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9 Abstract

10 Recent publications on the successful mineralisation of carbon dioxide in basalts in Iceland and 
11 Washington State, USA, have shown that mineral storage can be a serious alternative to more 
12 mainstream geologic carbon storage efforts to lock away permanently carbon dioxide. In this 
13 study we look at the pore solution chemistry and mineralogy of basaltic glass and crystalline 
14 basalt under post-injection conditions, i.e. after rise of the pH via matrix dissolution and the first 
15 phase of carbonate formation. Experimental findings indicate that further precipitation of 
16 carbonates under more alkaline conditions is highly dependent on the availability of divalent 
17 cations. If the pore water is deficient in divalent cations, smectites and/or zeolites will dominate 
18 the secondary mineralogy of the pore space, depending on the basalt matrix. At low carbonate 
19 alkalinity no additional secondary carbonates are expected to form meaning the remaining pore 
20 space is lost to secondary silicates, irrespective of the basalt matrix. At high carbonate alkalinity, 
21 some of this limited storage volume may additionally be occupied by dawsonite -if the Na 
22 concentration in the percolating groundwater (brine) is high. Using synthetic seawater as a proxy 
23 for the groundwater composition and thus furnishing considerable amounts of divalent cations to 
24 the carbonated solution, results in massive precipitation of calcite, magnesite, and other Ca/Mg-
25 carbonates under already moderate carbonate alkalinity. More efficient use of the basaltic storage 
26 volume can thus be attained by promoting formation of secondary carbonates compared to the 
27 inevitable formation of secondary silicate phases at higher pH. This can be done by ensuring that 
28 the pore water does not become depleted in divalent cations, even after carbonate formation. 
29 Using seawater as carbonating fluid or injection of CO2 into the basaltic oceanic crust, where 
30 saline fluids percolate, can reach this goal. However, such an approach needs sophisticated 
31 reactive transport modelling to adjust CO2 injection rates in order to avoid too rapid carbonate 
32 deposition and clogging of the pore space too close to the injection well.

33 1. Introduction

34 Two recent publications on the injection of dissolved CO2 into Icelandic basalt (Matter et al., 
35 2016) as well as of supercritical CO2 into Columbia River basalt (McGrail et al., 2017) showed 
36 that mineralisation of CO2 within an unexpectedly short time frame of ≤ 2 years is feasible. These 
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1 efforts culminate a decade of lab and field research activities into various aspects of water-basalt-
2 CO2 interaction (Gislason et al., 2014; Gislason and Oelkers, 2014; Matter et al., 2016; McGrail 
3 et al., 2017). Given the unbridled use of fossil fuels, carbon storage has been stipulated to play an 
4 important role in reducing carbon emissions to the atmosphere by various energy scenarios (IEA, 
5 2015; IPCC, 2014). Based on these recent field findings, and given the large storage potential 
6 (Snæbjörnsdottir et al., 2014) and vast volumes of basalt on the Earth (e.g. large igneous 
7 provinces, oceanic islands and oceanic crust), carbon storage into basalts may help curb CO2 
8 emissions via in-situ carbon mineralisation. Many laboratory and modelling studies confirmed 
9 the field observations (or rather preceded them) by anticipating that rapid carbonate precipitation 

