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The peridotite section of the Samail Ophiolite in the Sultanate of Oman offers insight into the feasibility of
mineral carbonation for engineered, in situ geological CO2 storage in mantle peridotites. Naturally occurring
CO2 sequestration via mineral carbonation is well-developed in the peridotite; however, the natural process
captures and sequesters CO2 too slowly to significantly impact the concentration of CO2 in the atmosphere. A
reaction pathmodel was developed to simulate in situ CO2mineralization through carbonation of fresh peridotite,
with its composition based on that of mantle peridotite in the Samail Ophiolite and including dissolution kinetics
for primary minerals. Themodel employs a two-stage technique, beginning with an open system and progressing
to three different closed system scenarios- a natural system at 30 °C, an engineered CO2 injection scenario at 30 °C,
and an engineered CO2 injection scenario at 90 °C. The natural systemmodel reproducesmeasured aqueous solute
concentrations in the target water, signifying the model is a close approximation of the natural process. Natural
system model results suggest that the open system achieves steady state within a few decades, while the closed
system may take up to 6,500 years to reach observed fluid compositions. The model also identifies the supply of
dissolved inorganic carbon as the limiting factor for natural CO2mineralization in the deep subsurface. Engineered
systemmodels indicate that injecting CO2 at depth could enhance the rate of CO2mineralization by a factor of over
16,000. CO2 injection could also increase mineralization efficiency – kilograms of CO2 sequestered per kilogram of
peridotite – by a factor of over 350. These model estimates do not include the effects of precipitation kinetics or
changes in permeability and reactive surface area due to secondary mineral precipitation. Nonetheless, the faster
rate of mineralization in the CO2 injection models implies that enhanced in situ peridotite carbonation could be a
significant sink for atmospheric CO2.

© 2012 Elsevier B.V. All rights reserved.
1. Introduction

Recently, greater attention has been given to carbon capture and stor-
age (CCS) in geologic formations as amethod for helping prevent the rise
of CO2 in the atmosphere and ensuing global climate change. In 2010,
geologic CCS was added to the list of Kyoto Protocol clean development
mechanisms, making it more important than ever to characterize the
various methods of geologic storage. Injection into saline aquifers and
depleted oil and gas reservoirs are accepted, conventional approaches
to geologic storage (Benson et al., 2005). For the past 15 years, Statoil
has been capturing CO2 in natural gas extracted from the North Sea
and injecting it back into the Utsira Sand formation above the Sleipner
West gas field at a rate of 1 Mton CO2/year (e.g., Chadwick et al.,
2004; Holloway, 2005). CO2 sequestration by mineral carbonation in
ervatory, 61 Route 9W, Comer
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mafic and ultramafic rocks, first proposed in the 1990s (e.g., Seifritz,
1990), is now also being considered as a form of geologic storage
since it offers permanent and safe sequestration of CO2 as carbonate
minerals (e.g., reviews in Matter and Kelemen, 2009; Kelemen et al.,
2011).

Both basalt and peridotite have been suggested as host formations
for in situ mineralization (e.g., McGrail et al., 2006; Matter et al., 2007;
Oelkers et al., 2008; Kelemen and Matter, 2008). Peridotite is thought
to have the benefit of faster carbonation rates, while continental basalt
formations are thought to bemore permeable and porous,which results
in higher injectivity and the possibility of pore space storage of CO2 in
supercritical or dissolved forms as well as in carbonate minerals.

Lab experiments suggest that in freshwater solutions, carbonation
rates of peridotite are much faster than basalt due to the high concen-
tration of olivine: at the pH and temperature relevant for in situ CO2

mineralization (pH 3 and 90 °C), the rate of olivine dissolution is two
orders of magnitude faster than that of crystalline basalt (Palandri and
Kharaka, 2004; Schaef andMcGrail, 2009). However, when the solution
is seawater, peridotite dissolution may only be about twice as fast as
basalt dissolution (Wolff-Boenisch et al., 2011). Experiments involving
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Fig. 1. Flowpath schematic illustrating groundwater evolution in the peridotite aquifers of
the Samail Ophiolite, modified from Neal and Stanger (1985).
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thewhole olivine carbonation process, rather than just dissolution, have
shown that by using a Na+\HCO3

− solution the rate of carbonation can
be enhanced by a factor of 4 and extent of carbonation more than dou-
bled, compared to Na+\Cl− solutions (O'Connor et al., 2004;
Chizmeshya et al., 2007). The effect of such solutions on basalt carbon-
ation has not yet been extensively studied.

Flood basalts may be structurally favorable for CO2 injection due to
their higher porosity and permeability. Comparing representative sites,
such as vesicular basalt from the Cascade Range in Oregon and peridotite
of the Samail Ophiolite inOman, shows that the permeability of basalt can
range fromequal to that of fracturedperidotite (~10 millidarcies) to up to
3 orders of magnitude higher (Saar and Manga, 1999; Dewandel et al.,
2005), though these numbers are site specific. In addition, flood basalts
often have a layer-cake structure that could help store CO2within the for-
mation, consisting of brecciated flow tops, which have good injectivity
and storage capacity, alternating with massive flow interiors, which act
as an impermeable cap rock to upward CO2 migration (McGrail et al.,
2006).

Before preference is given to either rock type, our understanding of
the mineralization process would benefit from further examination of
both its kinetics and thermodynamics. For instance, in situ mineraliza-
tion has been considered too slow to be a viable option for sequestering
sufficient amounts of CO2 (e.g., Mazzotti et al., 2005). However, recent
studies suggest mineralization may be faster than previously thought
(O'Connor et al., 2004; Chizmeshya et al., 2007), and consequently in
situ mineralization deserves more investigation (Matter and Kelemen,
2009). The rates for in situ mineralization need to be determined
through field scale studies. While a number of laboratory experiments
have been conducted on dissolution of basalt (e.g., Gislason and Eugster,
1987; McGrail et al., 2006; Schaef and McGrail, 2009) and olivine, the
primary mineral of peridotite (e.g., Oelkers, 2001; Giammar et al.,
2005; Hänchen et al., 2006), there is often a discrepancy between
laboratory and field scale rates. These differences may be attributable
to disparities between lab conditions and field conditions with respect
to reactive surface area, permeability, and mineral/fluid ratios (White
and Brantley, 2003). Thus, in order to accurately predict timescales for
in situ mineralization, in situ rates must be better constrained.

The thermodynamic properties of relevant minerals and aqueous
species also require further scrutiny. The thermodynamic database
developed at Lawrence Livermore National Lab that is often used in
reaction path modeling is extensive, but not all-encompassing. Studies
focusing onparticular species often involve updating the thermodynamic
database for those species at the temperature and pressure of the study,
as Gysi and Stefansson (2011) did for carbonates, zeolites, phyllosilicates,
and other secondary minerals involved in basalt carbonation, and
McCollom and Bach (2009) did for Mg\Fe solid solutions of serpentine,
talc, brucite, pyroxenes, and amphibole in serpentinization (hydration)
of peridotite. Incomplete or disparate thermodynamic databases make
it difficult to directly compare modeling studies conducted by different
groups. A universal database could help to evaluate the effectiveness of
CO2 mineralization in basalt and peridotite.

There are several open questions relating to in situ mineralization
that should be answered in order to assess its potential as a method of
CO2 sequestration. These include:

• What are the timescales associated with natural and engineered in
situ CO2 mineralization?

• What are the limiting factors in natural and engineered in situ CO2

mineralization?
• Could the process be enhanced to make CO2 uptake fast enough to
have a significant impact on atmospheric CO2 concentration?

This paper aims to address some aspects of these questions as they
relate to peridotite carbonation by focusing on the ongoing natural
CO2 mineralization in the Samail Ophiolite as a natural analog for an
engineered CO2 injection process.
2. Geological setting and groundwater evolution

The peridotite aquifer of the Samail Ophiolite in the Sultanate of
Oman is a site of exceptionally well-developed naturally occurring in
situ CO2 mineralization. The Samail Ophiolite is the largest ophiolite
in the world, with over 15,000 km3 of peridotite in the upper few
kilometers of the mantle section (Nicolas et al., 2000; Kelemen and
Matter, 2008). Themantle peridotite consists of approximately 74% par-
tially serpentinized olivine, 24% orthopyroxene, 2% spinel, and trace
amounts of clinopyroxene (Boudier and Coleman, 1981).

