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1 EXECUTIVE SUMMARY

During geothermal fluid production changes in temperature and pressure may cause
precipitation of solids and thereby influence the flow assurance in the system. Silica and
calcite precipitation are some of the major technical issues experienced in geothermal power
plants and for high saline systems the data available are limited. In this task the aim has been
to increase the knowledge of mineral solubility and precipitationin such systems by combining
experimental work (task 2.3.1 and 2.3.2) with numerical modelling (task 2.3.3).

In subtask 2.3.1 an experimental setup for investigating mineral solubility at high salinity
conditions was designed and tested. The setup was further used to perform experiments to
study silica solubility and kinetics in the temperature range 100 to 200°C and Nadl
concentration range 50.92 to 338.09 g/kg H20. Both experimentsto study dissolution kinetics
and solubility at equilibrium conditions were performed. The main findings from the
equilibrium solubility study are that silica solubility increases with temperature and decreases
with salinity. Results from the kineticexperiments corresponds well with the results from the
study performed at equilibrium conditions.

In subtask 2.3.2 a 4-point conductivity probe was designed for usage in batch reactors at
temperatures up to 215 °C and a maximum system pressure of 70 bar. In particular, the probe
was used both to indicate equilibrium conditions in calcite solubility experiments and to
monitor the progressive depletion of the test solution in charge carriers (Ca2*) during kinetic
precipitation experiments by electrical conductometry. Calcite solubilities were determined
at NaCl concentrations of 0 wt%, 5 wt%, 10 wt%, and 20 wt% in a temperature range of 24 to
213 °C and CO; pressures of 10 to 50 bar. It was found that the calcite solubility decreases
exponentially with temperature and increases with CO; pressure. The solubility is lowest in
pure water, increases toa maximum between 5 and 10 wt% and decreases gradually at higher
salinities.

In subtask 2.3.3 a model for silica precipitation was developed that accounts for several
mechanisms described in the literature. These mechanisms include nucleation, aggregation,
aging and growth. Their respective role varies with pH, initial dissolvedsilicacontent (mé’}gz)
and ionic strength (/). The model describes the formation of both nanocolloidal and
microscopic amorphous silica, and the evolution of their relative amounts with time.

The model was calibrated on literature data that were obtained from experiments made on
syntheticsolutions. Then, it was tested on literature data that were measured on geothermal
waters. The range of conditions of applicationare the following:3<pH< 8, 0 < mfg%tz <20.8
mmol-kg™1,0< /< 0.5 mol-kg™1, at 25 °C.

In addition to precipitation, modelling work was carried out to simulate the quartz dissolution
experimentsdone in subtask 2.3.1. Modellingused a kineticrate law based on the transition
state theory. Results suggest that, despite the sand used for the experiments was made of
guartz, the measured SiO; concentrations rather correspond to amorphous silica, for both the
kineticbehaviourand the final equilibrium state.
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2 TASK2.3.1- MINERALSOLUBILITY AND PRECIPITATION KINETICCS

2.1 INTRODUCTION

During geothermal fluid production changes in temperature and pressure may cause
precipitation of solids and thereby influence the flow assurance inthe system. In this task the
solubility and precipitation of silica have been studied as a function of salinity and
temperature. Temperature range have been from 100 to 200°C and NaCl concentration range
studied was from 50.92 to 338.09 g/kg H,O. An important part of the work has been design
and development of experimental setup forthese harsh conditions.

Experiments have been carried out at a constant pressure around 40 bar, whichis believed to
be representative in the temperature range studied in this task (100-200 °C). According to
density models for the pure H,O [IAPWS] and H;0-NaCl [OLI] the liquid density is fairly
insensitive to pressure variations in this temperature region, and water is often treated as
incompressible. Figure 1 shows the density of pure water and 300 g/L NaCl as a function of
temperature and pressure. Since silica solubility can be expressed as a function of
temperature and density [e.g. A&D model] it will in practice be a function of temperature only
in the region where density changes are negligible. Although the abovementioned
considerations apply forthermodynamicsolubility, there is noindication of pressure affecting
the kineticsinthe incompressible region.
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Figure 1: Density as a function of temperature and pressure for pure water and 300 g/L NaCl as calculated using OLI

Pressure may have implications for phase behaviour in a binary electrolyte where phase
envelopes are encountered. At pressures above the two-phase pressure of the pure solvent
this should not be an issue. This can be seen in Figure 2, where solubility limits for the H.0-
NaCl binary are plotted usingvalues obtained from Driesner and Heinrich (2007).
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Figure 2: H20-NaCl binary system for the 150 and 200 °C isotherms according to Driesner and Heinrich (2007). The grey
dashed line marks 300 g/L (338 g/kg) used in this work

2.1.1 Relatingdissolution to precipitation

The ideal experiment would be direct measurement of precipitation kinetics. This should be
done wheneverpossible. At lowertemperatures, say up to 200 °C, kineticsis fairly slowand it
is possible to follow precipitation by analyzing samples. This approach was followed by Dixit
et al. (2016) when they analysed fluid samples taken as a function of time and measured
monometric silica concentration using the molybdenum blue method. A real fluid of around
250 °C with around 600 mg/L SiO, was used as a source, but the kineticmeasurements were
carried out after cooling to a temperature inthe range 25-90 °C.

At higher temperatures precipitation is expected to occur almost instantaneously when the
solution is supersaturated, meaning that any sample taken in practice will be that of the
saturated solution. In orderto capture precipitation kinetics some in-situinformation, such as
a window or a probe, is required. Some labs have developed HPHT reactors with sapphire
windows (double or even triple) which could in principle be coupled with an in-situ method
such as Raman spectroscopy.

To overcome experimental challenges with direct precipitation experiments, dissolution
experiments have been carried out instead. The theory arguing how results can be appliedto
obtain precipitationinformationisdescribedinthe papers by Rimstidt and Barnes (1980) and
Tester et al. (1994). Rimstidt and Barnes (1980) measured silica dissolution up to 300 °C in
pure water. Kineticinformation was obtained by taking fluid samples atintervals to determine
the HsSiO4 concentration. Based on absolute rate theory, where reactions pass through an
activated complex with an energy maximum, a relation between the forward and backward
(i.e. dissolution and precipitation) reactions was put forward. The authors noted that their
work is valid for silicaand relatively pure water, and that the rate constants may be complex
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functions of pH and salinity. The aim of the present workis to follow this approach and provide
rate constants for systems with higher salinity.

Silicadissolutionrate can, inits simplestform, be described as a function of the solid surface
area, the fluid volume and a forward rate constant (see e.g.van Lieret al. (1960) or Cournoyer
etal. (1975).

dCg; A
( 5102> =k, surf (1)
at s Vrtuia
In an equilibrium situation, the forward (dissolution) and backward (precipitation) rates are
equal, meaningthat

kg
Keq = k_b (2)

Such a relation is valid in the case of no nucleation only, i.e. when the rate of growth and
dissolution of the same particle surface are equal. Silicadissolves as silicicacid according to

) . QAH,Si0,

S]OZ + 2H20 = H4SIO4 ) Keq = (3)

- 7
asio, 4,0

For the case of pure silica the solid silica activity is one. In (relatively) pure water the water
activity can be further takenas one and K., = a;ZSiO4.This allows the backward rate constant
to be expressed as a function of the forward one and the equilibrium dissolved silica
concentration (note the negative sign since precipitation decreases dissolved silicawhile rate

constants are keptpositive)

dCSiOZ) Asurf kf Asurf
— | = —kpausio, =~ Ausio. 4
( dt /p e I/;‘luid Keq e Vfluid ( )

Furthermore, the net rate of change can (with unit activities for water and solid silica) be
expressed as

(dCSiOZ) _ (dCsioz) 4 (dCsi02> — K Asury 1 a?;SiO4 (5)
dt net dt f dt I/fluld .

b

For systemswith low levels of dissolved silicathe net change equationreducesto the forward
equation while for large supersaturation the limit goes to the backward equation. It is
customary to further simplify rate equations by replacing activity with concentration. For
dilute solutions with low ionic strength this is justified, while for non-ideal solutions this
simplification should strictly only be applied to the full net rate equation where activity
coefficients (cf. a = yc) cancel.
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The above equations have been formulated using molar concentration and fluid volume. They
may easily be recast using molal and fluid mass. Either way, the unit of the rate constant is
mol-m-2s1,

2.2 EXPERIMENTAL

2.2.1 Materials

The silicamaterial used as solid substrate for the dissolution studies was pro analysis seasand
(purified by acid washing and calcinated for analysis) from Merck. The sand grain size (125-
250 um)includedinthe experiments was obtained by sieving the material. The sieved powder
was washed with tap water to remove fine grains from the samples, and dried prior to
experiments. Sodium chloride (NaCl) was purchased from Merck.

2.2.2 Experimental setups and methods

2.2.2.1 Setups for testing silica solubility and kinetics

For experimental testing of silica solubility and dissolution kinetics at high saline conditions
two types of experimental setups were evaluated: stirred autoclaves and packed static
columns. The two approaches are described more in detailsin 2.2.2.1.1 and 2.2.2.1.2.

2.2.2.1.1 Stirred autoclave

Two different 100 ml autoclaves were available and considered for use in the project. Figure
3 shows pictures of the two options: “Limbo 350” (Buchi GlasUster) high P/T reactor and a
“Vivor” pressure vessel from Premex. Materials of construction are titanium (Ti316) and
Hastelloy 276, respectively. The Limbo is a complete multi-port vessel with proportional—
integral—derivative (PID) temperature controller, whereas the Premex vessel is considerably
simplerin design and operation, having only one assembly bolt, one sampling/charge port,
heating jacket + PID. Agitation in the latter is achieved by polytetrafluoroethylene (PTFE)
stirrer bar and stirrer plate.