10 would occur (Aradóttir et al., 2012; Gysi and Stefansson, 2012a, b; Pham et al., 2012; 
11 Rosenbauer et al., 2012; Schaef et al., 2013). However, these studies were carried out at very 
12 favourable conditions not realised in the field, where porosity and permeability play crucial roles 
13 in the extent of water-rock interactions. For one, powdered basalt has orders of magnitude higher 
14 reactive surface area compared to the pore surface area in the actual rock formation (Saar and 
15 Manga, 1999). The same holds for the specific surface area implemented into the reaction 
16 path/reactive transport models which is routinely based on gas adsorption measurements, the so-
17 called ABET (Brunauer et al., 1938), and presents maximum values. Even if based on geometric 
18 considerations (so-called Ageo), the specific surface area may well overestimate the available 
19 reactive surface area as pore connectedness and preferential flow have not been considered 
20 (Aradóttir et al., 2012; Sonnenthal et al., 2005; Steefel et al., 2015). This allows for more basalt 
21 to dissolve to (a) increase the pH to reach carbonate saturation and (b) provide the divalent 
22 cations required for carbonatisation. Second, the temperatures of the lab studies which found 
23 carbonate precipitation were between 50-100 °C, again considerably higher than the aquifer 
24 temperature range of 20-33 °C for Carbfix (Alfredsson et al., 2013) and 36 °C for Wallula 
25 (McGrail et al., 2017). Only the pressure range of field injections (4.5 and 7.7 MPa, respectively) 
26 and lab studies (around 10 MPa) were similar to rule out any minor pressure effect on carbonate 
27 solubility. Wolff-Boenisch et al. (2011) used PHREEQC (Parkhurst and Appelo, 1999) to model 
28 an acidity titration using composite basalt as sole base to neutralise the carbonic acid of a CO2-
29 ladden injection solution. The buffer capacity of such a (pore water) solution would increase one 
30 to two orders of magnitude to a pH of 5.6 meaning that per kg of solution 75g of basalt needs to 
31 dissolve to reach this pH, which is at the lower pH spectrum to expect (iron-containing) 
32 carbonate formation. Snæbjörnsdottir et al. (2017a) did reactive transport modelling to explain 
33 the carbonate yield at the Carbfix site and reported that 64 and 106 g of crystalline and basaltic 
34 glass, respectively had to dissolve per kg of injection fluid to explain the solution chemistry in the 
35 monitoring well. So despite some overly optimistic and/or simplistic approach, experiments and 
36 models do indeed converge to explain the field observations. However, Snæbjörnsdottir et al. 
37 (2017a) also found that beside 400 metric tonnes of carbonates, another 585 tonnes of secondary 
38 silicates (460 tonnes zeolites and 125 tonnes smectites) precipitated in the Carbfix field trial. 
39 Their presence was expected from experiments, modelling and field observations but their 
40 contribution to the reduction of the effective basalt storage volume is considerable. Given the 
41 lower density range of zeolite (2.0-2.4 g/cm3) and smectite group minerals (2.0-2.7 g/cm3) 
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1 compared to carbonates (2.7-4.0 g/cm3), at least 50% (closer to 80%) more matrix pore space was 
2 taken up by secondary silicates than by secondary carbonates at the Carbfix site. The Carbfix as 
3 well as Wallula field trials demonstrate that on a short interval injection carbonates form. The 
4 question remains what happens to the remaining pore volume after the first phase of carbon and 
5 silicate mineralisation; can it be further used for more, subsequent carbonate deposition or is it 
6 more likely to be filled with more secondary silicates? 

7 To answer this question a set of flow-through reactor experiments was designed to look closer at 
8 carbonate vs. silicate formation in water-basalt-CO2 systems relevant to post-CO2 injection 
9 conditions, when the pH is high (neutral to slightly alkaline) and the divalent cation load low. In 

10 contrast to previous studies, CO2 was not added as a separate phase (whether gaseous, liquid or 
11 supercritical) but in the form of ammonium bicarbonate (NH4HCO3). Rationale for this approach 
12 was (a) to mimic pore water conditions after post injection and during fluid migration through the 
13 basalt vesicles and pores, when much of the protons have been consumed and thus much of the 
14 CO2(aq) converted into carbonate alkalinity and (b) to avoid CO2 degassing after terminating the 
15 pressurised reactor experiments. Wolff-Boenisch et al. (2016) discussed the potential of 
16 carbonate precipitation (‘flash scaling’) that is impossible to control after degassing a pressurised 
17 batch experiment and that may have caused some of the carbonate precipitation described in the 
18 literature. The outcomes of this series of experiments, which also take the mineralogy and 
19 crystallinity of the basalt into account, are presented below.