Natural in situmineral carbonation proceeds in the followingmanner,
illustrated by Fig. 1 (Barnes and O'Neil, 1969; Neal and Stanger, 1985;
Bruni et al., 2002; Hansen et al., 2005; Kelemen and Matter, 2008):
surfacewater infiltrates shallow aquiferswhere it reacts with peridotite
in an open system with atmospheric levels of CO2 and O2, increasing
dissolved Mg2+, Ca2+, Si4+, and CO2 (Eq. (1)).

Mg2SiO4 þ 4CO2 þ 2H2O→2Mg
2þ þ 4HCO

−
3 þ SiO2 ð1Þ

At the same time, interaction with soil CO2 and carbonate rocks or
carbonate dust further increases dissolved Ca2+ and CO2. This results
in a Mg2+\HCO3

− water, often referred to as Type I. This Type I water
then infiltrates to a depth where it can no longer communicate with
the atmosphere and is thus cut off from its source of inorganic carbon.
In this closed system, the water continues to react with peridotite and
precipitates serpentine, brucite, magnesite and dolomite. Through
this open and closed system reaction path, both Mg2+ and Ca2+ are
released from the peridotite, butMg2+preferentially goes into secondary
minerals, such as chrysotile and brucite, while Ca2+ is left to accumulate
in the water (Eq. (2)).

4Mg2SiO4 þ CaMgSi2O6 þ 7H2O→3Mg3Si2O5ðOHÞ4 þ Ca
2þ þ 2OH ð2Þ

The dissolution reactions also consume protons, raising the pH as
high as 12. This results in an alkaline Ca2+\OH− groundwater with
virtually no Mg2+ or dissolved inorganic carbon (DIC), often called
Type II water. When this water reaches the near-surface or discharges
at the surface in the form of alkaline springs, it undergoes either
air-water interaction or mixing with shallow groundwater or surface
water. Air-water interaction allows the absorption of CO2 directly from
the atmosphere and results in the formation of Ca-rich carbonates
(Eq. (3a)),whilemixing of Type IIwaterwith Type Iwater causes the pre-
cipitation of Ca-rich carbonates and brucite (Eqs. (3a) and (3b)). In both
scenarios, carbonate formation lowers the pH to basic levels (pH 8–9).

Ca
2þ þ 2OH

− þ CO2→CaCO3 þ H2O ð3aÞ

Mg
2þ þ 2OH

−→MgðOHÞ2 ð3bÞ
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Overall, the system forms abundant carbonate minerals, both in the
subsurface and in surficial travertine terraces, and thus sequesters CO2.
In the mantle peridotite alone, up to 105 tons of CO2 are converted to
solid carbonate minerals each year (Kelemen and Matter, 2008;
Kelemen et al., 2011).

In Oman, unlike other alkaline spring localities such as California or
Italy, Type II spring waters also have elevated Na+ and Cl− concentra-
tions relative to surface and shallow groundwater (Barnes and O'Neil,
1969; Neal and Stanger, 1985; Bruni et al., 2002). The excess Na+ and
Cl− likely come from leaching of sea salts adsorbed ontomineral surfaces,
or saltyfluids inmicropores or intracrystalline inclusions in the formation
residual fromwhen theophiolitewas submergedunder the sea (Neal and
Stanger, 1985; Orberger et al., 1990; Sharp and Barnes, 2004; Dewandel
et al., 2005).
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3. Analytical methods

3.1. Field methods

In January 2009 and 2010, 51 water samples were collected from 13
sites: 10 alkaline spring sites and 3wells set in peridotite (Fig. 2).Water
sampling locations included alkaline springs where they discharged
fromperidotite, the surfaceflowpath of these alkalinewaters (including
areas of mixing with surface waters), nearby wadis (stream beds, often
with ephemeral water flow), afalaj (irrigation channels), and shallow
wells in peridotite.

Water samples were collected in new or triple rinsed syringes and
filtered using sterile Acrodisc 0.8/0.2 μm syringe filters with supor
membranes into new polyethylene bottles. Samples for measuring
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major cations and trace elements were acidified in the field with con-
centrated HNO3. At the sample sites, pH, temperature, conductivity,
and oxidation-reduction potential were measured using a WTW Multi
3400i multi-parameter field meter. Alkalinity was measured in the
field with a Hach 16900 Digital Titrator using a two-step titration pro-
cess which isolates carbonate alkalinity from hydroxide alkalinity.

Additionally, 19mineral sampleswere collected from3 of the alkaline
spring sites. The samples were taken from areas of active precipitation or
deposition at or near spring discharge areas, including crystalline films
atop alkaline spring pools, white floc from the bottom of pools, and
Table 1
Field data for water samples.

Sample ID Location UTM Coord. (WGS-84)

Easting Northin

Alkaline spring outlets
OM10_01A Misbit 0625997 2576261
OM10_02L Falaij 0608436 2525957
OM10_03R Falaij 0608561 2526486
OM10_04S Qafifah 0646115 2533648
OM10_04U Qafifah 0646071 2533679
OM10_05AA West of Al Bana 0487584 2575976
OM10_05AD West of Al Bana 0487338 2576123
OM10_05AF West of Al Bana 0487951 2575513
OM10_07AJ Shumayt 0486044 2588467
OM10_08AM Shumayt 0486041 2588458
OM10_09AT Sudari 0443118 2650087
OM10_10AV Uqaybah 0426225 2633900
OM09_W04F Al Hilayw 0585875 2523231
OM09_W04G Al Hilayw 0585877 2523246
OM09_W05L Qafifah 0646070 2533683
OM09_W06O Dima 0663442 2542614
OM09_W13F Shumayt 0486044 2588467

Alkaline water along surface flowpath
OM10_01B Misbit 0625971 2576256
OM10_02J Falaij 0608427 2525980
OM10_02K Falaij 0608431 2525972
OM10_03P Falaij 0608553 2526473
OM10_03Q Falaij 0608557 2526477
OM10_05AB West of Al Bana 0487580 2575969
OM10_06AG Al Bana 0489557 2575443
OM10_06AH Al Bana 0489564 2575430
OM09_W04I Al Hilayw 0585880 2523239
OM09_W10V Misbit 0625966 2576248

Mixed spring and wadi water
OM10_01C Misbit 0625974 2576257
OM10_01E Misbit 0625938 2576240
OM10_04V Qafifah 0646071 2533676
OM10_04W Qafifah 0646072 2533675
OM10_04X Qafifah 0646074 2533666
OM10_04Y Qafifah 0646073 2533671
OM10_05AC West of Al Bana 0487574 2575966
OM10_05AE West of Al Bana 0487304 2576112
OM10_08AN Shumayt 0486037 2588460
OM10_08AO Shumayt 0486021 2588453
OM10_09AS Sudari 0443119 2650088
OM10_09AU Sudari 0443117 2650082
OM10_10AW Uqaybah 0426225 2633900
OM09_W06N Dima 0663452 2542655

Shallow groundwater
OM10_06AI Al Bana 0489581 2575531
OM10_12AZ Jabir 0602847 2582068
OM10_13BA Lizugh 0612902 2582098
OM10_15BC Trib. to Mansah 0616917 2585510
OM09_W08S Qafifah 0646196 2533635

Fresh surface water
OM10_01D Misbit 0626252 2576472
OM10_08AP Shumayt 0486065 2588470
OM10_09AR Sudari 0443057 2650131
OM09_W06P Dima 0663430 2542608
OM09_W12B Sudari 0443056 2650128
deposits forming rippled terraces in areas of faster water flow, such as
on steeper slopes. Mineral samples were collected in new, sterile, poly-
ethylene sample bags.