Stirred autoclaves have some notable advantages in heterogenous reactions, particularly that
agitation of the solid/liquid reactants ensures that mass-transfer (surface reactant/product
diffusion) is not overall rate-determining. One also has absolute control of the reactants as
the reactor would be rinsed and charged with new materials for each experiment. There are
several drawbacks, however; the Limbo 350 becomes impractical due to multiple assembly
bolts and expensive replacement wetted parts (seal). The study of multiple combinations of
salinities and temperatures would require many reactor seals and there would be
considerable turn-around between experiments. Furthermore, the material of construction
(Ti316) is not recommended for high temperatures and high chloride concentrations.
Additionally, such a vessel can only run a singular condition at a time. Based on these
considerations the autoclaves were not includedin furtherwork in the project.
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Figure 3. Left: Buchi “Limbo 350” and Right: Premex “Vivor”.

2.2.2.1.2 Packed static columns

The second type of setup consists of packed static columns. Such setup givesthe possibility to
perform several experimentsin parallel, e.g. experiments with different brine concentrations
or composition. A sketch of the setup is given in Figure 4 and pictures are givenin Figure 5.
Maximum four columns (length 40 cm, i.d. 10.22 mm, stainless steel SS316) packed with the
material to study can be placed in parallel within the setup. Porous metal frits (HC276) are
placed at the outlet and inlet of the columns to prevent entrainment of the material.
Approximately 50 g of dried SiO2 powderis required to fill a column completely and the pore
volume was measured gravimetrically to be approximately 15 ml. Two Gilson 307 high
performance liquid chromatography (HPLC) pumps are included in the setup. One for filling
and displacing column pore fluid and one for diluting the fluid prior to sampling, preventing
precipitation of dissolved silicadue to depressurization and cooling. Pressure was maintained
by a dome loaded backpressure regulator (BPR) from Corelab at the column outletand liquid
samples were collected using a fraction collector (Gilson FC203B). The setup of columns and
inlet/outlet valves was placed in a heating cabinet (Memmert). Initial tests showed that the
opening of the heating cabinet to operate inlet and outlet valves, introduced thermal - and
hence pressure instabilities, i.e. oscillating pressures. To reduce this effe ct, the columns were
thermallyinsulatedin subsequent experimental campaigns.

Mixing point
Heating cabinet 100-200 °C / /‘\
/ Dilution pump %
Distilled water
BPR

Fraction
collector
Brine pump é

Brine

Figure 4. Sketch of setup for testing silica solubility at temperature and pressure.
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Figure 5. Pictures of the setup with packed columns.

2.2.2.2 Test procedure and validation

The experimental setup described in 2.2.2.1.2 was selected for further testing and method
development. The columns are flooded with the defined fluid at a low flow rate and
pressurizedinitially to 25 bars while temperatureisincreased slowly to the desiredlevel. For
initial testingtemperature was set to 175°C. The time of start is noted, the brine pump isshut
off, and the individual columnsisolated by closinginletand outlet valves. Aftera period (hours,
days, or weeks) samples are withdrawn from the columns and diluted at the mixing point by
re-openingthe valvesand operating both HPLC pumps. A dilutionfactor of 8.5 is selectedto
prevent precipitation. For each sampling five samples of 2 ml is collected (totally 10 ml of
fluid). The two first samples are considered to contain mainly dead volumes from tubing,
fittings and valves and are therefore discharged. The three last samples represent the pore
fluid from the column. These samples are analysed for Si and NaCl concentration. The NaCl
concentration was analysed to keep control of the dilution step of the sampling process.

Two series of column exposures were carried out in the verification step: 1) static tests using
distilled water at 175°C with the aim of overall verifying the concept and sampling method,
analytical protocol etc. 2) Long term exposure to 200 °C, 100 g/L NaCl solution to look for
possible corrosion effects on stainless steel components in the setup. During these tests it
was found that the proposed sampling method was feasible and repeatable. Furthermore,
significant corrosion was observed during these tests, in the form of orange coloration and
pink/reddish precipitates. These effects were mitigated by degassing (helium sparging) of
brine and dilution water. The valves exposed to heat were severely impacted by the
temperature of 200°C and were typically replaced after 1-2 months run time.

In the method development phase two different grain intervals (63 — 125 um and 125 — 250
um) of the sand from Merck were tested. The results are given in Figure 6. Similar Si
concentrations were detected for the two grain intervals and in the further experiments the
grain interval 125-250 um was selected.
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Figure 6. Dissolved silica vs. time for initial solubility tests. Two different quartz samples were used, as indicated by the
ovals and corresponding text. Test performed at 175°C with distilled water.

2.2.2.3 Experimental parameters

Using the packed column setup described in chapter 2.2.2.1.2, two different types of
experiments were performed. First, experiments were conducted to study equilibrium
conditions for silica at five different temperatures (100, 125, 150, 175 and 200°C) and four
salinities (NaCl concentrations 50.92, 103.64, 215.65 and 338.09 g/kg H:0). The columns
containing SiO2and NaCl solutions where isolatedfor areaction time of six days, a propertime
forensuringequilibrium conditions in the columns. The second type of experiment was kinetic
experiments to study solubility and dissolution kinetics. In these experiments the columns
were isolated for different time periods (from 1 hour up to 144 hours) to study solubilityasa
function of time. These tests were conducted at 200°C with NaCl concentration 50.92 g/kg
and 338.09 g/kg H0.

2.2.2.4 Quantification of SiO2 and NaCl concentrations

SiO2 and NaCl concentrations were analysed using inductively coupled plasma mass
spectrometry (ICP-MS) or inductively coupled plasma optical emission spectrometry (ICP-
OES). The elements Siand Cl (ICP-MS) or Siand Na (ICP-EOS) were detected.

2.3 RESULTS AND DISCUSSION

As describedin 2.2.2.3, two types of experiments were performed duringthe project period.
First, SiO2 solubility experiments at equilibrium concentrations were carried out (experimental
details given in 2.2.2, results given in 2.3.1). Then, kinetic experiments with SiO, were
performed at 200°C with NaCl concentration 50.9 g/kg H>0O and 338.09 g/kg H.0 (experimental
detailsgivenin 2.2.2, resultsgivenin 2.3.2).
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2.3.1 SiO; solubility at equilibrium

The resultsfrom the solubility experiments at equilibrium are given in Figure 7 and Figure 8.
In the first figure the SiO2 concentrations are plotted as a function of temperature for the
different NaCl concentrationsincluded while in the second figure the SiO2 concentrations are
plotted as a function of NaCl concentration for the different temperatures. All SiO;
concentrations are plotted as mol SiO2 per kg H20. The main findings from these experiments
can be summarized as follows:

- The solubility of SiOzincreases when the temperature increases.

- The solubility of SiO, decreases when the NaCl concentration increases.
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1,0E02 - <
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Figure 7. Results from SiO; experiments at equilibrium plotted as function of temperature. The SiO2 concentration is
presented as mol per kg H20.
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Figure 8. Results from SiO; experiments at equilibrium plotted as function of NaCl concentration. The SiO2 concentration
is presented as mol per kg H20.
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Figure 9 shows equilibrium silica solubility values obtainedin this study (triangles) compared
with literature values (circles) and values obtained using commercial software (lines).
Literature values were obtained along the vapor-liquid equilibrium (VLE) curve, except
Heitmann (1964) used a higher pressure. All literature sets are for pure water, except Von
Damm (1991) who did the study in 0.5 M NaCl. Calculations were done for 40 bar to coincide
withthe experiments carried outinthis work and the figure includes values for quartz (dashed
lines) and amorphous silica (solid lines).

Values obtained in this work are close to calculated values for amorphous silica, which is
surprising consideringthat characterization (XRD) found mainly quartz in the studied material
(chapter 2.3.3). The XRD resultsindicate that the starting material is crystalline and consisting
mainly of quartz, albeit with some minor (unidentified) impuritieswhich iscommonly the case
for natural samples. EDS (energy dispersive spectroscopy) (chapter 2.3.4) showed that the
major impurity was aluminum and alkali (Na, K), suggesting some (Na,K)Al-silicate. Both
calculationand experiments suggest decreasing solubility with increasing NaCl concentration,
i.e. a salting out effect. This contrasts Dove and Rimstidt (1994) who stated that quartz
solubility is larger in saline solutions than in pure water (cf. salting-in effect). This was
explainedto be a consequence of Na+ and/or Cl- ions affect the hydrogen bonding properties
of water. In a kinetic study by Rimstidt and Barnes, (1980), however, it was stated that salt
reduces the water activity and hence silica solubility.
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2.3.2 KINETICS

The results from kineticexperiments to study SiO; solubility and dissolution kinetics at 200°C
are presented in Figure 10 and Figure 11 for NaCl concentration 50.9 g/kg and 338.09 g/kg
H20 respectively. The main findings from these experiments are:

- For NaCl concentration 50.9 g/kg and temperature 200°C the SiO2 concentration
stabilizes at approximately 1.2 e2 mol/kg HO.

- For NaCl concentration 338.09 g/kg and temperature 200°C the SiO; concentration
follows two trends, one the stabilizes around 9.0e3 mol/kg H.0 and one the stabilizes
around 5.0e3 mol/kg H0.

Several experiments at the same conditions were performed to study solubility kinetics. The
results from all experiments have been included in the figures presented below. The
experiments have been named based on the period they were conducted (e.g January 2021,
April 2021 etc) and labelled with different colorsin the presented figures.