20 2. Material&Method

21 2.1. Material

22 The basaltic glass and crystalline/compound basalt used in this study (referred to as ‘G’ and ‘X’ 
23 in figures and tables) were collected from the Stapafell Mountain in SW Iceland. The dissolution 
24 behaviour of the material under varying pH, T, organic ligand, saturation, and pCO2 conditions 
25 has been previously described (Galeczka et al., 2014; Gislason and Oelkers, 2003; Gudbrandsson 
26 et al., 2011; Oelkers and Gislason, 2001; Stockmann et al., 2011; Wolff-Boenisch et al., 2011). 
27 The elemental composition of the basaltic glass is nearly identical to that of the crystalline basalt 
28 (Table 1). In contrast to the glass, the crystalline/compound basalt is a heterogeneous multi-phase 
29 solid consisting of 41 vol% labradoritic plagioclase, 34 vol% augitic clinopyroxene, 15 vol% 
30 forsteritic olivine and minor iron oxides and interstitial glass (Gudbrandsson et al., 2011). The 
31 material was crushed in a jaw crusher and dry sieved to obtain the particle size fraction of 45-100 
32 (glass) and 45-125 (crystalline) µm which was subsequently washed by repeated gravitational 
33 settling to remove ultrafine particles. The resulting powder was dried at 50 °C for several days. 
34 The BET specific surface area of the cleaned powders was determined via 3-point krypton 
35 adsorption using a Quantachrome Gas Sorption system. Resulting BET surface areas equal 
36 22,000 cm2/g for the glass and 7030 cm2/g for the crystalline basalt.

37 2.2. Method
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1 The mixed-flow reactor system used for the experiments is illustrated in Figure 1. Two high 
2 pressure liquid chromatography (HPLC) pumps delivered the degassed inlet solution into two 
3 separate Parr™ titanium reactors. The fluid entered the bottom of the reactor via a dip tube. The 
4 300 ml reactors were loaded with 7 g of powdered basaltic glass and crystalline basalt, 
5 respectively and heated up to 90 °C. The fluid/solid suspension was stirred constantly by a 
6 magnetic stirrer at approximately 90 rpm. To the outlet tubing of each reactor, a cooling sleeve 
7 was attached to cool the fluid down and facilitate fluid sampling and pH measurements at the 
8 outlet. Back pressure regulators (BPR) connected to both reactors were set at a minimum of 6 
9 bars to keep the system pressurised. Samples were filtered twice; once when exiting the reactor 

10 through a 2 µm titanium filter and a second time at the outflow of the BPR, with a 0.2 µm acetate 
11 filter. Samples were acidified with 0.5 vol% concentrated suprapure HNO3. The reactors were 
12 operated for 40 hours before the first sample was collected. The flow rates for both reactors were 
13 similar and adjusted such that the residence time of the fluid in the reactor was 25 hours. This 
14 allowed for prolonged fluid-rock interaction in the reactor and gave the flow-through experiments 
15 a semi-batch like character.

16 Inlet solutions were comprised of ultrapure Millipore™ water and Merck/Sigma-Aldrich 
17 analytical grade NH4HCO3, NaCl, KCl, MgCl2, and CaCl2. The experiment consisted of three 
18 separate, non-sequential series, with the major changing parameter being the inlet solution 
19 chemistry. The experimental set-up, flow rates, total pressures and the solid material was kept the 
20 same.

21 2.3. Protocol

22 In the first series (G40/X40), an inlet solution of 40 mm (millimolal; mmol/kgw) ammonium 
23 bicarbonate was pumped through each reactor at a constant flow rate of 0.2 ml/min. Based on 
24 charge balance and initial inlet solution composition, the in-situ reactor pH at the temperature of 
25 90 °C and 6 bar was calculated with PHREEQC3 (Parkhurst and Appelo, 2013) to be ~7. This 
26 experiment mimics the situation where the pH of a carbonated injection fluid of low DIC 
27 (corresponding to 4 bar pCO2) has been neutralised through (a combination of) dilution with the 
28 groundwater, sustained basaltic rock dissolution, and mobilisation of carbonates initially present 
29 in the formation, and where divalent cations have been incorporated into carbonates and 
30 secondary silicate phases, e.g. Ca-Fe smectites such as saponite and/or nontronite (Gysi and 
31 Stefansson, 2012a). It represents a later phase of CO2 injection that has migrated further away 
32 from the injection well.

