MEG. Solid lines: Model
prediction

Fig. 10.2 compares results at 4, 50 and 80°C with model predictions. The break in the
curve corresponds to the solubility limit of NaHCO;. Generally the results correspond
well with the model, the exception being 80°C in 90wt% MEG. Fig. 10.2b) shows that
the model gives a too high pH at high contents of NaHCO; in this case. The
discrepancies may be due to measuring difficulties, as the different pH electrodes show
much larger individual variation and drift at high temperature. Secondly it should be
noted that the model is fitted using data from measurements with only about
10mmol/kg of NaHCOs;. It is therefore not surprising that some variations are observed
at 0.5-1mol/kg. Another reason could be that the calculated solubility limit is too high,
thus the break in the curve should have occurred at a lower pH. This can also be the
case for the 80°C series at 60wt% MEG (Fig. 10.2a)



193

8.5 9.0

ws| b) L

8.0
75 90wt% MEG 90wt% MEG
7.5 4

7.0
60wt% MEG

:E_ 60wt% MEG :IQ:_ 704
6.5 1
6.5 1
0 6.0 - + pH 60wt%
+ pH 60wt% a pH 90wt%
5.5 a pH 90wWt% 5.5 — Model
— Model
5.0 . . 5.0 ! ! .
1 10 100 1000 1 10 100 1000 10000
NaHCO; [mmol/Kg] KHCO; [mmol/Kg]

Fig. 10.3: Measured pH (Table 4.15 and Table 4.19) in 60 and 90wt% MEG solutions
(Pcox~1bar) as function of a)NaHCO; and b)KHCO; concentration (mmol/kg solvent) at
25°C. Solid lines: Model prediction

Fig. 10.3a) shows that the measurements in watertMEG+NaHCO; at 25°C
corresponded well with the model. This was expected since the bulk of the
measurements that the model is based on were performed at this temperature. In
addition all common combined pH electrodes function well at 25°C and the solubility is
not high enough for ionic strength to be of any significant influence. Fig. 10.3b) on the
other hand shows a variation between the model and the measurements at high
concentrations of KHCO;. The ionic strength is significantly higher than for NaHCOs,
and it is possible that the model is inaccurate at such conditions. At 90wt% MEG the
results are, however, systematically slightly higher than the model and it also seems that
the break in the curve occurs at a too low value. The modeling of the KHCO; solubility
is discussed in section 6.6.1.
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10.2.2 Salting out

If to a saturated solution of NaCl in water a small amount of alcohol is added, two
things may happen. The solution may be supersaturated, due to a lower solubility of
NaCl in the new water+alcohol solution, or it may be unsaturated. The former leads to
precipitation of NaCl and is called salting-out, while the latter is called salting-in. Fig.
10.4 shows NaCl solubility as function of alcohol content for MEG, Methanol and
Ethanol. NaCl solubility is seen to decrease with type of alcohol as
MEG>MeOH>EtOH.

7.0
_ 607
E * MEG
2 50 O MeOH
(]
:? A EtOH
= 40 - - -dilution
5 4
E
E 3.0 -
Ke)
32
[]
® 2.0
o
©
4 >
1.0
i)
0.0 ; ; ‘ : A
0 20 40 60 80 100

wt% Alcohol

Fig. 10.4: NaCl solubility®* as mol/(kg solvent) at 25°C as function of alcohol concentration
(wt% in salt free solvent). EtOH= Ethanol, MeOH=Methanol.

The dotted line denotes the resulting NaCl concentration, before a possible
precipitation, when pure alcohol is added to a saturated aqueous solution of NaCl. A
saturated solution (25°C) with 1kg of water contains 6.16mole NaCl. Addition of 1kg
alcohol to this solution gives an alcohol concentration of 50wt%, while NaCl
concentration is reduced to 2 of the original, =3.08mol/kg solvent. Addition of 9kg
alcohol (90wt%) reduces the concentration to 1/10 and so on. If the solubility is lower
than the “dilution” line the solution will be supersaturated with NaCl. It is seen that
addition of MEG gives a slight supersaturation i.e. salting-out up to 50wt% MEG, while
above this point the solubility is higher than the dotted line i.e. salting-in. The other two
alcohols have a much larger adverse effect on the NaCl solubility and salting-out is
observed over nearly the whole concentration interval.