In general, the equilibrium concentrations achieved in these experiments corresponds well
with the measured equilibrium concentrations presented in 2.3.1, except for the results
obtained in May_June 2022 presented in Figure 11. For the experiments at 200°C and Nadl
concentration 338.09 g/kg H.O (Figure 11) two different trends are observed, one that
stabilizes around 9.0e-3 mol/kg H.0 and one the stabilizes around 5.0e-3 mol/kg H,0. During
the experiment conducted in May and June 2022 a leakage appeared at the inlettube placed
before the experimental column. As a result, the experiment was paused to make corrections
to the setup before the experiment continued. After restart of experiment (May_June 2022
Remaining part of experiment) a different trend in solubility kinetics were observed (black
dots in Figure 11).

50.9 g/kg NaCl, 200°C

1,2E-02 A 3
[ ]
9,0E-03 4
2 ]
=
=]
£ 6,0E-03 4
5
i @ January 2021
£
April_2021
3,0E-03 4
September_Octorber
2021
@ February 2022
0,0E+00

0 20 40 60 80 100 120 140 160
Time (hours)

Figure 10. Results from kinetic dissolution experiments at 200C with 50.9 g/kg NaCl H>0.
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338.09 g/kg NaCl, 200°C
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Figure 11. Results from kinetic dissolution experiments at 200C with 338.09 g/kg NaCl H>O.

2.3.3 Characterization of SiO,

Prior to start-up of experiments the sand included in experiments was characterized by
different methods: BET for surface area measurement, PSD for particle size distribution and
X-ray diffraction analysis (XRD) for determination of crystallographic structure. The BET and
PSD data are givenin Table 1, while the XRD datais givenin Figure 12 and Figure 13. The XRD
data shows that the sample mainly consist of low-quartz (minimum 95 % w/w) with a few
unidentified impurities. When searching for impurities components containing Si, Mg, Ca, Fe,

Al, O, H have beenin focus.

After exposure the powders still consists of mainly quartz, as seen in Figure 14, where
diffractograms of unexposed and exposed powders are compared. The main difference isthat
exposed powders contain some NaCl (halite) that most likely precipitated during the shut-
down procedure (describedin 2.3.2).

Table 1: Measured BET and PSD data for the silicamaterial used for the dissolution studies.

Pro analysis sea sand
(Merck)
BET surface area 0.6921 m?/g
PSD surface weighted mean 117.717 pm
PSD volume weighted mean 127.099 pum
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Figure 12. XRD data (linear plot) for the sea sand included in experiments. Blue curve is the measured data, red curve is
the calculated data for “low-quartz” and the grey curve is the difference between the blue and red curve.

i Y
2 WW;# Niwded 1oy A Wi W“ﬂw’w’w‘w#wWm‘mm.nn,;\wwwﬂm,w

10 15 20 2 0 3% 40 45 50 55 60 65 70 s 80 8 0 95 100 105
Figure 13. XRD data (logarithmic plot) for the sea sand included in experiments. Blue curve isthe measured data, red curve
is the calculated data for “low-quartz” and the grey curve is the difference between the blue and red curve.
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2.3.4 SEM results

SEM (scanning electron microscopy) images of unexposed and exposed silica can be seen to
the left and right of Figure 15, respectively. Direct comparison of small regions should be
exercised with caution, butitappearsthataslight roughening of the surface takes place during
exposure. The macroscopic particle size, however, remains essentially unchanged before and
after exposure (cf. Figure 16).

Figure 16 shows EDS maps of unexposed (left)and exposed (right)silicapowders used in these
experiments. Quantified data are included in Table 2 and Table 3, where lines have been
colour-coded to help locate regions in the map. Most regions (orange) are essentially pure
silicawith minor Al impurity. Some grains or regions (magenta, purple) are enrichedin Al and
K, suggesting some aluminium silicate. Unexposed powders also contain some minor spots
richin Ti (green) or Fe and Cr (blue). Suchregions can also be foundin the exposed specimen,
and here regions with precipitated NaCl are also presentin agreementwith XRD results.

" lpm  1/19/202
X10,000 . :46: 5 WD 7.2mm 11:34:3

Figure 15: SEM images of unexposed (left) and exposed (right) silica.
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Figure 16: EDS maps of unexposed (left) and exposed (right) silica. Quantification of shown regions are given in the tables
below (Table 2 and Table 3).
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Table 2: EDS quantification of unexposed silica. Linesin the table have been given coloursto help navigate in the EDS
maps. All values are in at%.

Label (0] Na Mg Al Si K Ti Cr Fe

Map Sum 69.4 0.1 1.7 27.5 1.1 0.1 0.1

Table 3: EDS quantification of exposed silica. Linesin the table have been given colours to help navigate in the EDS maps.
All values are in at%.

Label (o) Na Al Si cl K Ti Fe Ni

Cu

Map Sum 64.0 4.0 1.0 27.5 2.9 0.3 0.1 0.1 0.2

2.4 CONCLUDING REMARKS

In this study an experimental setup for investigating mineral solubility at high salinity
conditions was designed and tested. The setup was further used to perform experiments to
study silica solubility and kinetics in the temperature range 100 to 200°C and Nadl
concentration range 50.92 to 338.09 g/kg H.0. Two types of experiments were performed,
one to study silicasolubility at equilibrium conditions and one to study solubility kinetics. The
aim of the study is to increase the knowledge of solubility and precipitation of silica at high
saline conditions.

The main findings from the equilibrium solubility study are that silicasolubility increases with
temperature and decreases with salinity. Results from the kinetic experiments corresponds
well with the results from the study performed at equilibrium conditions. However, as for the
equilibrium results, the results obtained matches with values for amorphous silica (see
chapter 4.4), not quartz as expected from initial XRD measurements. No proper explanation
is currently available. However, unidentified impurities are observed when the silica was
characterised. Thisis not unusual for natural samples and might have influenced the solubility.

REFLECT_D.2.3 Page18/48



REFLECT‘

Ideally, results from solubility experiments should be compared with results from
precipitation experiments to validate the transition state assumption outlined in the
introduction. It was, however, not possible to include this within the current project. For
future work experiments studying direct precipitation should be performed. In addition, the
experimental matrix should be extended to kinetic solubility experiments covering more
temperatures and salinities.

3 TASK2.3.2 - MINERAL PRECIPITATION BY IMPEDANCE
SPECTROSCOPY

3.1 INTRODUCTION

Scaling is one of the major obstacles for an economically efficient utilization of geothermal
energy, as it often causes frequently and costly maintenance of both subsurface and surface
installations including production and injection wells, pumps, and heat exchangers (e.g.
Wanner et al., 2017, Kohl et al, 2020). Commonly, geothermal fluids contain a multitude of
dissolved components such as salts, minerals and gases. However, changes in pressure and
temperature during fluid extraction for geothermal energy and power production disturb the
hydro-chemical equilibrium and may lead to mineral precipitation due to supersaturation,
what in consequence can significantly reduce the flow rates of the geothermal system and rise
the economicrisk (e.g. Atkinsonet al., 1991).

Calcite is one of the most abundant scaling minerals and can be found across a variety of
geothermal production sites (Arndérsson, 1981; Haklidir and Balaban, 2019). Calcite is
widespreadin geothermal reservoirrocks, whichis whyin-situ formation waters are generally
calcite saturated (Arndrsson, 1981). Carbonate scaling is mainly associated with CO2(aq)
degassing from the geothermal fluid due to decompression and a subsequentincreasein pH,
which significantly reduces the solubility of carbonate minerals. Generally, the potential of
calcite supersaturation is largely controlled by the initial temperature, the initial CO; partial
pressure (pH), and salinity of the formation water, and is highest when pH and salinity are
highest and temperature is lowest (Arndrsson, 1989). Accordingly, calcite scaling is rampant
inlow (80 — 120 °C) to medium (130 — 200 °C) temperature sites (Wanner etal., 2017; Quinao
et al., 2017), but also causes serious problems in some high-temperature geothermal fields
with temperatures of up to 250 °C (Li, 2017). Thus, precise knowledge of hydro-chemical
solution equilibria providesan important tool that can be used to prevent unwanted mineral
precipitation by adjusting operational production conditions.
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Figure 17: Compilation of available calcite solubility data, measured in dependence of temperature, pressure, and salinity
of the solvent. For comparison, the red area marks relevant conditions of geothermal fluids in terms of salinity and
temperature.

Calcite solubilitiesin waterand brinesup to 6 M NaCl have been widely studied experimental-
ly at temperatures below 100 °C (Kendall, 1912; Hastings et al., 1927; Miller, 1952; Yanatéva,
1955; Kindyakov et al., 1958, Weyl, 1959, 1966; MacDonald and North, 1974; Plummeretal.,
1982, Wolf etal. 1989; Coto et al., 2012 and ref.in it), though a large number of the published
data only cover ambient temperature and pressure conditions (Figure 17). Only limited
experimental data are available for temperatures up to 300 °C and CO; pressures between 1
— 150 bar (Ellis, 1959, 1963; Segnit et al. 1962; Malinin and Kanukov, 1971; Bychkov et al.
2020), and thereis a general lack for calcite solubility in high-salinity brines (>6 wt% NaCl). As
a consequence, large uncertainties in current model predictions arise. In order to better
predict the scaling behavior of highly saline geothermal fluids in geotechnical installations,
new solubility experiments were performed, focusing on fluids with salinities of 35 — 200 g/l
NaCl, which are typical formost mid European geothermal sites. Here, we present results from
a series of systematic measurements targeting a temperature range of 24 — 210 °C at CO;
pressures between 1 — 50 bar. We use in-situ electrical impedance spectroscopy to define
equilibrium conditionsinthe test solutions.