33 In the second series (G400/X400), a 400 mm ammonium bicarbonate solution was used as inlet 
34 solution thus increasing the DIC ten-fold to mimic an injection fluid of higher pCO2 (40 bar). 
35 Again, the system was kept deliberately at cation depletion (i.e. no divalent cations were added 
36 with the ammonium bicarbonate) to see in how far the basalt itself can source the divalent cations 
37 required to reach carbonate saturation.
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1 In the third series, a 440 mm ammonium bicarbonate solution was mixed with sulphate-free 
2 artificial seawater in a volume ratio of 2.5:1 (see Table 2 for flow rates) resulting in an 
3 ammonium bicarbonate concentration of 315 mm in the mixture. Further in the text this 
4 experiment will be referred to as 315 mm experiment. The seawater was prepared by NaCl, KCl, 
5 MgCl2, and CaCl2 salts according to ion concentrations found in Millero (2003). Sulphate was 
6 deliberately omitted from this ‘seawater’ experiment to avoid interference of anhydrite with the 
7 expected carbonate formation. This experiment was meant to mimic basaltic reservoir conditions 
8 under the ocean where the treated injection fluid migrates into saline pores of high ionic strength 
9 and rich in divalent cations but absence of sulphate. This third series focussed on the glass matrix 

10 alone (GSW). All experimental conditions have been tabulated in Table 2.

11 The Si, Na, Mg, Ca, Fe, and Al concentrations of all inlet and outlet fluids were measured by 
12 inductively coupled optical emission spectrometry (ICP-OES). Due to high salinity of the 
13 samples they were diluted up to six times. Analytical uncertainties of ICP-OES analyses were on 
14 the order of ≤5%. Solids before and after each experimental series were analysed using a LEO 
15 Supra 25 and a JEOL 6360 LV Scanning Electron Microscope. The solids were coated with 
16 carbon prior to the analysis that used an acceleration voltage of 15 kV. Energy Dispersive X-ray 
17 Spectroscopy (EDX) was used together with SEM to identify primary and secondary minerals. 
18 Selected samples were analysed by X-ray diffraction (XRD) to confirm the identity of secondary 
19 minerals.

20 2.4. Geochemical Modelling

21 Modelling of the mineral saturation indices was carried out with PHREEQC3 (Parkhurst and 
22 Appelo, 2013) together with the phreeqc.dat database. It was modified with the aqueous complex 
23 formation and mineral solubility constants reported by Gysi and Stefansson (2011). The 
24 thermodynamic properties of NH4-dawsonite were calculated based on Na-dawsonite, taken from 
25 the llnl database by replacing the Na for NH4 in the hydrolysis reaction. All saturation 
26 calculations have been compiled in a supplementary material file, separated by experiment and 
27 grouped as carbonate versus silicate phases for better viewing.

28 3. Results

29 3.1. The 40 millimolal ammonium-bicarbonate experiment at 90°C with the glass (G40) and 
30 crystalline/compound basalt (X40), respectively.

31 Figure 2 summarises the evolution of pH and DIC for this first set. Due to proton consumption 
32 and dissolution reactions the pH rose in both basalt systems from 7 to 7.5 whereas the DIC 
33 remained plus/minus constant around 40 mm. Similar pH in both systems were expected because 
34 the dissolution rates of glass and olivine are similar under those conditions. Furthermore, the inlet 
35 solution has substantial buffering capacity to avoid larger pH increases. The concomitant solution 
36 chemistry is summarised in Fig. 3. The first 240h of the basaltic glass experiment and first 170 h 
37 of the crystalline basalt experiment were unusual because normally, under flow-through 
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1 conditions, initial solute concentrations are very high while sharp grain features such as edges are 
2 rounded and ultrafine particles dissolve. Over time, solute concentrations decrease and finally 
3 reach steady-state. Here, however, the first pulse raised the silica (and Ca/Mg) concentrations 
4 before they started their expected monotonical descent. Reason for this deviation may be found in 
5 the sampling interval which was 24 h, a little less than one mechanical mixing in the reactor (25 
6 h, see table 2). Routinely, three residence times are observed to ensure thorough mechanical 
7 mixing before samples are taken (Oelkers and Gislason, 2001). Because the initial solution in 
8 which the particles were submersed was DI water saturated with atmospheric CO2, the slow 
9 thorough initial mixing and displacement of DI water from the reactor may explain the unusual 