3.2. Laboratory methods

Major anions (Cl−, NO3
−, SO4

2−, NO2
−, PO4

3−, Br−, F−) were analyzed
by ion chromatography on a Dionex IC2000 with an AS18 column.
Major cations (Ca2+, Na+, K+,Mg2+, Si4+) were analyzed using induc-
tively coupled plasma atomic emission spectrometry (ICP-AES) on an
pH Temp °C Cond.
μS/cm

ORP
mV

g

11.20 31.6 1640 −404
11.52 30.8 2230 −393
11.63 27.9 1967 −390
11.76 22.4 1685 −247
11.71 24.9 1778 −611
11.65 28.5 3400 −324
11.68 32.6 3420 −393
11.90 24.2 2850 −436
11.46 33.4 1782 −231
11.53 31.5 1772 −323
11.61 30.4 1893 −292
11.61 21.4 1442 −200
11.59 26.3 2250 −247
11.60 27.1 2230 −220
11.64 23.8 1854 −338
11.45 30.3 1905 −369
11.50 28.1 1770 −495

11.26 30.5 1641 −322
11.63 28.2 2200 −283
11.60 26.8 2210 −296
11.49 23.3 1507 −133
11.60 22.9 1752 −247
11.74 25.4 2770 −280
11.14 37.7 1421 −434
11.16 38.4 1537 −645
11.72 20.7 2200 50
11.21 30.6 1616 −379

8.95 19.8 794 NA
10.20 27.1 875 −262
11.16 23.7 904 −208
10.27 20.8 696 −128
8.94 23.3 664 53

11.91 20.5 1820 −75
11.55 16.5 1873 30
11.87 20.3 2790 −166
10.18 28.6 720 NA
10.43 27.4 734 NA
11.27 18.2 1013 −195
11.56 20.1 1258 −235
8.49 17.5 911 145
9.92 17.5 864 −41

8.52 29.0 467 NA
9.36 34.1 586 94
7.77 33.9 968 147
7.90 34.5 902 120
8.99 21.6 493 NA

8.35 25.2 786 41
7.90 27.0 723 NA
8.76 21.5 923 211
8.12 20.2 973 182
8.16 17.1 1440 187
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Horiba Jobin-Yvon Activa M with PFA nebulizer. Trace elements and
DIC were measured at Arizona State University using an inductively
coupled plasma mass spectrometer and an OI Analytical Model 1010
Wet Oxidation TOC Analyzer, respectively. The analytical accuracy of
major cation analysis was±3%, measured as variation from NIST
Standard Reference Material 1640a-Trace Elements in Natural Water.
The analytical precision of major cation and anion analysis was better
Table 2
Major ion chemistry and trace elments for water samplesa.

Sample ID Cl− NO3
− SO4

2− DIC OH− c Ca2+

Alkaline spring outlets
OM10_01A 6.97 b0.01 0.07 0.11 3.28 2.12
OM10_02L 8.19 b0.01 0.01 0.07 5.44 1.83
OM10_03R 7.49 b0.01 0.03 0.06 4.84 1.67
OM10_04S 5.11 b0.01 0.01 0.10 4.48 1.75
OM10_04U 4.78 b0.01 0.01 0.12 4.68 1.69
OM10_05AA 11.38 b0.01 0.01 0.04 6.08 1.66
OM10_05AD 12.52 b0.01 0.01 0.05 8.52 2.11
OM10_05AF 10.51 b0.01 0.01 0.10 6.90 1.57
OM10_07AJ 5.28 b0.01 b0.005 0.05 5.04 1.87
OM10_08AM 5.26 b0.01 b0.005 0.04 4.86 1.85
OM10_09AT 5.91 b0.01 0.01 0.04 4.74 1.78
OM10_10AV 6.55 b0.01 0.07 0.14b 2.52 2.56
OM09_W04F 8.33 0.01 0.04 0.22b 4.78 1.40
OM09_W04G 8.22 b0.01 0.03 0.02b 5.22 1.31
OM09_W05L 4.67 0.01 0.01 0.38b 4.40 1.66
OM09_W06O 6.73 b0.01 0.01 0.16b 4.74 1.82
OM09_W13F 4.96 b0.01 0.01 0.20b 4.34 1.82

Alkaline water along surface flowpath
OM10_01B 7.06 b0.01 0.07 0.11 3.18 1.85
OM10_02J 8.10 b0.01 0.01 0.05 5.22 2.10
OM10_02K 8.11 b0.01 0.01 0.07 5.34 1.87
OM10_03P 6.94 b0.01 0.02 0.06 2.36 0.79
OM10_03Q 7.21 b0.01 0.03 0.08 3.74 1.03
OM10_05AB 11.60 b0.01 0.01 0.13 6.10 1.50
OM10_06AG 5.31 b0.01 b0.005 0.04 3.18 1.54
OM10_06AH 5.47 b0.01 b0.005 0.05 3.72 2.01
OM09_W04I 8.64 0.01 0.04 0.20b 4.22 1.07
OM09_W10V 6.55 b0.01 0.06 0.34b 2.66 2.05

Mixed spring and wadi water
OM10_01C 3.15 0.22 0.72 1.93 0 0.75
OM10_01E 4.59 0.17 0.51 0.68 0 1.22
OM10_04V 3.99 0.01 0.11 0.66 0.92 0.51
OM10_04W 3.18 0.02 0.20 1.93 0 0.27
OM10_04X 1.56 0.08 0.37 4.49 0 0.41
OM10_04Y 4.42 0.01 0.07 1.40b 1.64 1.72
OM10_05AC 11.00 b0.01 0.11 0.69 1.38 0.30
OM10_05AE 12.71 b0.01 0.01 0.07 5.70 0.60
OM10_08AN 3.08 0.05 0.39 1.66 0 0.56
OM10_08AO 3.31 0.05 0.35 1.40 0 0.20
OM10_09AS 5.75 0.01 0.21 0.47 0.62 0.25
OM10_09AU 5.85 b0.01 0.15 0.07 1.74 0.68
OM10_10AW 6.95 b0.01 0.14 0.64b 0 1.54
OM09_W06N 5.61 0.02 0.20 1.48b 0 0.30

Shallow groundwater
OM10_06AI 1.10 0.13 0.46 2.62 0 0.38
OM10_12AZ 2.05 0.09 0.89 1.42b 0 0.05
OM10_13BA 3.79 0.41 0.94 3.14b 0 0.70
OM10_15BC 4.53 0.29 0.80 2.32b 0 1.06
OM09_W08S 1.88 0.05 0.28 1.90b 0 0.20

Fresh surface water
OM10_01D 2.80 0.28 0.75 3.08 0 0.84
OM10_08AP 1.38 0.12 0.64 5.17 0 0.57
OM10_09AR 4.90 0.01 0.50 3.04 0 0.45
OM09_W06P 5.14 b0.01 0.32 3.46b 0 0.49
OM09_W12B 8.61 b0.01 0.68 3.14b 0 0.48

a All concentrations are in mmol/l.
b Indicates DIC values from alkalinity, all others are from carbon analyzer.
c OH− values taken from field alkalinity titrations.
d Mg values below 1 ppm (0.04 mmol/l) from ICP-MS, all others are from ICP-AES.
e All values from ICP-MS.
than 1.5% and 4% relative standard deviation at 1σ, respectively. All
but a few samples have a charge balance within±5% electroneutrality.