3.2 EXPERIMENTAL

3.2.1 Development of a high-temperature conductivity probe

The solubility of calcite is highly influenced by the amount of carbonic acid present in the
solution and already small fluctuationsin pressure and temperature have an immediate effect
on its pH. In order to keep system disturbances during the experiments to a minimum, the
dissolution/precipitation process was continuously monitored by electrical conductometry.
For this, a 4-point electrode system was developed, which had to be capable for electrical
conductivity measurements at elevated temperature and pressure. The conductivity probe
consists of a rod-like corpus made of PEEK, to which lower end two Ag/AgCl plates (current
electrodes) are attached vis-a-vis and supernatant with a defined electrode spacing (Figure
18). Two additionally Ag/AgCl wires, placed betweenthe current electrodes, serve as potential
electrodes and are sealed into the corpus. An O-ring sealed adapter was designed for the
dimensions of commercial high-pressure screw-in drivers, and is provided for the pressure-
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tightattachment in the lid of the autoclave. The conductivity probe was used up to 213 °C and
a system pressure of 70 bar.

For conductivity measurements, an impedance spectrometer (Zahner-Zennium
electrochemical work-station) was used to apply an AC voltage of 50 mV to the current
electrodes. The conductance bridge provides the impedance, Z, and phase angle, ¢, at distinct
frequencies. The conductivity of the test solution, oy, is given by

of1=C/R, (1)

with R is the sample resistance, derived from

R =cosp - Z, (2)

and c is the cell constant, which considers the geometry of the electrode layout. The cell
constant of the conductivity probe was experimentally determined using distilled water, tap

O-ring (Viton)
£

LI
I

current electrode—] l—current electrode
(A) (B)

potential electrodes
(M/N)

Figure 18: Schematic illustration of the high-temperature conductivity probe.

water, as well as 0.01 M and 0.1 M NaCl solutions at ambient conditions. Variations in the
electrode spacing due to thermal expansionisregarded to be <1 % at 200 °C, leadingto an
overall underestimation of a5 by 3% at maximum temperature.

The high-temperature electrode works well overthe entire temperature range in solutions of
with a concentration of up to 10 wt% NaCl (oj (23 = 73 mS/cm), whereas the measurements
in the 20 wt% NaCl solutions (o7 23:c)= 223 mS/cm) had to be stopped at temperatures above
100 °C, since the signals become too low impedance at high temperatures and are then not
resolvable with the used impedance spectrometer.
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3.2.2 Materials

The solubility of calcite has been determined in pure water and NaCl solutions with
concentrations of 5 wt%, 10 wt%, and 20 wt%. The sodium chloride solutions were made from
high-purity NaCl and degassed deionised water. For the solubility tests, predominantly an
ultra-pure, commercial calcite powder (Merck/ particle size = 10 um) was used. Solubilitiesin
a 5 wt% NaCl solution were determined both forthe Merck-calcite as well as a natural Iceland
spar. Purity of the Iceland spar was controlled by RFA analysis. It was found that impurities of
Fe, Mg, and Mn are presentonlyintraces (Table 4). For the experiments, the Iceland spar was
crushed and subsequently fractionated into grain size classes by dry sieving, whereby
primarily, the particle fraction 46 - 120 um was usedinthe tests. It was washed with deionised
water until the filtrate was clear and then treated with 0.01M HCI for 10 seconds to remove
remaining micro-particles, before the calcite powder was rinsed again with deionised water

and finally vacuum-dried for 24 hours at 60 °C.
Table 4: RFA analysis for the Iceland spar.

Ca0 (%) MgO (%) Fe,0; (%) MnO (%)

51.58 0.16 0.33 0.13

The determination of the mineral surfaces using the BET gas adsorption method was only
possible for the pure calcite (84500 cm?2/g), since the resolution limit of the available device
was exceeded forcoarser grain fractions. Thus, for the grain fraction 45-125 um, the surface
area had to be calculated from mineral geometries. However, steps and otherirregularities of
the surface are not considered, whichis why the mean surface area of 133 cm?/g is regarded
a minimum estimate.

3.2.3 Experimental setups and methods

3.2.3.1 Procedures for the determination of calcite solubilities

Calcite solubility experiments at elevated temperature and pressure were conducted in two
stainless steel batch reactors with a total capacity of 900 ml (Figure 19). To avoid corrosion,
the reactors are lined with beakers made of Teflon or silica glass, respectively. The beakers
were filled with 800 g of the solventinto which 10 to 40 g of calcite powderwas weighed out.
The amount of calcite material used exceeded the solubility by more than 10 times in all
experiments, thus, a constant particle surface was assumed. During the experiment, the
solutions were stirred by amagneticstirrer at acontinuous rate of 350 rpm. Calcite solubilities
were determined at equilibrium between 24 — 210 °C and 1 — 50 bar pCO>, defined as the
difference of the absolute pressure in the autoclave and the vapour pressure of water at the
particular temperature. At equilibrium conditions, CaZ* concentrations, [CaZ*], were
determinedviacomplexometrictitration with EDTA at pH 10, whereby the titration end point
is colour-indicated by Eriochrome Black T. The determined [Ca?*] is based on the mean values
of 5 individual titrations with an analytical uncertainty usually below 1 %.
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Figure 19: Experimental set-up (left) and a schematic overview of the batch reactor (right) used in solubility/ precipitation
experiments of calcite.

For pressurization, both autoclaves were connected to a CO2 bottle, whereby the system
pressure was regulated viaa pressure reducing valve at the bottle and meteringvalves at the
autoclaves. Autoclave pressures were monitored by high-precision, dead-weight calibrated
sensors with an accuracy of +0.2 bar. Before the experiment, CO, was flushed for
approximately 15 - 20 min through the gas cap volume of the autoclavesto remove air from
the vessels via open pressure release valves, which were closed afterwards to apply the
desired pressure. For temperature control, the autoclaves were placed on heating plates
/magnetic stirrers and jacketed with thermally-insulated heating sleeves, so that essentially
the whole vessel including the gas cap was at constant temperature. The heating-sleeves were
connected to controllers to keep the temperature constant +0.1 °C. The fluid temperatures
were monitored by K-type thermocouples, placed in Teflon coated, dead-ended Hastelloy
capillaries, which again were directly immersedin the tested solutions.

The achievement of equilibration between solution and calcite powder at the desired pressure
and temperature conditions was determined via continuous electrical impedance
measurements. When changes in the electrical impedance were less than 1 % for 12 hours,
solubility equilibrium was assumed and fluid samples were extracted at system pressure and
temperature through a PEEK capillary with attached 2 um Teflon filter. To avoid
contamination, the sampling capillary was flushed with about 10 ml of the produced fluid,
which was poured away, before the proper sample was taken. To check for consistency, 1 to
3 further aliquots were taken in time intervals of 4 hours up to 24 hours and analyzed with
EDTA titration.

Samples, taken attemperatures below 100 °C, were discharged directly into atube, containing
a weighted amount of bi-distilled water to avoid precipitation, when the pressure was
releasedto atmosphericconditions. In total, a maximum sample volume of ca. 350 cm3 could
be extracted from the vessel, before the electrodes became partially exposed. Therefore,
several fluid samples could be taken from the test solutions at different temperature and
pressure levels, before the vessel had to be recharged.
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3.2.3.2 Procedure for kinetic experiments

Kinetic experiments on calcite precipitation were run with two different approaches. In the
classic approach, fluid samples were taken at defined time intervals from the batch reactors
and analysed for [CaZ*] by complexometric EDTA-titration. The minimum time interval was 4
minutes. Additionally, the electrical impedance was logged (Figure 20), which shows a linear
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Figure 20: Impedance log of a kinetic CaCO3 precipitation experiment.
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Figure 21: (a) [Ca%*] determined from EDTA titration vs. electrical impedance. (b) Comparison of [Ca2*] deduced via EDTA-

titration and via conductometry, respectively.

relationship with titrated [Ca?*] (Figure 21a). Thus, the measured conductivity can be used as
a measure for the CaZ* concentration (Baumann et al., 1985, Dreybrodt et al., 1996, Vosbeck,
2004). Since only one impedance spectrometer was available and therefore the autoclaves
could not be monitored in parallel by electrical measurements, both methods were used
throughout the entire study. Beyond this, for the experiments with 20 wt% NaCl solutions the
electric measurements had to be terminated prematurely at 100 °C, due to extremely low
impedance.

Kinetic experiments were performed in the systems H,O — CaCOsz and H,O — NaCl - CaCOs,
whereby the calcite substrate contained either 100 % CaCO3z(merck) (mean grain size = 10 um),
or 90 % CaCO3(merck) + 10 % CaCOs3(iceland spar) (particle size fraction: 45-125 um), 90 % CaCO3(merck)
+ 10 % CaCO3(iceland spar) (125-185 pm), and 100 % CaCOsiceland spar) (45-125 um), respectively.
The loading of the autoclaves and setting the pressure and temperature conditions followed
the same procedures as described for the solubility experiments. A kinetic experiment was
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started when the system was in equilibrium (approximately 4 to 6 days after adjustingthe pT
conditions). For better comparability of the kinetic tests, both autoclaves were operated in
parallel whenever possible, with the gas caps in both autoclaves being short-circuited via an
open valve inorder to ensure the same pressure conditionsin both containers.

3.3 RESULTS AND DISCUSSION

3.3.1 Equilibrium experiments

The solubility of calcite has been tested in pure water and NaCl solutions with concentrations
of 5wt%, 10 wt%, and 20 wt%. The measurements were conductedina temperature range of
24 — 210 °C and covering CO; pressures of 1 — 50 bar. The results are plotted in Figure 22 as
function of temperature and pCO.. In all tested solvents, the solubility of calcite decreases
exponentially with increasing temperature and constant pressure, while the solubility
increases with increasing pCO; at isothermal conditions. However, the pressure effect
diminisheswithincreasingtemperature as the solubility values converge and nearly equal at
temperatures above 200 °C. Solubilities were predominantly determined by using ultra-pure
calcite. However, for solubility tests in 5 wt% NaCl solution ultra-pure calcite and natural
Iceland spar, respectively, were used for comparison in parallel runs. It was found that
variationsin solubilities of both materialswere lower1 %.