10 solute pulse of the first part of the experiment. The protocol of sampling after only one 
11 mechanical mixing interval seemed more practical and the shorter sampling time did not affect 
12 the outcome of this study which was not about finding representative steady-state dissolution 
13 rates or rate expressions, for which longer sampling intervals should be observed. After reaching 
14 a maximum, the silica concentration kept decreasing over time in both basalt systems, very 
15 slowly for the glass and more markedly for the crystalline basalt. This monotonical decent 
16 indicates the formation of secondary silicate phases increasing thus the available surface area 
17 over time onto which to grow. The major divalent cations Ca and Mg reached a comparable 
18 pseudo steady-state for the glass only towards the end of the experiment, while more Ca than Mg 
19 was released from the crystalline material. Na concentrations were low and constant and Al and 
20 Fe had largely been removed due to secondary mineral formations in both matrices. Because the 
21 silica concentration kept declining, stoichiometric considerations were based on Na, an element 
22 considered more conservative in comparison to other major elements of a rock matrix. Figure 4 
23 displays that glass dissolution was close to stoichiometric only for Ca. This indicates that no Ca-
24 bearing carbonates formed from the glass despite the system being supersaturated with calcite 
25 and dolomite for the first 250 h (see supplementary material). The mineral saturation calculations 
26 suggest that magnesite may have formed as the solution remains at magnesite saturation for 
27 nearly the entire experimental duration. However, no bubbles were observed when treating the 
28 reacted glass material with diluted hydrochloric acid. Because the iron concentrations in the 
29 outlet were so low, saturation indices of multiple iron-bearing carbonate phases were negative 
30 throughout the experimental duration (see supplementary material).

31 Evidently, no stoichiometry was observed for the compound basalt but the prevalence of aqueous 
32 Ca and plus/minus steady Ca/Na solute ratio (Fig. 4) again indicate the absence of Ca-bearing 
33 carbonates. To find out more about the secondary phases that precipitated in both systems, SEM 
34 coupled with EDX were carried out on the reacted material and compared to saturation index 
35 calculations.

36 The basaltic glass experiment G40 showed pervasive iron precipitates, easily observable on the 
37 reactor wall but also via SEM on the glass surface. This alteration product assumed either the 
38 shape of granular spheres (Fig. 5a) or was incorporated into of a thin veneer of a secondary 
39 silicate mineral (Fig. 5b-d). Trying to identify the major silica sink proved elusive. Figure 5b and 
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1 5c illustrate the representative alteration assemblage of the glass, with the pristine glass surface 
2 cropping up through an iron-rich silicate veneer. Matching EDX of that overgrowth with mineral 
3 formulae could equally well describe an Mg(-Fe) smectite or a Mg zeolite (e.g. chabazite) with 
4 the iron signal stemming from the underlying glass matrix. Saturation index calculations for these 
5 two mineral groups were all over the graph (see supplementary material) which is not too 
6 surprising given the wide range of possible solid solutions. Enlisting the help of XRD on the 
7 reacted glass did not clear this ambiguity as there was little crystalline material; however, the few 
8 peaks that went above the detection limit (2%) were more in line with a clay mineral of the 
9 smectite group than a zeolite. No other secondary phase was detected to pin down the 

10 quantitative removal of Al; saturation index calculations point to kaolinite and/or gibbsite as 
11 possible additional secondary Al phases as the solution was supersaturated with respect to both 
12 minerals in the beginning. Likewise, no carbonates were observed in the SEM-EDX, consistent 
13 with the diluted hydrochloric acid test.

14 The secondary mineralogy of X40 showed similarities and discrepancies to G40. Similarities 
15 included the absence of secondary carbonates, also confirmed by the lack of gas bubbles when 
16 treated with dilute hydrochloric acid, and the presence of a thin iron rich silicate layer covering 
17 the mineral surface. However, there was less iron in the mineral coatings and none on the reactor 
18 walls. This observation is consistent with the notion that the iron in the crystalline basalt is 
19 concentrated in a few mineral phases, mainly augite (34 vol%), iron oxide (5 vol%), and 
20 interstitial glass (4 vol%) and therefore not as homogeneously distributed and readily available as 
21 in the glass (note, the olivine is a forsterite and contains comparatively little iron). Major 
22 difference to the G40 experiment was the type and amount of silicate that precipitated. Figures 
23 6a-c display the secondary silicate clusters that was commonly found on the reacted mineral 
24 surface and which was not observed in G40. At a closer look, these clusters grew on top of a mat 
25 that covered the original mineral surface (Fig. 6d). This epitaxial growth was very thin such that 
26 its EDX basically gave the composition of the underlying labradorite but it contained some iron. 
27 It appears to be of similar nature as the iron-rich silicate veneer described for G40 but the latter 
28 had a lot higher iron content. The clusters themselves contained similar atomic % of Al and Si on 
29 one hand and Na and Ca on the other and were best described as a zeolite-type mineral (Ca-
30 Thomsonite), in accordance with field observations on the metasomatic alteration of compound 
31 basalts (Rogers et al., 2006). So the low ionic strength and DIC experimental set yielded 
32 secondary mineral assemblages that varied from the glassy to the crystalline basalt but are similar 
33 to literature observations under hydrothermal CO2-rich weathering conditions.