Another way of graphically illustrating the concept of salting-out is to make the same
plot, but now as mol/kg water. When adding alcohol the amount of water will remain
the same, thus solubility lower than 6.16mol/kg water indicate the possibility for
salting-out. Fig. 10.5 shows this plot, where the solubility goes to infinity when the
alcohol concentration approaches 100%.



195

NaCl solubility [mol/Kg water]

0 20 40 60 80 100
wt% Alcohol

Fig. 10.5: NaCl solubility>* as mol/(kg water) at 25°C as function of alcohol concentration
(wt% in salt free solvent). EtOH= Ethanol, MeOH=Methanol.

In oilfield applications it is important to know if supersaturation is reached in a mixing
point where saline waters meet MEG. Fig. 10.6 shows the predicted relative change
(per kg water) in solubility rather than its actual value. Thus solubility less than 100%
means that there is a possibility for salting-out, while above 100% there is obviously no
chance of precipitation.
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Fig. 10.6: Calculated relative solubility (mol/kg water) as function of MEG at 25°C.
x, NaCl; o, KCl; A, BaSO,; ¢, CaSO,
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All salts have a relative solubility higher than 100% at high MEG contents. This is
simply due to a much larger amount of solvent (water+MEG) being present. Thus the
solubility per kg water becomes very high, as described earlier. It is seen that MEG has
a severe adverse effect on the solubility of CaSO,4, while the topmost curve of NaCl has
an insignificant solubility reduction. MEG is in other words an efficient antisolvent for
sulphates but not for NaCl.

10.2.3 Practical use in gas well

To present the models ability to calculate scale potential of carbonate salts under
practical conditions an example is considered below; Assume that a gas well is
producing 9million Sm’ of natural gas(1% CO,, mainly CHj4). At a certain point
(120bar, 80°C) this gas meets a hydrate inhibitor stream (100m’/day) containing 90wt%
MEG and 4200mg/kg of NaHCOs. Sodium bicarbonate is present to reduce corrosion’
of the pipeline. At a certain time the well starts to produce the formation water given in
Table 10.1 from the reservoir (260bar, 93°C).

Table 10.1: Sample of typical formation water

Ion mg/l Ion mg/l
Na' 58000 Cr 91900
K" 730 Br 0
Mg* 920 SO~ 0
Ca™ 300
Ba®" 6
N 0
Fe** 0
Organic acid 0 mg/1
Total alkalinity 410 mg/l
Pressure 1 bar
Temperature 15 °C
pH NA

Using this information MultiMEGScale can calculate the scaling risk at a given
formation water production. Fig. 10.7a) shows the calculated saturation ratio (SR)
versus amount of produced formation water for CaCO; and for Hydromagnesite
(3MgCO;"Mg(OH),;"3H,0).
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Fig. 10.7: SR versus rate of formation water for a gas well. o; Hydromagnesite, ¢; CaCO;
a) Model prediction with MultiMEGScale b) Prediction with the aqueous Multiscale

It is seen that CaCO; becomes supersaturated with a rate of formation water of only
about 0.4m’/day and hydromagnesite at about 1.8 m’/day. It should be noted that the
model is strictly thermodynamic and does not provide any information about kinetics
i.e. how high SR that can be tolerated before precipitation really occurs. Fig. 10.7b)
shows the same calculation with Multiscale i.e. the aqueous scale model without the
MEG capability. In this case the calculation gives that calcite is supersaturated at about
2m*/day, while SR of hydromagnesite is virtually zero. Hydromagnesite has a very high
solubility in water, but the solubility is severely reduced in the presence of MEG as
presented in chapter 5 and 6.
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10.3 Improvement of the model

New experimental data in watertMEG systems will evidently make further
improvements of the model possible. Because several oil companies have started to use
MEG for hydrate inhibition in a large scale, it is most likely that more gas-liquid
equilibrium data soon will be available. Such data are vital for water and MEG
activities in the aqueous phase and tuning of the PVT part of the model. Especially for
gas wells correct vapour pressures are important. This is due to the large gas volumes
acting as a reservoir that can either provide free water through condensation, or absorb
water through evaporation. Temperature and pressure changes in such systems will
determine how much solvent (water+MEQG) that is present at each (P,T) point of the
process. The solvent volumes will thereafter determine salt concentrations and therefore
the scaling risk.