Where available, the data of this study agree with data from previous studies (Miller, 1952;
Ellis, 1959, 1963; Segnit, 1962; Bychkov et al., 2020). An extensive data set is available for
calcite solubility in water (Miller, 1952; Signet, 1962; Ellis, 1963). Figure 23 summarisesthese
literature data and correspondingresults of this study.

Figure 24 depicts the variation of calcite solubility in dependence of NaCl concentration for
two temperatures. For comparison, data measured at 10 bar in this study were checked
against data from Ellis (1963), which were determined at comparable pressure and
temperature conditions. The agreement between the two datasets is reasonably satisfactory.
The solubility of CaCO3 shows a maximum between 5 to 10 wt% NaCl (0.8 - 1.7 mol/INaCl) in
the solution and decreases again at higher salinities. This observation is consistent with
modelingresults by Coto etal., 2012, who found the maximum solubility of calcite in a CaCO3
- NaCl - H,0 system at a molality of about 1.25 molcm3 (7.3 wt% NaCl).
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Figure 24: Effect of NaCl on calcite solubility as function of fluid salinity at pcoz2 of 12 bar (a) and 30 bar (b), respectively.

3.3.2 Kinetic experiments

Carbonate scalingin geothermal installations is mainly associated with CO 2(aq), degassing from
the geothermal fluid due to production-related decompression and a subsequentincrease in
pH. Therefore, kinetic experiments were performed at constant temperature and stirring
rates, but simulatinga pressure drop in the system (Figure 26).
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For abetter comparison of the different experiments, relative saturations, crl, were calculated

from:
_ CCeq

Crel =

(3)

7
C0—Ceq

with ¢ is the actual concentration of [CaZ*], co is [Ca%*] at the beginning of the kinetic
experiment (excess concentration), and ceq denotes the equilibrium concentration for the
given pressure and temperature conditions.

Though experiments with 10 wt% NaCl and 20 wt% NaCl were run at identical regarding
temperature, pressure, decompression rate (Rdecomp), Stirring rate, and composition of the
calcite substrate (20 g Merck-Calcite [10 um] + 2 g Iceland spar [45 - 125 um]), afterabout 35
min an offset in relative saturation developed and equilibrium conditions where reached
fasterin the 20 wt% NaCl solutionthanin the 10 wt% NaCl solution (Figure 25a). Usually, after
4 to 6 days equilibrium concentrations reached in the kinetic experiments correspond well
with the equilibrium concentrationsfoundinthe solubility experiments, whereby the elapsed
time decreases with increasing temperature. For precipitation in a 5wt% NaCl solution a
steeperexponential decrease in relative Ca2*saturation was observed. Thisis probably due to
the fact that the calcite substrate here consisted of 100% lceland spar with grain size fraction
of 45 — 125 um. Afterabout 60 min, crel match with those obtained inthe 20 wt% NaCl solution.
Fast Rdecomp S€em to induce a steep decline in [CaZ*], while a slow pressure drop resultsin a
more gradual decrease in [CaZ*] (Figure 25b). Also, high Rdecomp in combination with enhanced
Ca?* availability in salinefluids seem to hamperthe equilibration of the system and to elongate
the duration of oversaturated conditions. Moreover, larger seed crystals accelerate
precipitation kinetics (Figure 25c and d).

The dissolution rate, R in mmol/(cm?2s), was calculated by numerical differentiation of the
[CaZ*](t) curve :

_ v dlca*]
T A dt

R ) (4)

REFLECT D.2.3 Page28/48



REFLECT‘

1.2 ¢
80 °C/ 50 - 30 bar
Raeconp: 10 bar/ min
1.0 | stirring rate: 350 rpm Swt% NaCl/
grain size: 45-125 ym
i e === 10wt% NaCl/
o grain size: 10 um
o ‘\:\ seed crystal size: 45-125 pm
W
= bl --o - 20wt% NaCl/
o 06 ¢ % grain size: 10 pm
3 seed crystal size: 45 - 125 um
0.4
0.2
0 . L L L , L )
0 50 100 150 200 250 300 350
time (min)
12
stirring rate: 350 rpm
Ruecomp: 0.64 bar/ min
L0 & - <>~ 10 Wt% NaCl: 98°C/ 30-18bar
“\ seed crystal size: 125-185 um
(6. SN .
b L - -& - 20 wt% NaCl: 98°C/ 30-18bar
b seed crystal size: 45-125 um
- LN
2 0.6 >
3] S
\Q\ ) g%
0.4 | o
Sy .
0.2 R “\-‘__'
c B e T <
0 50 100 150 200 250 300 350

time (min)

1.0

10 wt% NaCl
stirring rate: 350 rpm

-~ 80°C/ Ryecomp: 10 bar/min

0.8 == 215°C/ Ryecomp: 2 bar/ min
98°C/ Ryecomp 0.6 bar/ min
206 iy
(5] \
' ‘\
Y
04
R
02F 7ol DN TTTTTTTTTTTmeeees
b - TPEEee————————
0 L L . , L L )
0 50 100 150 200 250 300 350
time (min)
1.0
stirring rate: 350 rpm
09 ¥ Ruccomp: 2 bar/ min
0.8 B
. -0~ 10wt% NaCl: 215 °C/ 37-19 bar
0.7 Eoe grain size: 10 pm/
06 v sced crystal size: 45-125 pm
I TN -~ H,0: 95 °C/ 47-39 bar
Qﬁ.‘ 05 F ' \\\ grain size: 10 pm/
' [ no sced crystals
04 ¢ O\Q} 3
03f %, N
o \
oot
02t hat N
e,
0.1 F TO®e N e e
g @ e o
0 1 1 1 A 1 1 )
0 50 100 150 200 250 300 350

time (min)

Figure 25: Results for kinetic calcite precipitation experiments obtained for various fluid salinities, temperatures, and grain
size fractions. For a better comparison of the different experiments, [Ca2*] is given as relative saturations, crel
(Abbrevations: Rdecomp =decompression rate, rpm = repeats per minute.)

where V and A are the solution volume and effective mineral surface, respectively and the
term d[Ca?*]/dt denotes the changes in [CaZ*] in dependence of time.

Figure 26 shows log-log plots of the precipitation rate versus relative Ca2* saturation for fast
and slow CO; pressure drop, respectively. Slopesinthe range of 1.01-1.16 indicate first-order
reactions. However, for fast decompression the change in slope of the function points to a
change in precipitation kinetics. In particular, such behavior was described for studies with
natural [imestone atambient conditions (Plummerand Wiley, 1976; Svensson and Dreybrodt,

1992; Eisenlohret al., 1999, Vosbeck, 2004).

For a final evaluation of the kineticdata we lack further SEM analyses, which are not available
yet, due to a severe average in the GFZ electrons microscopy laboratory.
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Figure 26: Log-log plots of precipitation rate vs. relative Ca?* saturation for fast and slow decompression rates.

3.4 CONCLUDING REMARKS

Precise knowledge of hydrochemical solution equilibria provides a tool that can be used to
prevent unwanted mineral precipitation by adjusting operational production conditions. The
extensive equilibrium measurements carried out in this study, thus, contribute to a general
broadening of the existing experimental database, suitable to finally calculate solubility
products and stability constants of agueous calcium carbonate and bicarbonate complexes at
elevated pressure and temperature conditions.

The system CaCOs - H20 - NaCl - CO; is complex, and the relationships that control the
precipitation reactions are correspondingly complex. Due to the lack of time caused by the
pandemic, kinetic experiments could only be carried out to a limited extent, so that known
influencing variables such as the flow rate (stirring rate) were not taken into account in this
study. In order to develop a more precise understanding of the precipitation rates of calcite in
hot, highly saline water, this work should be continued elsewhere with the aim of
systematically examining the influence of flow rates, temperature, and salinity on calcite
precipitation.

4 TASK2.3.3 - AKINETIC MODEL OF SILICA PRECIPITATION AND
DISSOLUTION

4.1 INTRODUCTION

Silica precipitation is one of the main technical issues that geothermal plants have to deal
with. Indeed, silicahas a retrograde behaviour, which means that its solubility decreases with
decreasing temperature. Thus, in a number of geothermal plants, pumped hot waters are
characterized by high silica contents and, after heat has been extracted, these cooled waters
are supersaturated with respect to silica. Depending on various parameters, silica
precipitation risks can be dramatic for the surface installation of the geothermal plant or for
the injectivity of reinjection wells. These parameters are, in particular, the production and
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reinjection temperatures, the initial silica content, the chemistry of the brine including salinity
and pH.

The kineticrates of silica precipitation have been studied for several decades, with one of the
first dedicated studies by Rimstidt and Barnes (1980) in deionised water for temperatures
between 25 and 300°C. These authors proposed a simple kineticlaw based on the transition
state theory (Eyring, 1935; Lasaga, 1981) and consideringseveral influencing factors:

- temperature;

- the ratio of the relative interfacial area between the solid and agqueous phases over

the relative mass of water in the system;
- the activity coefficient of the H4SiO4 aqueous species;
- activities of water and solidsilica.