The collected mineral samples were dried in an oven at 40 °C and
crumbled to a fine powder. The powdered sample was then analyzed
by x-ray diffraction using an Inel XRG 3000 diffractometer and
interpreted using MAUD software v. 2.26 (Lutterotti et al., 1997) to
semi-quantitatively estimate mineral composition.
Na+ K+ Mg2+ d Si4+ Al3+ e Fe2+ e

6.54 0.15 1.65E−02 0.04 2.26E−02 5.19E−05
9.63 0.26 2.47E−02 b0.02 b5 E−04 4.83E−05
8.14 0.22 3.70E−02 b0.02 b5 E−04 b2 E−05
6.55 0.16 1.89E−02 b0.02 6.30E−04 4.17E−05
6.25 0.14 1.89E−02 b0.02 b5 E−04 b2 E−05

13.81 0.31 3.00E−02 b0.02 b5 E−04 3.76E−05
16.78 0.33 3.29E−02 b0.02 b5 E−04 3.94E−05
13.82 0.26 2.67E−02 b0.02 b5 E−04 1.50E−04
6.53 0.15 2.10E−02 b0.02 b5 E−04 3.58E−05
6.45 0.15 1.89E−02 b0.02 b5 E−04 b2 E−05
7.56 0.17 1.93E−02 b0.02 5.82E−04 5.91E−05
4.28 0.15 4.65E−03 b0.02 b5 E−04 b2 E−05

11.08 0.25 8.64E−03 0.09 5.41E−03 8.42E−05
10.91 0.26 9.05E−03 0.11 5.41E−03 4.01E−05
6.19 0.19 6.50E−02 0.06 1.56E−02 1.74E−03
7.93 0.23 7.24E−03 0.04 4.41E−03 4.05E−05
6.56 0.16 7.15E−03 0.06 5.97E−03 1.04E−04

6.54 0.15 2.30E−02 0.05 2.33E−02 4.83E−05
9.57 0.25 2.51E−02 b0.02 b5 E−04 8.77E−05
9.63 0.26 2.72E−02 b0.02 b5 E−04 4.12E−05
8.57 0.23 1.93E−02 b0.02 b5 E−04 4.30E−05
8.35 0.23 2.63E−02 b0.02 b5 E−04 b2 E−05

14.31 0.33 2.59E−02 b0.02 5.19E−04 3.76E−05
5.52 0.16 9.42E−03 b0.02 b5 E−04 b2 E−05
6.14 0.16 1.81E−02 b0.02 b5 E−04 4.12E−05

11.31 0.28 9.71E−03 0.07 6.67E−03 4.83E−05
6.26 0.10 3.04E−02 0.10 2.30E−02 5.12E−05

3.23 0.10 1.66 0.36 2.19E−03 b2 E−05
4.65 0.11 0.98 0.26 6.67E−03 2.51E−05
5.10 0.11 0.43 0.06 b5 E−04 b2 E−05
3.77 0.08 1.21 0.15 b5 E−04 b2 E−05
1.59 0.04 2.44 0.34 b5 E−04 7.88E−05
6.31 0.15 0.05 0.03 NA NA

13.10 0.31 0.27 0.05 b5 E−04 2.33E−05
16.28 0.33 2.43E−02 b0.02 b5 E−04 4.66E−05
3.50 0.12 1.58 0.19 b5 E−04 b2 E−05
3.85 0.12 1.39 0.17 b5 E−04 b2 E−05
6.69 0.15 0.32 0.03 b5 E−04 b2 E−05
7.03 0.16 0.18 0.02 b5 E−04 b2 E−05
4.01 0.15 0.31 0.05 b5 E−04 b2 E−05
5.95 0.16 1.13 0.12 2.71E−03 4.66E−04

0.75 0.04 1.70 0.24 b5 E−04 b2 E−05
1.43 0.07 2.23 b0.02 b5 E−04 b2 E−05
3.34 0.09 2.49 0.41 NA NA
4.11 0.06 1.27 0.36 NA NA
1.64 0.03 1.19 0.13 1.04E−03 5.01E−05

3.00 0.09 1.70 0.39 b5 E−04 b2 E−05
1.06 0.10 2.90 0.35 b5 E−04 b2 E−05
4.94 0.12 1.67 0.10 b5 E−04 2.51E−05
4.51 0.11 1.99 0.18 2.71E−03 4.66E−04
8.73 0.16 1.69 0.20 5.86E−03 5.91E−04
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4. Analytical results

Field data and the chemical composition of the collected water
samples are summarized in Tables 1 and 2. The water samples are
subdivided into five different classes on the basis offlowpath: i) alkaline
spring outlets, ii) alkaline springwater along a surface flowpathwith no
mixing, iii) alkaline spring water mixed with surface water, iv) shallow
groundwater, and v) fresh surface water. All water sample data fall
within the range of compositions previously seen in areas with partially
serpentinized and carbonated peridotite (e.g., Barnes and O'Neil, 1969;
Neal and Stanger, 1985; Bruni et al., 2002). Alkaline springwaters are of
Type II Ca2+\OH− water, with high pH (11 to 12), high Ca2+ (1 to
2.5 mmol/l), high Na+ and Cl− (4 to 17 mmol/l and 5 to 13 mmol/l,
respectively), and virtually no Mg2+ (5 to 65 μmol/l) or dissolved inor-
ganic carbon (DIC) (20 to 380 μmol/l). Shallow groundwater samples
are of Type I Mg2+\HCO3

− water, with a pH between 7.5 and 9 and
high Mg2+ (1 to 2.5 mmol/l) and DIC (1 to 3 mmol/l). Surface waters
have Mg2+ concentrations similar to those in shallow groundwater,
and higher DIC (3–5 mmol/l).

Along a surfaceflowpath, alkalinewaters show little change inwater
chemistry from their spring discharge points, with the exception of
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Fig. 3. Average saturation states for A) shallow groundwater samples, and B) alkaline
spring water samples. Dashed lines indicate the affinity range in which the mineral is
considered to be at saturation (+1 to −1 kcal/mole).
Ca2+, which decreases in concentration along the surface flowpath.
The drop in Ca2+ is attributed to uptake of atmospheric CO2 and precip-
itation of calcium carbonate along the flowpath. Alkaline spring waters
which have mixed with fresh surface water have intermediate levels of
Mg2+, Ca2+, and DIC. However, the concentration of Ca2+ in these
mixed waters is lower than would be expected based on a mixing line
between local surface water and alkaline spring water. For example, at
Shumayt, mixed water has 0.6 mmol/l less Ca2+ than predicted based
on a Cl− mixing line. This suggests precipitation of Ca-rich carbonates
from the mixed waters, which is supported by the mineral samples
collected from these areas.

Mineral saturation states in samples of alkaline spring water and
shallow groundwater from wells and afalaj were calculated using
EQ3NR, the speciation-solubility code in EQ3/6, v. 8.0 (Wolery and
Jarek, 2003). The saturation states were calculated for each sample
using major ion concentrations listed in Tables 1 and 2, then the average
for the group was taken for each mineral (Fig. 3). For this paper, satura-
tion states are in the formof chemical affinity to equilibriumwith respect
to solid phases (kcal/mole). Affinity=RT*ln(Q/K), where Q is the reac-
tionquotient andK is the equilibriumconstant of the dissolution reaction
for the mineral.

Shallowgroundwater samples are saturatedwith respect to aragonite,
calcite,magnesite, andquartz, oversaturatedwith respect to dolomite and
chrysotile, and undersaturated with respect to hydromagnesite, brucite,
andmagnetite (Fig. 3A). Alkaline springwaters are saturatedwith respect
to Ca-rich carbonates – aragonite, calcite, and dolomite, oversaturated
with respect to brucite, chrysotile, and magnetite, and undersaturated
with respect to hydromagnesite, magnesite, and quartz (Fig. 3B). Shallow
groundwater saturation with respect to Ca-carbonates is expected; in
the Samail Ophiolite, alluvial conglomerates cemented with Ca-rich
carbonates are common in areas of near-surface groundwater (Burns
and Matter, 1995). Alkaline spring water saturation with respect to
Ca-rich carbonates also fits field data, which show calcite-dolomite
veins in the shallow subsurface in areas near alkaline springs, and surficial
calcite-rich travertines around the springs (Neal and Stanger, 1985; Clark
and Fontes, 1990; Kelemen and Matter, 2008).

Semi-quantitative analysis of XRD results formineral samples shows
that active precipitation is primarily calcium carbonate (aragonite
and/or calcite) with minor amounts of brucite and – in one location –

a hydrated Mg carbonate (Table 3). The mineral composition varies
with depositional setting. Crystalline films atop alkaline spring pools
are pure calcium carbonate. Crystalline films atop pools with mixed
alkaline spring water and fresh surface water were 97–99% calcium
carbonate and 1–3% brucite. Floc at the bottom of pools was 80-99%
calcium carbonate, with 1–20% brucite. Rippled terraces downstream
of alkaline spring discharge areas were 93–100% calcium carbonate
with 0–7% brucite.

These physical structures and mineral compositions result from
two surficial carbonation mechanisms described by Stanger (1986):
air–water reactions and water mixing reactions. Our crystalline
films and rippled terraces match Stanger's Ca-carbonate surface
films and drapes that form due to alkaline spring air–water reactions in
non-turbulent flow regimes and turbulent flow regimes with vigorous
Table 3
Range in composition of mineral samples by depositional settinga.