10.3.1 Methanol

The method used in this work can in an equivalent manner be used to include Methanol
as co-solvent in the model. For water+MeOH solutions much data are available in the
elaborate works of Kan et.al”®. These data can be used directly to expand the model;
hence there is not a need for much new data for the most common scaling materials.
However, there is still a need for e.g. BaCO; and SrCOs; data collection and some
modelling work. Thus the introduction of Methanol still requires an extensive study.
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11 Conclusions

A model to predict scale formation in watertMEG (MonoEthylene Glycol) mixed
solutions has been developed. Scale forming minerals included in the model are:
CaS0O,, CaS0O42H,0, BaSO4, SrSO, NaCl, KCl, CaCO;, FeCO;, BaCO;, SrCOs,
3MgCO3Mg(OH)2 '3H20, FeS, Mg(OH)z, NaHCO3, KHCO3, N32CO3, K2C03, and
NaAc. The latter three can in addition contain various amounts of crystal water. CO,,
H,S and the most common organic acids found in an oilfield have MEG dependent
phase distribution and dissociation. The solubility of CH4(g) in water+MEG has also
been included.

An already existing aqueous multiphase scale model forms the basis of the new model.
The capability of performing scale calculations in MEG containing solutions has been
empirically constructed from new experimental data together with literature data. The
mathematical functions used for curve fitting were generally arbitrarily chosen
polynomials i.e. they do not have any physical/theoretical basis.

Principally there is a difference between pH dependent and independent salts in the
model. For pH independent salts like CaSO, and NaCl, a MEG dependence has been
constructed for each precipitation equilibrium. Such MEG dependences are fitted from
solubility data. For description of pH dependent species, the model must also include
phase distribution of CO,, H,S and the usual organic acids found in oil field waters.
These species can exist both in the gastoil phase and in the water+tMEG phase,
contrary to ions that are present only in the watertMEG phase. The phase distribution
is accounted for by introducing a MEG dependence for the activities of the dissolved
gases. These gases dissociate in water+MEG forming H" and the corresponding anions.
A pH measurement gives the activity of H'. The activity of the H™ ion has a certain
MEG dependence, and e.g. in the CO,(aq) equilibria the corresponding HCO5;™ and
CO;” ions will also have certain MEG dependences. Thus pH independent species have
a MEG dependence fitted for each salt, while pH dependent species have MEG
dependences for each ion. For scale purposes cations do, however, always appear in
equilibria with anions and eventually form neutral salts. Thus the model can be
described as having a certain MEG dependence for each precipitation reaction,
irrespective of the equilibrium containing a pH dependent specie or not.

All equilibria are dependent on temperature, pressure, MEG concentration and
concentrations of dissolved species. In pure water solutions the Pitzer ion interaction
model adjusts for the deviations from ideality. At present, however, it is impossible to
extend the Pitzer model such that is valid also in MEG containing solutions. The basic
idea in this work is to let the effect of temperature, pressure and that of dissolved
species (ionic strength) be the same in water+MEG solutions as in water. Introduction
of MEG simply shifts all equilibrium constants and the model performs the calculation
“as if the solvent was water”. This approach has the advantages that it gives a simple
and robust model with reasonable extrapolations outside the range of experimental data.
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Most importantly it can be fitted from a limited amount of solubility data e.g. only 5
MEG concentrations at one temperature. Such a model is not strictly correct, however.
To adjust for the oversimplification in the model, the MEG dependences of equilibria
and activity coefficients are allowed to be functions of MEG concentration, temperature
and ionic strength when data allows for such a refinement. Generally the MEG
dependences in this work are given by functions that are only dependent on MEG
concentration and temperature. The amount of available data is in most cases not
sufficient to thoroughly investigate the combined effect of ionic strength and MEG.

A coupled effect between ionic strength and MEG should be most pronounced at low
ionic strength (<0.1mol/kg solvent). CO, dissociation and modelling of low soluble
carbonates are probably the most important aspects of the model. For these equilibria it
was not observed any systematic coupled ionic strength-MEG effect from an ionic
strength of 0.01mol/kg solvent to 0.7mol /kg solvent. This means that the simplification
of using the same ionic strength effect in water+MEG mixtures as in water, satisfactory
adjusted the results within the experimental scatter.