Later, Dove and Icenhower (1997) pointed out the catalysing effect of simple dissolved
elements on the precipitation rate of silica. More recently, Dixit et al. (2016) showed
experimentally that, in addition to temperature, pH plays asignificant role on the precipitation
rate of silica, atleastinthe specificcontext of the geothermal waters of Bouillante, Gadeloupe.
The role of pH was further demonstrated by André et al. (2017) as they studied more
specifically the surface state of silicagrains. They developed asurface complexation model to
describe protonation reactions of silanol sites outcropping of silica surface. Such reactions
affect the surface charge of the grains as a function of pH. In presence of dissolved magnesium,
the surface charge influences the capacity of magnesium complexation at the surface of the
grain and thus its catalysing property on silica precipitation rate.

Amongst the mechanisms that promote the precipitation rate of silicais the seeding of the
aqueoussolution with solid particles, like silicagel seeds (Setiawan etal., 2019). The goal isto
introduce in the solution surfaces from which solid silica can grow by minimizing the energy
of nucleationrequired in the case of homogeneous nucleation. However, this option will not
be considered in the following and focus is made on spontaneous formation of silica from
aqueoussolution.

Actually, very few published works report comprehensive experimental data about the
kinetics of silica precipitation from aqueous solutions. A series of two papers (Conrad et al.,,
2007; lcopinietal.,2005) are considered as referencesinthis domain. However, inthe kinetic
law proposed by Conrad et al. (2007), parameters ki1 and k2 were determined independently
for each condition of pH, salinity and initial concentration of dissolved SiO2. This limits
somehow the use of this law. Dixit et al. (2016) also proposed a kinetic law for silica
precipitation from the geothermal waters of Bouillante. This law, based on the TST and
inspired by the model of Icopini et al. (2005), includes a pH dependence but different
parameters were developed foreach studied temperature.

The objective of the present work was to propose a single kinetic law for silica precipitation
that can overcome these limitations.
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4.2 METHODOLOGY

The experimental observations by Icopini et al. (2005) show that silica precipitation occurs as
a two-step process. It includes the preliminary formation of nano-sized particles, which are
replaced progressively by larger silica precipitates. Accordingly, these authors proposed a
combination of two kineticlawsin orderto describe the evolution of the dissolved monomeric
silicaand that of nanocolloidal silica particles with time. Then, Conrad et al. (2007) improved
the model by introducing a supersaturation condition sothat the kinetics slow down when the
system approaches equilibrium.

It should be noted here that the two-step process of silica formation from the aqueous
solution observed by Icopini et al. (2005) is not an exception. Indeed, such a process has been
observedin several other chemical systems like BaSO4-H.O (Ruiz-Agudo et al., 2020), CaPQOas-
H.O (Jiang et al.,, 2015), CaSOs4-H,O (Van Driessche et al., 2012), (Ca-Mg-Fe)COs-H;0
(Dideriksenetal., 2015; Forbes et al., 2011; Radhaetal., 2012, 2010; Seletal.,2012). This led
Ruiz-Agudo et al. (2020) to conclude that this type of two-step process is more the rule than
the exception. It has also been modelled successfully in the CaCO3-H,0 system, considering
the relative stability of the amorphous and the crystallized particles, as well as their surface
reactivity (Lassin etal., 2018).

In the present work, it is proposed to develop a new model based on that of Conrad et al.
(2007), and using the experimental data acquired by Icopini et al. (2005). The following
experimental conditions were considered by the authors, and are also considered in the
presentstudy:

- Initial SiO2content = 4.2, 12.5 and 20.8 mmol-kg1,

- pH=3,4,5,6,7,

- lonic strength = 0.01, 0.24 mol-kg! imposed using a stock solution made of 200
millimolal Na*, 25.1 millimolal K*, 5.00 millimolal Ca%*, 236 millimolal Cl-, and 0.739
millimolal HCOs-,

- Temperature = 25°C.

The two-step process to be modelled is schematically sketched in Figure 27. It includes the
contributing elementary mechanisms like homogeneous nucleation, aggregation of
nanocolloids, aging of nanocolloids, and mineral growth. Homogeneous nucleation is not
considered explicitly inthe proposed kineticlaw but it could be considered by implementing
an induction period before the appearance of nanocolloids.
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Figure 27: Sketch of the two-step process described by the proposed kinetic model. Yellow circles representnanocolloidal
silica and brown pentagons represent amorphoussilica precipitates.

Following the recommendations of Icopini et al. (2005) and Conrad et al. (2007), two kinetic
laws are proposed to describe precipitation rates of nanocolloidal silica and of amorphous
silica. The nucleation and growth mechanisms are represented by aterm that obeys a4t order
trend with respect to monomeric dissolved silica and considers the supersaturation level of
the solution with respect to solid amorphous silica. An additional term is implemented to
reproduce the rate of transformation of nanocolloidal silica to precipitated amorphous silica
with the aim to account for nanocolloidal silica aggregation and aging mechanisms. These two
kineticlaws write as follows:

dCsio, k 4 2
. = 2lam) 71 . — - 3 1
rSlOZ(am) - dt - 8 X (SRSLOZ(am) 1) kZ X CSiOz(nano) ( )
dCsio, 7k 4 2
_ (nano) __ 1 /3 2
rSiOz(nano) - dt - 8 X (SRSiOZ(am) B 1) + kz X CSiOZ(nano) ( )

1; (in mol-s71), C; (in moles), SR; (unitless) are the rate of precipitation, the amount and the
saturation ratio of compound i, respectively, where i denotes amorphous silica (SiOz(am)) or
nanocolloidal silica (SiO2(nano)). k1and k; are two adjustable coefficients, k1 beingassociated to
the nucleation and growth terms, i.e. “precipitation”, while k; being associated to the
aggregationand aging terms, i.e. “transformation”.

A factor 7 was found between the nucleation/growth rates of amorphous silica and of
nanocolloidal silica, illustrating the faster nucleation of the latter. The second terms in the
kinetic laws are exactly opposite to one another and illustrate the transformation of
nanocolloidal silicato amorphous silica by aggregation and/or aging.

By means of the SRSiOz(am) parameter, equations ( 1 ) and ( 2 ) are related to the dissolved
silicaconcentration only. A pH dependency must be introduced in the k1 and k> coefficients to
take into account the sensitivity to acidity or basicity.

According to André et al. (2017), the surface charge of silica grains is almost 0 C:-m~2 for pH
below about 3.5 and becomes increasingly negative at higher pH values (Figure 28). It is
expected that nanoparticle/nanoparticle and nanoparticle/dissolved species interactions
increase with increasing pH. Nanoparticle/nanoparticle interactions are repulsive because of
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their negative charge. On the contrary, nanoparticle-dissolved cations interactions are
attractive. It is hypothesised that, in acidic to near-neutral pH conditions, there may be a
competition between attractive and repulsive forces that could be in favour of aggregation.
At higherpH, repulsive forces become predominantand hinder aggregation.

pH

3.5 4.5 5.5 6.5 7.5 8.5

—0.001M
—001M

Q067M
-0.04 o

—01M

-0.08 o

o C/m?

-0.12 o

-0.16 o

0.2
Figure 28: Surface charge ofssilica grainsvs. pHin aqueous solutions with variable contentsin MgCl, (between 0.001 and 0.1
molal), after André et al. (2017).

Inthe case of the low ionicstrength solutions considered by Icopini etal. (2005), the logvalues
of fitted k1 and k2 coefficients are plottedin Figure 29. They not only dependon pH, but also
on the initial content of dissolved SiO».
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Figure 29: Fitted k1 (nucleation/growth) and k; (aggregation/aging) coefficients vs. pH, for the kineticlaws (1 )and ( 2),
with different initial dissolved SiO2 concentrations and a condition of low ionic strength (0.01 mol-kg™1). Straight linesare a
guide for the eye toillustrate linear domains of variation.

Observation of Figure 29 suggests that, dependingonthe initial contentin dissolved SiO;, the
relative importance of aggregation and of aging varies within the transformation process ( k2).
As mentioned previously, aggregation is expected to increase with increasing pH. Thus, it
should be associated with the lines of positive slope. However, the right-hand side chart of
Figure 29 shows that at pH 7, log k2 sharply decreases at pH 7 (closed circles), suggesting that
aggregationisnot dominantanylongerasinferred above. Conversely,agingisrather expected
to beindependent of pHand thusto be represented by a horizontal line. Moreover, it can also
be expected that aggregation is favoured by the presence of numerous nanocolloidal silica
particles, which is favoured by highinitial dissolved SiO, contents.
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Similar reflexions can be done regarding the nucleation/growth mechanisms within the
precipitation process: nucleation is expected to be favoured by high initial dissolved SiO;
contentsand may vary with pH by means of the surface state of the nuclei. Conversely, mineral
growth should be more inertial and less pH dependent.

These variations of the relative importance between the two types of mechanisms are
sketched in Figure 30. At constant initial dissolved SiO», m‘;:lotz, the logarithm of the kinetic
coefficients k1and k> were found to be bilinearwith respectto pH in the limited range where
the nanoparticle/nanoparticle repulsive forces are not predominant. At constant pH, k1 and k2
were found to be bilinearwith respect to the initial content of dissolved SiO», except for the
second term of the ki coefficient. An additional second ordertermrelative to mls%g was found
necessary.

A A A
growth / aging
o®
o~ e%’é"'\ o~ ~x
o %Q,‘ o o
g e g g
o0
x°
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o
pH pH pH
Meioaqinig = 4.2 mmol-kg™ Mgioagin = 12.5 mmol-kg™? Mgi0aqiniy = 20.8 mmol-kg™?

Figure 30: Sketch of the proposed relative evolution of the two types of mechanisms expected to rule the precipitation and
transformation of nanocolloidalsilicaand of amorphoussilicavs. pH and the initial dissolved SiO; content.