Depositional setting Aragonite Calcite Brucite Hydrated
Mg-Carbonate

Crystallinefilm from springwater only 25–35 65–75 0 0
Crystalline film from mixed spring
and surface water

55–96 1–45 1–3 0

Rippled terraces 40–100 0–60 0–7 0
Bottom floc 60–99 0–30 1–20 0
Misbit bottom floc 15–50 10–70 0–1 2–60

a All values in wt.%.
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aeration, respectively. Our bottom floc also matches Stanger's gelatinous
sediments of Ca-carbonate and brucite, which form in alkaline spring
water and surface water mixing reactions.

There was one alkaline spring site which yielded unusual mineral
samples: Misbit. Every sample from this location contained a hydrated
Mg-carbonate,with the exception of the crystalline film atop the spring.
Samples from Misbit were 40–98% calcium carbonate, 2–60% hydrated
Mg-carbonate, and 0–1% brucite. The chemical composition of the
hydrated Mg-carbonate has yet to be measured so the specific mineral
is not known, but likely possibilities are hydrotalcite or pyroaurite.
Unlike all of our other alkaline spring sites, Misbit lies in a catchment
underlain bymixedperidotite and gabbro. Thedifferent rock composition
may affect the chemistry of the groundwater and secondary mineral
precipitation.

5. Reaction path model of the natural system

5.1. Model setup

In order to better understand the mechanisms of natural mineral
carbonation in the peridotite of the Samail Ophiolite aquifer, a reaction
path model was developed for the system. The model is based on that
developed by Bruni et al. (2002) to model the reaction path between
meteoric water and serpentinite in the Gruppo di Voltri, Italy. The
Samail Ophiolite model presented in this paper adds reaction kinetics
in order to predict the timescale required to develop the natural system.

The reaction path model was performed using EQ3/6, v.8.0
(Wolery and Jarek, 2003) and was designed to model water-rock in-
teraction between meteoric water and peridotite under conditions
mimicking the natural system. The reaction path model consists of
two stages: an open system and a subsequent closed system. The
open system input fluid represents rainwater recharge into a shallow
aquifer. The fluid composition is the average of rainwater values for
the mountains of northern Oman given in Weyhenmeyer (2000)
(Table 4). The rainwater chemistry differs fromwhat we might expect:
if all rainwater solutes came from sea spray, their ratios should be the
same as in seawater. However, the rainwater has excess Ca2+ and DIC
relative to Na+ and Cl− levels, as well as elevated pH. The rainwater
dataset is relatively limited, with only 7 samples. Dustmay have settled
on the collectors during dry periods prior to rain, altering themeasured
rainwater chemistry. Since the Samail Ophiolite is surrounded by
CaCO3-rich rocks – calcarenites and limestones in the underlying
Hawasina Formation and marine limestones in the Arabian Platform
Formation (Glennie et al., 1974) – the higher pH and extra Ca2+ and
DIC are thought to be due to contamination of the rainwater samples
by dissolution of CaCO3 dust. It is likely that the recharge into the perido-
tite aquifer is similarly contaminated with CaCO3 dust, so the rainwater
composition is reasonable as the input fluid for the model.

The input water was introduced into the model and tracked as it
interacted with peridotite in a system open to atmospheric exchange,
with CO2 and O2 fugacities set to 10−3.4 and 10−0.7 bar, respectively.
Table 4
Input fluid — Oman rainwatera.

Component Concentration (mmol/l)

pH 6.6
Ca2+ 0.54
Na+ 0.37
Mg2+ 0.08
K+ 0.05
DIC 1.24
Cl− 0.35
SO4

2− 0.17
NO3

− 0.10

a From Weyhenmeyer (2000).
The output water from the open system model then progressed to the
closed system model, representing infiltration of shallow groundwater
to a deeper, closed aquifer where the water continues to interact with
peridotite, but with no further input of CO2 or O2.

Models were run using the fluid-centered flow-through physical
system, as recommended by Bethke (1996) for tracing a parcel of
water as it traverses an aquifer. As shown in Fig. 4, this means that the
model follows the progress of 1 kg of water through its interaction
with fresh peridotite and formation of secondary minerals. The available
peridotite reservoir is unlimited, but fresh peridotite input is controlled
by the dissolution kinetics of the primary minerals. After each reaction
step, the amount of each secondary mineral that precipitated is tallied
and those secondaryminerals are removed from the equilibrium system
so they cannot undergo any further reactions. The altered water then
moves to the next step and encounters new peridotite. Models were
run in reaction progress/timemode using dissolution kinetics to connect
the two variables. The open system model was run for 50 years, by
which time it had reached steady state. The closed system model was
run until it reached pH 12, the maximum pH seen in the field, which re-
quired 6500 years.

The modeled peridotite is comprised of olivine (forsterite–fayalite
solid solution), enstatite, and diopside. Spinel is also a primarymineral in
peridotite of the Samail Ophiolite, but was not included in themodel be-
cause field observations of relict spinels in otherwise altered peridotite
indicate that spinel is commonly unaltered (Hanghoj et al., 2010). Halite
was added as a primary mineral to produce the elevated levels of
Na+ and Cl− seen in shallow groundwater and alkaline springs. The
secondary minerals allowed to precipitate were limited to those seen
in the field (Table 5). Consequently, magnesite and dolomite were
suppressed in the open system but allowed to precipitate in the closed
system. Unless otherwise specified, the temperature was 30 °C, which
is the annual average temperature in the northern Oman mountains.
All calculations were made with the standard YMP thermodynamic
database provided with EQ3/6, v.8.0. The specific reactive surface area
was set to a constant value of 0.26 cm2/g for each mineral. This value
was chosen because it corresponds to a reactive surface area for a
“grain size” or fracture spacing of 0.7 m, the value used by Kelemen et
al. (2011) for in situ mineral carbonation in peridotite.

Models were run using primary mineral dissolution kinetics,
which are assumed to be the rate limiting step for both dissolution
and secondary mineral precipitation. The dissolution rates for olivine
(forsterite and fayalite) were calculated from empirically derived
data found in Palandri and Kharaka (2004), enstatite from Oelkers
and Schott (2001), and diopside from Knauss et al. (1993). All rates
were taken from experiments at the temperatures closest to each of the
model scenarios, and were adjusted by the model using the Arrhenius
equation to match temperature conditions in each scenario (Table 6).
The pH dependence of dissolution kinetics for each of the primary
minerals was calculated using a power law regression on experimental
dissolution data from pH ranges appropriate for eachmodel— the open
system used data from pH values up to 9, the closed system used data
from pH values 9 to 12. Experimental dissolution rates for forsterite,
fayalite, and diopside do not show pH dependence above pH9
(Palandri and Kharaka, 2004) and that is reflected in the closed system
model kinetics. Average olivine in the Samail Ophiolite peridotite is a
solid solution with 91% forsterite and 9% fayalite (Hanghoj et al.,
2010), so forsterite and fayalite dissolution kinetics were modified to
replicate this solid solution in the model. Rather than use a separately
determined dissolution rate for fayalite, the fayalite rate was calculated
by multiplying the olivine (Fo91) dissolution rate in Palandri and
Kharaka (2004) by 0.09 to represent the 9% fayalite present. The
forsterite rate was calculated by multiplying the olivine dissolution
rate by 0.91 to represent the 91% forsterite present. Halite was added
using a rate relative to the other primaryminerals, not an actual kinetic
rate. The relative number of moles was chosen so that the open system
output water had a Cl− concentration equal to the average for shallow
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Fig. 4. Schematic for fluid-centered flow-through physical system model.

Table 6
Primary mineral dissolution ratesa.

Open System Closed System Eng. at
30 °C

Eng. at
90 °C

EA b K at pH 0 nH+ K at pH
9–12

nH+ K at pH
3.5

K at pH 3.5

Forsterite 16.1 8.71E−09 0.28 2.40E−11 None 3.17E−09 7.43E−08d
d
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groundwater samples (3.5 mmol/l) and closed system output water had
Cl− concentration equal to the average for alkaline springs (7.25 mmol/l).