For conditions encountered in oil and gas transport pipelines and at well heads, the
model should function well. The MEG dependences are empirically fitted, generally in
the range 0-100°C and covering the whole interval 0-100% MEG in the solvent.
Solubility data have been used to fit the model. Hence if the model predicts
precipitation of a salt, the ionic strength is normally in the same range as in the data
used for constructing the model. The exceptions are points in the process facility where
the temperature is high, and/or several highly soluble species like Na", K, COs>, CI
etc. are present yielding a high salinity (>1mol/kg). Such conditions can typically be
encountered in MEG regeneration boilers. The model is not suited for calculations at
such conditions.

The activity of water, a 0 in the solvent determines the amount of moisture in the gas

(and oil) phase. a, , has been fitted from partial pressure data, and is important in

scale calculations as it is included in acid equilibria reactions. Salts that contain crystal
water are directly influenced by water activity.

Much new data have been gathered for the watertMEG system, mainly concerning the
first dissociation constant of CO,, the solubilities of the carbonates; CaCO;, BaCOs,
SrCO; and 3MgCO;3;-Mg(OH),'3H,0 as well as the sulphates, CaSO4 and CaSO4-2H,0.
These experiments were confined to 20-80°C and ionic strengths of 0-0.7mol/kg.

Special attention has been given to the Mg-CO;3;-H,O-MEG system, due to solid
magnesium carbonate appearing in several meta-stable phases. Hydromagnesite
(3MgCO;-Mg(OH),"3H,0) has been included as the only magnesium carbonate mineral
in the scale model. Hydromagnesite is actually a meta-stable phase, but the
thermodynamically stable magnesite (MgCO3) has been omitted due to its formation
being kinetically inhibited. Even seeded aqueous solutions at 80°C with an SR of 90-
100 with respect to magnesite, did not give any precipitation within 4 days.
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A method for synthesizing magnesite from hydromagnesite at atmospheric conditions
has been suggested. Mono Ethylene Glycol (MEG) is used to lower the solvent vapour
pressure at temperatures above 100°C.

Generally MEG severely reduces salt solubility, on a mol/’kg solvent basis, but to a
lesser extent than methanol. Salts containing crystal water usually show a marked
solubility increase at >90wt% MEG in the solvent. This can be attributed to a decrease
in water activity as MEG concentration increases.

A new method for the measurement of MEG concentration has been developed. The
advantages are that it is fast, easy and inexpensive. Merely density and conductivity of
the solution are used to estimate both MEG and Salt contents. If also the alkalinity is
measured, the model can separate between NaHCO; and other salts for improved
accuracy. The method is based on new data of density and conductivity in mixed
water+MEG+NaCIl+NaHCO; solutions. It is valid in the whole concentration interval
of 0 to 100 wt% MEG and with ionic strengths from zero to the solubility limits of
NaCl and NaHCO;. At intermediate MEG concentrations (40 to 90wt%) the accuracy
of the method is regarded as +2 wt % for calculation of MEG content. Na” must be the
dominating cation, and Cl" and/or HCO;™ the dominating anions for the method to
function properly.

The determination and meaning of pH in water+MEG solutions have been discussed.
All pH values in this work are referred to the 0.05m KHPh (Potassium Hydrogen
Phtalate) standard in the water+MEG solution at question. It is essential that a user of
the model recognize this because a pH electrode calibrated only in common aqueous
standards will not give the pH value used in this work. The measured value from an
electrode calibrated in common aqueous standard solutions is denoted pH,eus. PHpeas 1S
principally not reproducible in water+MEG solutions, but the actual pH can be found
from pH,..s as;
pH =pH, . +ApHg,, + ApH 6

meas

ApH e is determined by calibration in MEG standards (0.05mol KHPh / kg solvent).
This calibration has to be performed once for each electrode. At high salinities
(>>0.1M) a pH measurement also has to be corrected for the salt/ionic strength impact
on the electrode. This is included with the ApH,;, term.