The mathematical representation of such behavioursis expressed as follows, for both k1 and
k2 kinetic coefficients definedinequations (1) and (2 ):

i = 10[(aillxmg%z+bi,l)po+(ai,2xmé’%fbi,z)]

l i i i (3)

110 [(ai,3xm§’%2+bi,3)po+(ai,4><m§’}‘otz+bi‘4+ci,4x(m‘s’}gz)z)]

withi=1or 2.
In equation ( 3 ), the first term of the right member describes growth or aging mechanismes,
and the second term describes nucleation/aggregation mechanisms. This equationis notionic
strength-dependent. Thus, the coefficients a;jand b;; (i=1 or 2, j= 1 to 4) were fitted using
data from Icopini et al. (2005) at 0.01 molal and 0.24 molalionic strengths, separately. Then,
assuming a monotonous dependency of these a;; and b;; coefficients with respect to ionic
strength, additional simple relationships are proposed:

a1 (I) = pgia In() + qq,iq (4)
bi1(I) = ppiaIn() +qpia (5)
a;j(1) =paijl +qq,; (6)
bij(I) = ppijl +qpj (7)
Cia(l) =Dpcial +qcia (8)

withi=1or2,andj=2,3 or4.
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The p and m parameters involved in equations (4 ) to ( 8 ) were then determined by fitting
the differentvalues of a;jand b;; obtained for the two ionic strength conditions.

4.3 RESULTS

The parameters obtained for calculating the k1 and k: kinetic coefficients of rate laws ( 1) and
( 2) are presented in Table 5. A total of 27 non-zero parameters were finally estimated.
Applicationtothe experimental conditions studied by Icopini etal. (2005) ledto the graphical
representations of Figure 31 for low ionic strength conditions (0.01 molal), and of Figure 32
for moderate ionicstrength conditions (0.24 molal).

Table 5: Parameters necessary to calculate the k1 and k2 kineticcoefficients of rate laws ( 1)

and (2).
|
Main process ‘ Parameter Nucleation
Pa,j 0 1.6737 0 1.3690
dan,j 0 -0.5349 0 0.2393
Precipitation Pbj 0 7.0293 0 ~4.6250
dp,1,j 0 4.5477 1 -6.1164
Pca,j 0 0 0 -0.06377
Aca,j 0 0 0 0.000638
Aging Aggregation
Pa2,j 0.026537 | -0.3738 -0.55838 2.0652
Ga2,j 0.03787 0.0596 0.04434 0.1186
Pb,2,j -0.111457 1.57 10.422 -43.14
Transformation dp2,j -0.159062 | -6.7503 0.4198 -13.724
Dc,2,j 0 0 0 0
qcp,j 0 0 0 0

The calculated evolution of dissolved monomericsilica, nanocolloidal silica and amorphous
silicavs. time is plotted on charts that are superimposed forcomparison on the figures taken
from Conrad et al. (2007). There is a global match between the calculated concentrations and
the experimental ones. In particular, the slow precipitation kinetics that characterize systems
with low initial dissolved SiO, concentration (Figure 31-A and Figure 32-A), whatever the
investigatedionicstrength and pH, is correctly caught, with a decrease of dissolved SiO2less
than 1 mmol-kg1 after ~ 4-10° s, that is about 4.5 days.

When the initial SiO; contentisincreased (Figure 31-Band Figure 32-B), weakly acid to neutral
solutions (5 < pH < 7) are the most reactive. The dissolved SiO, decreases very rapidly to the
stationary value of 2 mmol-kg=1, with a quite short to very short lifetime forthe nanocolloidal
silicaand a rapid precipitation of amorphous silica. From pH 5 to lower values, the lifetime of
the nanocolloidal silicaincreases up to at least 14 days in low ionic strength solutions, which
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hinders the formation of precipitated amorphous silica and slows down the decrease of
dissolvedsilicawith time. Higherionicstrengthstend to increase the lifetime of nanocolloidal
silica and delay the formation of amorphous silica, in particular at pH 5-6 (dashed grey and
yellow lines). At pH 3-4, and the 0.24 molal ionic strength, one must acknowledge that the
model hardly reproduces the somehow rapid decrease of the dissolved SiO, concentration
followed by a stabilization at a value of 6 mmol-kg=1. Instead, the model describes a
progressive decrease of dissolved SiO, down to concentrations around 6 mmol-kg-1after3-10°
s, that is after about 3.5 days.

At even larger initial dissolved SiO» concentration (Figure 31-C and Figure 32-C), reactions
kinetics are faster, which is correctly described by the proposed model.
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Figure 31: Evolution of dissolved monomeric silica (left), nanocolloidal silica (centre) and amorphoussilica (right)
concentrations vs.time, atpH 3,4,5,6 and 7, in low ionic strength solutions (0.01 molal) and for various initial dissolved
SiO2 concentrations. A)4.2 mmolal, B)12.5 mmolal, C) 20.8 mmolal. Symbols: experimental data from Icopiniet al. (2005);
coloured lines: calculated with the proposed model. Modified after Conrad et al. (2007).

The next step in the evaluation of the model is to test it against experimental data acquired
independently. Dixit et al. (2016) measured the precipitation kinetics of silica in aqueous
solutions taken at the geothermal plant of Bouillante, Guadeloupe, France. The authors
investigated various conditions of pH and temperature, from 5 to 8 and from 22 to 90°C,
respectively. Besides, the chemical composition of the Bouillante waters correspond to a
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dissolved silica content of 10 mmolal and an ionic strength of about 0.5 molal. Thus, part of
the conditionsinvestigated by Dixitet al. (2016) coincides with the domain of applicability of
the model proposed in the present work, despite the ionic strength of the Bouillante waters
is higherthan in the experiments of Icopini etal. (2005).

The chemical composition of the solution usedin the experiments of Dixitetal. (2016) is given
in Table 6. The results of the direct application of our proposed kinetic laws at pH 5 to 8 are
plottedin Figure 33. It should be noted first that the time duration of the experimentsisless
than 600 minutes, that is less than 36,000 seconds when the experiments of Icopini et al.
(2005) lasted 450,000 seconds and more. Therefore, our model, which is built on the data
from lcopini et al. (2005) is not expected to be much accurate at a smaller time scale. In
addition, itshould be keptin mind that the ionic strength of the Bouillante geothermal waters
lays beyondthe range of ionicstrength considered to build our model.
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Figure 32: Evolution of dissolved monomeric silica (left), nanocolloidal silica (centre) and amorphoussilica (right)
concentrations vs.time, atpH 3,4, 5, 6 and 7, in moderate ionic strength solutions (0.24 molal) and for various initial
dissolved SiOz concentrations. A)4.2 mmolal, B) 12.5 mmolal, C) 20.8 mmolal. Symbols: experimental data from Icopini et
al. (2005); coloured lines: calculated with the proposed model. Modified after Conrad et al. (2007).

Therefore, Figure 33-A shows that our model overestimatesthe rate of decrease of dissolved
silica concentration, especially at pH 5. However, the trend is respected since the
concentration of dissolved silica stabilizes after about 600 minutes. The match with
experimental datais betterat pH 6 despite a faster consumption of dissolved silicasimulated
during the first hour. After about 300 minutes, simulated data are in good accordance with

REFLECT D.2.3 Page38/48



REFLECT‘

experiments. Similarly, despite the kineticlaw was developed for pHlowerthan 7, application
up to pH 8 on the Bouillante waters shows that, except for the first hour, the experimental
evolution of dissolved silica concentration with time can be reproduced very satisfactorily.
Thus, it seemsthat the proposed model can be appliedto such pH if the ionic strength of the
solution is high enough, at least above 0.2 mol-kg=1. These results are consistent with a
decrease of the Debye length as ionic strength increases. A shorter Debye length allows
nanoparticlesto be incloser contact, with an increased probability to overcome the repulsive
barrier, even though the negative charge at the surface of the particles increases compared
to lowerionicstrengths. Consequently, the repulsive pHeffectis delayed toslightly higher pH
values when ionic strength increases. Of course, at even larger pH values (above 7-8), it is
expected that repulsion between particles further increases and thus prevents from
aggregation.

Another observation concerns the chemical composition of the solutions studied. Inde ed,
those studied by Icopini et al. (2005) are synthetic, with element distribution compared to
Bouillante waters. In Table 7, the chemical composition of the two types of water, normalized
to the same Cl concentration, are tabulated for illustration. Elements are limited to the
syntheticsolutions, whichinclude Na, K, Ca and C(+1V). Beyond ionicstrength, the differences
in chemical composition highlightedin Table 7 may affectthe kinetics of silica precipitation.

Table 6: Chemical composition of the Bouillante geothermal water usedin Dixitet al. (2016).

Concentration Concentration

Concentration

Element ) Element . Element .
(s-L7) (mg-L1) (mg-L1)
pH 6.58 * Br 51 Ba 7.7
cl 14.651 COs 25.3 Mn 5.2
Na 6.331 SO4 21.3 Li 4.9
Ca 2.217 Sr 18.1 Mg 1.9
K 0.944 B 14.6 F 1.3
Si 0.577 H2S 0.68
*: unitless
A) -'I"; . i < o pH 6 § B) 0.003
600 % -T—l:‘lm»-:u;. MpH § s l:»lh:-uu; atpH € 0008
( == 0.007 plﬂfi —i02 [am) ===
2 e s —sorm
’ 2 é 0.003 - e -
10
60 120 180 240 300 360 420 480 40 600 120 160 240 300 360 420 480 540 600
Time (min) Time (min)

Figure 33: Evolution of dissolved monomeric silica (A), nanocolloidalsilicaand amorphous silica (B) concentrationsvs. time,
atpH5to 8, in Bouillante geothermal waters (0.47 molalionic strength)at ~25°C. A) Symbols: experimentalda ta from Dixit
etal. (2016); coloured dashed lines: pH and temperature specific model of Dixit et al. (2016); full lines. Our model. B) Our
model only.
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Table 7: Comparison of the chemical compositions of the agueous solutions usedin the
presentwork, normalized to the same Cl content (units inmmol-kg™1).