In the open system model, magnesite and dolomite precipitation
were suppressed because field observations do not support their exis-
tence in the near-surface. Neither mineral is observed in areas around
shallow groundwater. Additionally, if both minerals are allowed to pre-
cipitate in the open system, the modeled Mg2+ and DIC concentrations
only reach half thosemeasured in field samples.Magnesite and dolomite
were allowed to precipitate in the closed system model because low
temperature magnesite and dolomite are ubiquitous in veins in recent
roadcuts and are also found in older outcrops throughout the Oman pe-
ridotite (Kelemen et al., 2011), suggesting that the minerals precipitate
at depth.

5.2. Model results

The open systemmodel attains steady state after 30 years. In order to
reach this state, there is an increase in Mg2+, Fe2+, DIC, and pH, while
SiO2(aq) and Ca2+decrease (Fig. 5A). The dissolution of peridotite is com-
pensated by precipitation of chrysotile, hydromagnesite, calcite, and
magnetite (Fig. 5B). The resulting fluid has a Mg2+-HCO3

− composition.
The closed system model does not reach a stable aqueous composi-

tion. Fig. 5C shows an increase in, and eventual predominance, of Ca2+

and OH− in solution. Fe2+, and SiO2(aq) also increase, while Mg2+ de-
creases. pH initially decreases, then increases for the rest of the model.
The dissolution of peridotite drives continual precipitation of chrysotile,
brucite, and magnetite, and brief precipitation of a substantial quantity
of magnesite, dolomite, calcite, and quartz, as well (Fig. 5D). Relatively
early in the process, within the first 600 years, essentially all DIC disap-
pears and carbonate precipitation ceases. Thus, it appears that the sup-
ply of inorganic C is the limiting factor inmineralization of CO2 at depth,
though it must be remembered that the model tracks a single parcel of
water and does not allow mixing with ambient water, so there is no
possibility of adding DIC through further infiltration from the shallow
Mg2+\HCO3

− aquifer.
After the cessation of carbonate precipitation, there are no mech-

anisms for Ca2+ removal from the fluid. With further peridotite dis-
solution, protons are consumed and Mg2+ is incorporated into
brucite and chrysotile, while Ca2+ accumulates in the water. Ca2+ and
Table 5
Secondary minerals allowed to precipitate (unless otherwise specified).

Aragonite Chrysotile
Calcite Brucite
Dolomite Amorphous Silica
Hydromagnesite Quartz
Magnesite Sepiolite
Magnetite Nontronite
Greenalite
OH− concentrations continue to increase with time, so the final water
composition has high Ca2+, OH− and pH, and virtually no Mg2+ or DIC.

At the beginning of the closed system model, large amounts of
magnesite and dolomite form because they both were suppressed in
the open system and became oversaturated. Unsuppressing them in the
closed systemallows them toprecipitate, eliminating that oversaturation.
This rapid formation of carbonates at the beginning of the closed system
causes the pH to decrease from 8.9 to 7.9. After that initial pH drop, the
pH begins to rise and continues to do so for the rest of the model.

Including precipitation kinetics in the closed system model would
prolong the interval of magnesite and dolomite precipitation. For
comparison, the model was run incorporating precipitation kinetics
for magnesite, dolomite, and calcite (using the rate from Saldi et al.
(2009) for both magnesite and dolomite, and Svensson and Dreybrodt
(1992) for calcite), and suppressing all other carbonates. In the open
system, the inclusion of precipitation kinetics prevents modeled con-
centrations of Mg2+ and DIC from ever reaching steady state, and
after 50 years the concentrations of Mg2+ and DIC are double those
seen in the field. In the closed system, inclusion of precipitation kinetics
allows carbonate precipitation to continue for an additional 4000 years
and for the storage of 15% more CO2 in the form of carbonate minerals.
This seems counterintuitive and is an artifact of themodel: the inclusion
of precipitation kinetics dramatically slows the rate of pH change,which
affects redox conditions and consequently DIC concentration. In the
closed system, the modeled DIC concentration drops precipitously
when the Eh falls below the equilibrium line for CO3

2−\CH4 and most
of the DIC converts to methane, preventing any further precipitation of
carbonate minerals. Without precipitation kinetics, this occurs after ap-
proximately 600 years in the closed system. With precipitation kinetics,
themodel takes over 2000 years to become reducing enough to cross the
Fayalite 16.1 8.61E−10 0.28 2.37E−12 None 3.14E−10 7.35E−09
Enstatite 11.6 1.10E−09 0.25 8.24E−10c 0.24 1.46E−10 5.69E−09e

Diopside 9.7 3.16E−10 0.19 6.92E−12 None 6.78E−11 5.45E−10f

a All rates are in mol/m2/s. K refers to the rate at 25 °C unless otherwise specified.
The models calculate K at the given temperatures assuming constant EA. When rates
are pH dependent, K refers to the rate at pH 0 and the model calcuates the rate for a
given pH.

b Activation energies are given in kcal/mol.
c K refers to rate at pH 0.
d K refers to rate at 65 °C.
e K refers to rate at 100 °C.
f K refers to rate at 70 °C.
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Fig. 5. A) Aqueous solutes in modeled fluids in the open system, B) cumulative secondary mineral precipitation in the open system, C) aqueous solutes in modeled fluids in the
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in the equilibrium system.
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CO3
2−\CH4 equilibrium line, and then it lingers near equilibrium for

another 2000 years, so the interval of carbonate precipitation is
much longer. Despite kinetic limitations, themuch longer period of pre-
cipitation allows for the formation of slightly more carbonate minerals.

Though the effects of precipitation kinetics are interesting, they were
not included in central model results because rates for precipitation of
magnesite and dolomite at low temperature are not well-understood.
In lab experiments at low temperature (b100 °C) and 1 bar pCO2,
Hänchen et al. (2008) saw no formation of magnesite, only the hydrated
Mg-carbonates nesquehonite and hydromagnesite, so precipitation ki-
netics for magnesite at low temperature could not be calculated. Saldi
et al. (2009) estimated the rate constant for magnesite at 25 °C from
that measured at 100 °C, and calculated that even at 10× supersatura-
tion the rate of magnesite precipitation is 6 orders of magnitude slower
than that for calcite. Nonetheless, the existence of low temperature
magnesite veins in the Samail Ophiolite (Kelemen et al., 2011; Streit
et al., in press) demonstrates that there must be a mechanism for
their formation. It is possible that magnesite precipitation took place in
the form of a hydrated Mg-carbonate, such as hydromagnesite, which
later dehydrated to form magnesite, as is seen in higher temperature
lab experiments (Hänchen et al., 2008). Alternatively, the magnesite
may have formed as a result of multiple cycles of alternating dissolution
and precipitation of carbonates, in which each cycle forms progressively
more stable phases like magnesite and dolomite and less metastable
phases like dypingite and aragonite (Deelman, 1999; dos Anjos et al.,
2011). Dolomite precipitation kinetics at low temperature are also poorly
understood, despite years of study devoted to the “dolomite problem.”
Abiotic precipitation rates at low temperature, estimated from higher
temperature experiments done by Arvidson and Mackenzie (1999), are
5 orders of magnitude slower than those for magnesite. Additionally,
even after 32 years, Land (1998) saw no precipitation of dolomite from
a solution with 1000× supersaturation with respect to dolomite. There
may be bioticmechanisms responsible for catalyzing dolomite precipita-
tion, such as sulfate reducing bacteria (e.g., Vasconcelos and McKenzie,
1997), but no estimates of microbial dolomite precipitation kinetics are
available. Thus, given the uncertainty in magnesite and dolomite pre-
cipitation kinetics at relevant temperatures, precipitation kinetics
for secondary minerals were not incorporated into the final version
of the model (Fig. 5).

5.3. Comparingmodel results to field data— aqueous solute concentrations
and saturation indices

In order to assess how well the model simulates natural in situ
mineral carbonation in the Samail Ophiolite, the model results were
compared to field data. The model shows rock–water mass transfer
resulting in solute concentrations similar to those seen in the field
(Fig. 6). Modeled trends in Mg2+ vs. pH fit within the range of sample
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data. The Mg2+ concentration increases as the model progresses from
neutral pH to pH 8.9, peaking at the end of the open system run, then
the concentration decreases along the closed system flowpath to near
zero values near the end of the model (Fig. 6A).