The main area of application for this model is prediction of carbonate scale and hence
for control of the alkalinity in the MEG injection stream. pH prediction in alkaline
solutions in contact with CO, is therefore vital. pH prediction was tested at 4-80°C in
CO; saturated solutions (60 and 90wt% MEG) at a total pressure of ~1bar. pH was
measured as function of added NaHCO; or KHCO; (only at 25°C). Salt concentrations
were varied from 0.1mmol/(kg solvent) and up to the solubility limits. The calculations
were generally within 0.1pH units of the measurements.
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APPENDIX 1: Symbols and
abbreviations

activity

Anhydrite (CaSOy)

Debye Hiickel limiting slope

Total alkalinity (mol/kg)

Heat capacity (J/K mole)

Potential (V)

Standard potential (V)

Electrode potential at Liquid Junction
Electrode potential at glass membrane
Ethanol

Fugacity of comp i (bar)

Faraday’s constant (96484.6 C:mol™)
Gypsum (CaSO4-2H,0) (or Gibbs free energy)

Partial Gibbs free energy (J/mole)

Enthalpy (kJ/mole)

Calibration value from measurements in MEG containing 0.05m KHPh
standard solutions

Calibration value for ionic strength/Salt influence on pH electrode

Excess Gibbs energy due to change in salt content (J/mole)

Excess Gibbs energy due to addition of MEG (J/mole)
lonic strength (mol/kg)

Thermodynamic equilibrium constant

Stochiometric equilibrium constant

Molarity (mol/L solution)

Molality (mol/kgsolvent)

=1mol kg

Monoethylene Glycol

Methanol

number of moles or the number of electrons transferred in half
reaction (Nernst equation)

“actual pH” = -log (ay+)

Measured pH. Electrode calibrated in aqueous standard solutions
pH-metric Reference Value Standard (0.05m KHPh)
pH-Standard

Acidity function. Measurable quantity used for pH standard
determination

Acidity function extrapolated to 0 chloride content

Pressure (bar)
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PVT Pressure Volume Temperature (Model calculating phase behaviour of
gas and condensed phases)

T Temperature (Kelvin)
R Gas constant (8.314 J'K™' mol™)
R’ Rnl0
s sensitivity of pH electrode (variation from Nernst’ slope)
S Entropy (J/K mole)
14 Volume (cm’)
wt% Weight % (Concentration in salt free solvent)
% Partial molar volume (cm’/mole)
w Water
WMEG weight fraction MEG
X,Y,Z Molefraction in water/oil, gas and total
XRD X-ray Diffraction
Greek
0] Fugacity coefficient
K Partial molar compressibility (cm’/mol bar)
y Activity coefficient
Y or y. Mean activity coefficient. e.g. 7;00 =YV and
+ 2
Y Nayco, =3 v N Fr cor
721* Activity coefficient of Cl at zero chloride concentration
T Activity coefficient due to MEG
» Aqueous activity coefficient
v Primary medium effect of H"
ol Vg Primary medium effect of H'
¥ na Primary medium effect of HCI (from solvent to water)
oy Primary medium effect of HCI (from water to solvent)
,uij Chemical potential of comp i in phase j (J/mole)

Symbols, superscripts and subscripts
° in standard state

sol ors Solvent; usually for denoting a so/vent based standard state
A4 Water; usually for denoting an aqueous based standard state
ID Ideal

E Excess

ref reference ionic strength = 0.1mol/kg solvent

o0 Infinite dilution



207

APPENDIX 2: pH in saline water+MEG

solutions

To investigate salt influence on a pH electrode, the pH.s was measured in
HCI+NaCl+Water+MEG solutions relative to a solution with ionic strength of
0.1mol/kg. The experiments were performed in solutions containing ~Immol HCl/kg,
where portions of NaCl were added to change the ionic strength. Data were obtained
with a Mettler Toledo DG111-SC combined 3M KCI electrode at 25°C (two series) and
a special high temperature electrode from Innovative sensors (GT-DJ) at 50°C. Table
A1-A3 gives the change relative to the 0.1m NaCl solution i.e. pHpeas — (PHmeas With

0.1m NaCl)

Table A 1: Change in pH,,,s relative to 0.1 mol NaCl/kg solution at 25°C.