Element Na K Ca cl C(+1V)

Icopini et al. (2005) 200 25.1 5 236 0.739
Dixit et al. (2016) 157 13.8 31.5 236 0.239

In addition, Figure 33-B providesinformation about the amounts of nanocolloidal silicaand of
amorphous silica. It suggests that, at the end of the experimentatpH 5, the precipitatedsilica
should be mostly nanocolloidal and is still increasing. At pH 6, the decrease of the
nanocolloidal silica starts in the 2" hour and the amorphous silica starts becoming the
majority at the end of the experiment. Thislatterresultis inaccordance with the observation
of the mixture of particles of differentsize observed in Dixit et al. (2016). Unfortunately, the
silica gel obtained at pH 5 has not been characterized by these authors and, thus, cannot be
compared to our calculation results. At higher pH, simulations suggest that, if any, the lifetime
of the nanocolloidal silicais very short.

4.4 SILICADISSOLUTION

Part of the experiments performedinthe framework of the REFLECT project are dealing with
silicadissolution. Indeed,these experiments performed by IFEand described in paragraph 2.3
allow following the silicaenrichment of the leaching solutions according to time. The previous
model used for silica precipitation was not adapted for modelling such dissolution. However,
many studies described the dissolution of silica according to temperature and saline
conditions (Rimstidt and Barnes, 1980; Icenhower and Dove, 2000). Palandri and Kharaka
(2004) also synthesized in a review the dissolution kinetics of many minerals including silica
minerals like amorphous silica, quartz, cristobalite and chalcedony.

The first step consisted of use existing kineticlaws and to check if they match the experimental
data. Initially, we started using kineticlaws devoted to quartz dissolution since sand grains of
quartz fill in the columns of the experiments. However, some questions raised about the
equilibrium silica concentration reached at the end of the experiments. Table 8 shows the
equilibriumsilica concentration of different silicate minerals calculated with Phreeqc code at
200°C and 50 and 300 g.L'1 (Parkhurst and Appelo, 2013). The calculations are done with the
Thermoddem database (https://thermoddem.brgm.fr/ and Blanc et al., 2012). This database
uses a B-dot approach as activity model. The equilibrium Si concentrations calculated with
PhreeqC/Thermoddem are compared to silica concentration at the end of the experiments
(conditions supposed to be close to the equilibrium). Consistently with the findings made in
paragraph 2.3, the silica concentrations measured at equilibrium at the end of the
experiments are similar to the equilibrium with amorphous silica. We do not have any
explanation about this observation, except that the equilibrium silica concentrations with
quartz are much lowerthan the measured data.
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Table 8: Comparison between calculated and experimental silica concentrations at
equilibrium state according to NaCl content and 200°C

Silica concentration at equilibrium (mol.kg1)

NaCl concentration

-1
(&) Amorphous silica* Chalcedony* Quartz* Experiments
50 1.28 1072 5.85103 3.89103 1.201072
300 8.83 103 4.04 103 2.68103 8.83 103

* calculated values with Phreeqc code

Consequently, the kineticlaw that we used has to include the reference toamorphous silica:
-E

29815 , R (T—aonss)
rategiss = S. M. Mamsitica- Ko - € B T29815) (1 — Qum sitica) (9)
Where :
e Sisthe reactive surface area. The BET surface measured in this work (S = 0.69 m?2.g1)
is used;

e k22815 s the kinetic constant at 25°C and pH = 0. The value given by Rimstidt and
Barnes (1980) is selected: 1.7 1013 mol.m2.s'%;

e misthe numberof molesof amorphous silica(mol)

o M msiticals the molecular mass of amorphous silica (g.mol-1)

e FE,.ut is the activation energy. The value of Rimstidt and Barnes (1980) is selected:
68700 kJ.mol1

e Tistemperature inKelvin

e (O is the mineral saturation index. It corresponds to the ratio Q/K, where Q is the
product activity and K is the equilibrium constant.

By using this law, the model is able to reproduce the evolution of silica concentration in the
solution according to amorphous silica dissolution (Figure 34). The model also takes into
account the salinity of the solution: when the salinity increases the solubility decreases. It is
the “salting-out” effect.

1.40E-02 Amorphous silica 1.00E-02 -
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°

1.20E-02 /f“ e ] o v
; ‘% 8.00E-03

g % £
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: . 2
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Figure 34: Evolution of dissolved silica (A) T=200°Cand [NaCl]=50g.L"; (B) T=200°Cand [NaCl] =300 g.L"L. Symbols:
experimental data acquired in thisstudy; Full lines: model; Dashed lines: calculated equilibrium silica concentration with
amorphous silica, chalcedony and quartz

All the calculations are performed with a B-dot activity model. A Pitzer approach, dedicated
to very high saline solutions, would probably be more appropriate to simulate the high NaCl
content of the solution (300 g.L1). However, despite this approximation, the consistency with
experimental datais acceptable.
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4.5 CONCLUDING REMARKS

The proposed kinetic model for silica precipitation relies on simple relationships that link
physical mechanisms (nucleation, aggregation, aging and growth) to physico-chemical
parameters (pH, initial dissolved SiO», ionic strength). The range of conditions of application
are the following:3<pH< 8, 0< m‘s’}g; < 20.8 mmol-kg1,0< /< 0.5 mol-kg™t, at 25°C.

Applicationto actual geothermal conditionsistherefore not possible yet. Therefore, the work
should be continued in order to include the effect of temperature, to cover larger ranges of
ionicstrength. In addition, recent experiments done by Dixit (pers. com.) show that the nature
of the ions present in the solution does have an influence on the kinetic rate of silica
precipitation, and more particularly on the induction time before the triggering of the
precipitation process. These works, that were performed at 80°C could not be used in the
present study, but they clearly indicate that specificterms should be implemented in the
kineticlaw to considerindividually the role of the different cations. This would help improving
the predictive capacity of the model for silica precipitation from a variety of geothermal
brines.

5 CONCLUSIONS

The results achieved within this task in the REFLECT project have generally increased the
knowledge of mineral solubility and precipitation at high salinity conditions in geothermal
systems. The work has combined experimental work and numerical modelling to study silica
solubility and precipitation as well as precipitation of calcite.

In subtask 2.3.1 an experimental setup for investigating mineral solubility at high salinity
conditions was designed and tested. The setup was further used to perform experiments to
study silica solubility and kinetics in the temperature range 100 to 200°C and NaCl
concentration range 50.92 to 338.09 g/kg H.0. Two types of experiments were performed,
one to study silicasolubility at equilibrium conditions and one to study solubility kinetics. The
aim of the study is to increase the knowledge of solubility and precipitation of silica at high
saline conditions. The main findings from the equilibrium solubility study are that silica
solubility increases with temperature and decreases with salinity. Results from the kinetic
experiments corresponds well with the results from the study performed at equilibrium
conditions. However, as for the equilibriumresults, the results obtained matches with values
for amorphous silicaobtained using modellingtool developedinsubtask 2.3.3, not quartz as
expected frominitial XRD measurements.

In subtask 2.3.2 a conductivity probe was designed and tested for conductometric monitoring
of calcite solubility and precipitation experiments in batch reactors in a temperature range of
24 - 215 °C at a maximum system pressure of 70 bar. Experimentsaddressed both the general
lack of data on calcite solubility in high-temperature, high-salinity brines as well as related
kineticinformation. The main findings from the equilibrium solubility study are that calcite
solubility decreases with temperature and increases with CO; pressure. Regarding salinity, the
solubility of calcite in NaCl bearing fluids increases to a maximum between 5 - 10 wt% Nadl

REFLECT D.2.3 Paged2/48



REFLECT‘

and decreases again at highersalinity. Where available, values obtained, correspond well with
literature data. The rate of calcite precipitationisfoundto depend onthe decompressionrate,
and availability of seed crystals as well as their size. Due to a lack of time, the influence of
other factors, such as flow rates (stirring rate), on the calcite precipitation rate was not
examined in this study.

In subtask 2.3.3 a modelling approach was applied tofollow both precipitation and dissolution
kinetics of silica.

First, a model for silica precipitation was developed that accounts for several mechanisms,
including nucleation, aggregation, aging and growth. The model describes the formation of
both nanocolloidal and microscopic amorphous silica, and the evolution of their relative
amounts with time. Mechanisms involved in the silica precipitation depend on main
parameters like pH, initial dissolved silica content (mé’}(’fz) and ionic strength (/). If the model
was calibrated on literature data that were obtained from experiments made on synthetic
solutions, it was tested during this study on literature data issued from real geothermal
waters. The results highlight that the model is actually valid in the following range of
conditions of application:3<pH < 8,0< mg%’; < 20.8 mmol-kg,0</<0.5 mol-kg?,at 25 °C.
Nextdevelopments should allow extendingthe model to highertemperature conditions.

The modelling work also allowed simulating the quartz dissolution experiments done by
partners in subtask 2.3.1. Modelling used a kinetic rate law based on the transition state
theory. By using thislaw, the modelis able to reproduce the evolution of silica concentration
in the solution with time and the final equilibrium state according to amorphous silica
dissolution. These results suggest that, despite the sand used for the experiments was made
of quartz, the measured SiO, concentrations rather correspond to amorphous silica. The
present experimental and numerical investigations cannot explain why the amorphous silica
is controlling the kinetics.
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