Modeled trends in DIC for the open system are similar to those seen
in the field in surface and shallow groundwater, but in the closed system
the DIC concentration decreases far below the values seen in alkaline
springs (Fig. 6B). The steep decline in modeled DIC just before pH 11 is
due to redox conditions dropping below the CO3

2\CH4 equilibrium line
andDIC converting tomethane. Thismaynot occur in the natural system,
as alkaline springwaters aremore oxidizing than themodeledwater and
all of our water samples lay above the methane equilibrium line on an
Eh-pH diagram (Fig. 6D). The discrepancy between redox conditions in
the model and the natural system are probably due to differences
in incorporation of Fe into secondary minerals. In the natural alter-
ation process, some Fe from olivine is incorporated into chrysotile
in a solid solution with Mg2+ by different substitution mechanisms
(Streit et al., in press). In the model, solid solutions are not allowed so
Fe is excluded from chrysotile and is instead oxidized to formmagnetite,
consuming oxygen from thefluid. Thus, themodel becomesmore reduc-
ing than the natural system.

Themodeled progression of Ca2+ captures trends seen in the natural
system. The model starts with moderate Ca2+ concentration at neutral
pH, then declines to low concentration as pH rises to 9.8, and finally
increases again at high pH (Fig. 6C). However, there are minor discrep-
ancies between the model and field samples. In the closed system
model, Ca2+ concentrations rise steeply at high pH, reaching almost
10 mmol/l at pH 12, whereas in the field the highest Ca2+ concentra-
tions are 2.5 mmol/l. It is possible that the spring waters had higher
Ca2+ at depth, but they have lost Ca2+ due to precipitation of Ca-rich
carbonates in the shallow subsurface due to either absorption of CO2

in the vadose zone or mixing with CO2-rich shallow groundwater. If
this is the case, alkaline springs do not represent the actual endmember
for the closed system, and it is possible that it has higher Ca2+ than the
samples analyzed so far. Indeed, preliminary data from samples collected
in the spring of 2012 from deep wells in the peridotite (up to 350 m
depth) support this hypothesis.

Another method for evaluating how well the model approximates
reaction processes in the natural system is to comparemineral saturation
states produced in themodel to those of actualwater samples. Saturation
states in the open system output water can be compared to those in
shallow groundwater, while saturation states in the closed system out-
putwater can be compared to those in alkaline springwater.When com-
paring the saturation states of minerals in samples and models, it is
important to remember that the model will not achieve oversaturation
unless a mineral is suppressed. Unlike the real world, in the model
there are no kinetic constraints on precipitation of secondary minerals,
so precipitation proceeds as soon as saturation is reached. Therefore, an
affinity of zero in a model can be considered equivalent to that of either
saturation or oversaturation in a sample.

Fig. 7 gives the saturation states for model results. The modeled
open systemwater is undersaturatedwith respect to brucite and quartz,
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oversaturated with respect to dolomite and magnesite, and at satura-
tion with respect to all other secondary minerals (Fig. 7A). The closed
system water is saturated with respect to brucite, chrysotile, and
magnetite, and undersaturated with respect to the other secondary
minerals, including all carbonate species (Fig. 7B).

The saturation states for the open system agreewith those of shallow
groundwater samples for aragonite, calcite, dolomite, and brucite, but
not for other secondary minerals. Chrysotile is at saturation in the
model, but oversaturated in shallow groundwater. As noted above, this
may be due to kinetic limitations on precipitation in the natural system.
Quartz is undersaturated in the model but at saturation in the shallow
groundwater. The ready precipitation of chrysotile in the model may
also explain this discrepancy: in the model, chrysotile precipitation
removes dissolved Si that would otherwise accumulate in the water,
thus preventing quartz saturation from being reached. Magnetite is at
saturation in the model, but undersaturated in shallow groundwater.
As mentioned before, in the natural system, during peridotite alteration
some of the Fe2+ released by olivine dissolution gets incorporated into
serpentine (e.g., Streit et al., in press); however, the model does not
allow this solid solution between Mg and Fe-serpentine so Fe accumu-
lates in the water and eventually forms magnetite. Hydromagnesite is
also at saturation in the model, but undersaturated in shallow ground-
water. This may be because the shallow groundwater is at saturation
with respect to magnesite. If the shallow groundwater is precipitating
magnesite, thenhydromagnesite should be undersaturated. As previously
discussed, it remains an open question how the shallow groundwater
precipitatesmagnesite at 30 °Cwhenmost lab experiments shownopre-
cipitation of magnesite at such low temperature. The interplay between
magnesite, which is thermodynamically favored, and hydromagnesite,
which is kinetically favored, is not yet understood.

The saturation states of minerals in the closed system water show
similarities to those of alkaline springwater. Hydromagnesite,magnesite,
and quartz are all undersaturated in both the model and alkaline spring
water, though the level of undersaturation is much higher in the model.
Brucite, chrysotile and magnetite are all oversaturated in alkaline spring
water, and at saturation in in the model, again implying kinetic con-
straints on precipitation in the natural system. However, the Ca-rich
carbonates- calcite, aragonite, and dolomite- are all at saturation in
alkaline spring water but undersaturated in the model. The difference
between the saturation state of Ca-rich carbonates in the field samples
and in the closed system model may indicate that the spring water is
not contained in a purely closed system until it reaches the surface.
Themodeledwater is isolated fromany sources of C and thus all carbon-
ates remain undersaturated, but– as previously mentioned– prior to
emerging, the spring water may have taken up CO2 from the vadose
zone or had contact withMg2+\HCO3

− shallow groundwater, resulting
in saturation or oversaturation of the Ca-rich carbonates (Neal and
Stanger, 1985).

6. Reaction path modeling of CO2 injection at 30 °C and 90 °C

6.1. Model setup

The Samail natural system model was expanded to include CO2 in-
jection scenarios at two temperatures: 30 °C and 90 °C. 30 °C is the an-
nual average temperature in Oman, and 90 °C would be the expected
temperature for an injection site at 2 km depth, assuming the average
geothermal gradient. The model follows the approach of Cipolli et al.
(2004) andXuet al. (2004) for CO2 injection into ultramafic rocks; how-
ever, there are some key differences between the Cipolli and Xumodels
and the Samail model developed for this paper. Xu modeled CO2 injec-
tion into peridotite (forsterite and fayalite), but did not use the
two-stage open system to closed system progression seen in alkaline
springwater development. Cipollidid use the two-stagemodel, but sim-
plified the serpentinite composition to bemono-mineralic andmodeled
CO2 injection into Type II alkaline water by first modeling the open and
closed systems and then fixing the CO2 fugacity to 250 bar. The Samail
Model equilibrates the product water from the open system with a
CO2 fugacity of 100 bar and uses that water as the input into the closed
system. As in Cipolli and Xu, the constant supply of CO2 from injection is
simulated by maintaining a fixed CO2 fugacity throughout the model,
meaning that at the beginning of each step of reaction progress, the
water reequilibrates with 100 bar pCO2 and then that CO2 saturated
water reacts with new peridotite. The model does not consider reac-
tions between the CO2 gas phase and the rock. Primarymineral dissolu-
tion kinetics for each CO2 injection scenario are given in Table 6. Neither
engineered system incorporates pH dependence into dissolution kinet-
ics because at each reaction step when the water reequilibrates with
100 bar pCO2, the pH drops back to 3.5. Both CO2 injection models run
for 30 years,which is considered to be a reasonable lifetime for a CO2 in-
jection project.

6.2. Model results

In both engineered systems, most aqueous species achieve steady
state concentrations within 5 years, though in the lower temperature
model the Fe and Ca2+ concentrations continue to increase until the
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end of the model at 30 years (Fig. 8A and C). Both models show pre-
cipitation of carbonate minerals throughout the injection period.
Most secondary mineral formation is in the form of magnesite and
quartz with minor magnetite, and the 90 °C system has additional do-
lomite (Fig. 8B and D).