MEG / wt%
N;Cl 30 50 90
0 20.022 | -0.068 | -0.088 | -0.080
0.01 20.020 | -0.048 | -0057 | -0.063
0.05 20.006 | -0.015 | -0017 | -0.016
0.07 20.003 | -0.008 | -0.009 | -0.007
0.1 0.000 0.000 0.000 0.000
0.25 -0.005 0.004 0.008 0.013
0.5 20.029 | -0.018 | -0015 | -0.003
0.7 20.053 | -0.044 | -0041 | -0.045
0.75 20.058 | -0.050 | -0.047
1 20.092 | -0.087 | -0.085

Table A 2: Change in pH,,,s relative to 0.1 mol NaCl/kg solution at 25°C.

MEG / wt%
Nf:lc‘ 0 50 50 90 90
0 0020 | 0082 | 0085 | 0076 | -0.075
001 | -0018
005 | -0004 | -0017 | -0018 | -0021 | -0.021
0.1 0.000 | 0.000 | 0.000 | 0000 | 0.000
0.3 0008 | 0007 | 0005 | 0011 | 0017
0.5 0028 | -0014 | -0013 | -0006 | 0000
0.7 0056 | -0.039 | 0039 | -00%2 | -0019
! 0100 | -0.085 | -0.085 | -0.078
3 0417
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Table A 3: Change in pHy,,s relative to 0.1 mol NaCl/kg solution at 50°C.

MEG / wt%
NaCl 0 30 50 90
m
0 0007 | 0061 | -0.094 | -0.098
001 | -0018 | -0.048 | -0.068 | -0.088
005 | -0005 | -0.016 | -0017 | -0.041
007 | -0001 | -0009 | -0.009 | -0.020
0.1 0.000 | 0.000 | 0.000 | 0.000
025 | -0005 | 0010 | 0013 | 0014
0.5 0013 | -0020 | -0.003 | -0.005
0.7 0053 | -0042 | 0027 | -0016
075 | -0055 | -0.048 | -0.033
I 0089 | -0.082 | -0.067
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APPENDIX 3: CaSO, solubility data

The first investigation' of CaSOy (anhydrite) solubility gave values in water (see
chapter 6.3.1) that were too high compared with other data. In the solutions containing
MEG, however, the results were generally consistent and corresponded well with the
data given in chapter 4. These data are given in the table below, although the values at
~100% MEG and temperature 25-40°C are questionable. Accuracy is regarded as £5%
but never less than £0.2mmol/kg solvent.

Table A 4: CaSO, (Anhydrite) solubility. Salt concentrations given per kg solvent and
MEG concentration as wt% in solvent.

Temp | MEG | NaCl Ca*™ | Temp | MEG | NaCl Ca™
[°C] | wt% | mol/kg | mmol/kg | [°C] | wt% [ mol/kg | mmol/kg
25 50 0 3.08 65 20 0 6.39
25 80 0 1.24 65 40 0 3.27
25 90 0 1.02 65 50 0 2.05
25 95 0 0.81 65 60 0 1.25
25 100 0 0.41 65 80 0 0.50
25 50 0.1 5.84 65 90 0 0.38
25 80 0.1 2.23 65 95 0 0.31
25 90 0.1 1.88 65 100 0 0.51
25 100 0.1 1.55 65 50 0.1 4.62
65 80 0.1 1.16
40 20 0 8.94 65 90 0.1 1.04
40 40 0 4.00 65 100 0.1 1.48
40 50 0 3.16 65 100 0.1 1.11
40 50 0 3.18 65 20 0.5 18.73
40 50 0 3.19 65 40 0.5 10.75
40 60 0 1.86 65 50 0.5 791
40 80 0 0.78 65 60 0.5 5.76
40 90 0 0.55 65 80 0.5 291
40 95 0 0.64 65 90 0.5 2.06
40 100 0 0.17 65 95 0.5 2.04
65 100 0.5 1.97
85 20 0.7 17.63 65 20 0.7 21.43
85 50 0.7 8.10 65 50 0.7 943
85 80 0.7 2.55 65 80 0.7 348
85 90 0.7 2.35 65 90 0.7 2.60
85 95 0.7 1.83 65 95 0.7 2.54

! Kaasa, B., Sandengen, K. and Ostvold, T. ” Thermodynamic Predictions of Scale Potential, pH
and Gas Solubility in Glycol Containing Systems”, SPE 95075, Int. Symposium on Oilfield

Scale, Aberdeen, (2005)