The change from precipitation of chrysotile and brucite in the natural
closed system to magnesite and quartz in the CO2 injection systems fits
the expected shift in alteration products at higher pCO2 (e.g., Figs. 1
and 2 in Kelemen et al. (2011)). Hansen et al. (2005) suggested an alter-
ation succession that occurs with increasing levels of CO2, generating
progressively more magnesite: when olivine is combined with water
and CO2, it alters to antigorite and magnesite, and sometimes brucite.
With more CO2, the antigorite converts to talc and magnesite, and the
brucite converts tomagnesite. Finally, with evenmore CO2, the talc alters
to magnesite and quartz, making the final products only magnesite and
quartz. Thus, the Samail reaction path models predict a similar progres-
sion of alteration products for peridotite carbonation to that seen by
Hansen et al. in the serpentinite carbonation front.

6.3. Enhanced CO2 mineralization

The fact that inorganic C is a limiting factor in the natural system
suggests one could enhance mineralization by increasing the supply
of CO2 to the system, and the engineered system models corroborate
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this. Fig. 9 tracks the amount of CO2 sequestered as carbonate minerals
for each of the closed system models. The engineered model at 30 °C
indicates that maintaining a CO2 fugacity of 100 bar would result in
about a 200× increase in the amount of CO2 sequestered in 30 years rel-
ative to the natural system, that is, a 200× increase in the rate of CO2

mineralization.
In addition to increasing CO2 availability, increasing temperature

was tested as another method for enhancing CO2 mineralization. The
engineered model at 90 °C indicates that raising the temperature by
60 °C would result in a 76x increase in the amount of CO2 sequestered
over the CO2 injection system at 30 °C. This makes the total amount of
CO2 sequestration in the 90 °C engineered CO2 injection scenario
about 16,000 times the amount sequestered by the natural system
over the same time frame. This rate enhancement is approximately 10
times greater than that predicted using Kelemen and Matter (2008)
Eq. (4), based on the rate from experimental results of O'Connor et al.
(2004) for olivine carbonation at a variety of temperatures and pCO2

in aqueous solutions with 1 M NaCl an 0.64 M NaHCO3.
In addition to increasing the total amount of CO2 mineralized, CO2

injection also increases the efficiency of peridotite carbonation.
Table 7 compares the amount of peridotite consumed with the amount
of CO2 sequestered over the course of the model. The CO2/peridotite
mass ratios show an increase of over 350× in mineralization efficiency
in the enhanced processes. Given that complete carbonation of forsterite
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would result in a CO2/peridotite ratio of 0.63, the ratio of 0.61 in the 90 °C
CO2 injection scenario indicates almost complete carbonation.

The reasons for the increase in CO2 mineralization rate and efficien-
cy are three-fold. First, since CO2 availability limits the amount of CO2

sequestered at depth in the natural system, CO2 injection changes the
limiting factor inmineralization by drastically increasingCO2 availability.
Secondly, CO2 injection lowers the pH of the fluid from 9 to 3.5, which
increases the dissolution kinetics for primaryminerals by a factor of be-
tween 10 and 130 (Table 6). Thirdly, in the 90 °C case, the increase in
temperature results in another acceleration of dissolution kinetics by a
factor of between 8 and 40 (Table 6).

All models show a positive volume increase, ranging from 45-50% in
the natural system to almost 80% in the CO2 injection scenario at 90 °C
(Table 7). This volume increase due to serpentinization and carbonation
of peridotite will have to be taken into account when considering
long-term injectivity into a fractured peridotite aquifer, as the secondary
minerals could clog the pores and pathways, preventing further injec-
tion. The precipitation of carbonate minerals on the fracture walls
might protect the underlying peridotite from further reaction. Armoring
of the olivine by a silica-rich passivating layer, such as that seen in labo-
ratory experiments conducted by Andreani et al. (2009), could also re-
duce the amount of peridotite available to react. Alternatively, the
volume increase could cause reactive cracking, which would open new
fractures and could help maintain permeability and porosity (Fletcher
et al., 2006; Kelemen and Matter, 2008; Jamtveit et al., 2008; Rudge et
al., 2010; Kelemen et al., 2011; Jamtveit et al., 2011; Kelemen and
Hirth, 2012).

7. Model uncertainties and limitations

It should be noted that the models discussed in this paper provide
a limited view of CO2 mineralization in peridotite due to exclusion of
important factors, such as hydrologic parameters for the system. EQ6
Table 7
Peridotite consumption, CO2 mineralization, and volume change in each model scenario.

Model scenario Peridotite consumed (kg) CO2

sequestered
(kg)

Natural open system 1.61E−03 8.17E−05
Natural closed system 1.55E−01 2.54E−04
30 °C, 100 bar pCO2 9.29E−02 5.37E−02
90 °C, 100 bar pCO2 6.72 4.11
Complete carbonation 1.00 0.63
modeling cannot consider the effects of permeability, porosity, or
injectivity, whichmay be crucial— particularly in fractured rock aquifers
with low permeability and porosity.While themodels provide estimates
of volume increases due to secondary mineralization, these increases do
not feed back onto permeability or porosity: the model ignores both
negative feedbacks due to diminished permeability and armoring of re-
active surfaces, and positive feedbacks due to reaction-driven cracking.

Another limitation of the models is their simplification of reaction
kinetics. The models assume that dissolution of primary minerals is the
rate-limiting step, but thismay not always be the case (particularlywith
regard to precipitation of magnesite and dolomite). Reaction kinetics
are further simplified by assuming a constant specific reactive surface
area. In a porosity regime dominated by fractures, such as that expected
in the Samail Ophiolite aquifer, the reactive surface area can be assumed
to be the amount of rock exposed to fluid by fractures. It is difficult to
estimate the starting value for this reactive surface area, and the value
used in the model is probably a considerable underestimate. The
0.7 m fracture spacing used in this model may be reasonable for large
scale fractures; however, altered peridotite of the Samail Ophiolite
shows fractures down to the 10 μm scale (Kelemen et al., 2011). Closer
fracture spacing could dramatically increase the reactive surface area,
which would cause a comparable increase in dissolution rate because
the two factors scale linearly. The uncertainty in reactive surface area
is compounded by the fact that it doubtless changes over the course of
the reaction.

A reactive transport model incorporating local hydrology and
changes in reactive surface area, porosity, and permeability over the
course of themineral carbonation process could provide amore complete
picture of both natural CO2mineralization in the Samail Ophiolite and the
effects of and limitations to enhancing the process, andwill be pursued as
a next step.

8. Conclusions

• The natural system model provides a useful representation of the
evolution of water in the peridotite aquifers of the Samail Ophiolite:
from surface water, to shallow Mg2+\HCO3

− water, to deep alkaline
Ca2+\OH− water.

• The open system model is characterized by precipitation of hydro-
magnesite, calcite, chrysotile, and magnetite, while the closed system
model is characterized by precipitation of chrysotile, brucite andmag-
netite,with a brief period of abundantmagnesite, dolomite, and calcite
precipitation in the initial stages of reaction progress.

• The open system model reaches steady state within a few decades,
while the closed system model continues to evolve with time, taking
6500 years to reach the upper extent of pH seen in field samples.

• The amount of CO2 mineralization in the natural system at depth,
where it is isolated from CO2 uptake from the atmosphere, is limited
by the dissolved inorganic C concentration in the incoming
Mg2+\HCO3

− groundwater, as seen in the closed system natural
model.

• Injecting CO2 tomaintain a constant fugacity of 100 bar could increase
the amount of CO2 mineralized in 30 years by a factor of over 200.

• Increasing the temperature of a CO2 injection system from 30 °C to
90 °C could increase the CO2 sequestered by another factor of over
CO2/Peridotite
mass ratio

Peridotite
consumed
(cm3)

Secondary
minerals formed
(cm3)

Volume
change
(%)

5.1E−02 0.5 0.7 44.9
1.6E−03 47.8 72.1 50.7
0.58 28.7 49.2 71.0
0.61 2078.0 3711.9 78.6
0.63
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75, giving a total rate enhancement of over 16,000 times that in the
natural system.

• CO2 injection at 100 bar pCO2 increases the efficiency of carbonation
by 350–370 times, to the point of near-complete carbonation, and
hence would allow significantly more CO2 to be mineralized in the
same volume of peridotite.
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