34 3.2. The 400 millimolal ammonium-bicarbonate experiment at 90°C with the glass (G400) and 
35 crystalline/compound basalt (X400), respectively.

36 Keeping the inlet solution chemistry constant in this set proved more challenging than for the 40 
37 mm set. Because of some degradation of the thermally labile NH4HCO3, the DIC of the inlet 
38 solution fluctuated somewhat whereas the outlet pH ranged between 8.3 and 8.5 (Fig. 7). Like in 
39 the previous glass dissolution experiment (G40), Ca and Mg dissolved at the same pace in the 
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1 G400 experiment; only towards the end of the experiment did the Ca concentration decline more 
2 strongly than for Mg (Fig. 8). The Na concentrations stayed low and constant and Fe and Al were 
3 incorporated into secondary precipitates, again similar to the G40 experiment. In contrast, in the 
4 compound basalt experiment (X400) Mg replaced Ca as the major solute cation compared to the 
5 X40 experiment. As for the other cations in the X400 experiment, Al and Fe concentrations were 
6 very low and consistent with incorporation into secondary phases, like in X40, but Na did not 
7 behave conservatively anymore. Its concentration declined steadily to near zero over the 
8 experimental duration, indicating formation of Na-bearing phases.  Because the Na 
9 concentrations in G40 and G400 were similar and constant (0.02 mm), a stoichiometry plot of 

10 G400 based on Na was generated (Fig. 9). It indicates alternating conditions of minor secondary 
11 silicate deposition and stoichiometric Si and Mg release. In contrast, aqueous Ca/Na ratios were 
12 consistently lower indicating Ca loss from solution. Saturation index calculations suggest a 
13 potential sink to be calcite (see supplementary material) as the solution sat on saturation with 
14 respect to that carbonate phase throughout the entire experimental duration. Again, SEM-EDX 
15 was implemented to reveal potential precipitates that formed in this high ionic strength set.

16 The major secondary phase in G400 formed needles that either scattered randomly over entire 
17 glass fragments (Fig 10a) or came together in neat clusters (Fig. 10b). Application of diluted 
18 hydrochloric acid to the reacted glass suggested the presence of carbonates and EDX revealed the 
19 carbonate mineral to be a dawsonite-type carbonate, but with ammonium instead of Na, i.e. 
20 NH4AlCO3(OH)2 (Lodziana et al., 2011). The solution was considerably supersaturated with 
21 dawsonite (see supplementary material) so that this finding may seem unsurprising but so was the 
22 G40 solution and no dawsonite had formed in that experiment. Iron was removed via iron pellets 
23 (Fig. 10c), whereas the intermittent sink for silica could not be determined. The surface coatings 
24 that were observed (Fig. 10d) were too thin to yield an EDX spectrum sufficiently separate from 
25 the underling glass but it is plausible to assume similar Fe-Mg smectites as inferred from the G40 
26 experiment. So whereas there are observations and circumstantial evidence to suggest that Mg, 
27 Si, Fe and Al ended up in similar phases as in G40, the main difference to G40 is the appearance 
28 of NH4-dawsonite. Note that of the eight EDX spectra that were taken from different needle 
29 assortments not a single one showed Na in the spectrum, thus corroborating its conservative 
30 status, as in G40. The fact that similar secondary phases were observed in G40 and G400, 
31 respectively (apart from the carbonate) is not surprising because only the nitrogen and carbon 
32 content had changed from G40 to G400 (and with it the ionic strength), whereas P and T had 
33 been kept constant and the pH gone up only marginally. Therefore, mineral saturation 
34 calculations of potential secondary silicate/oxide phases were similar in both glass experiments 
35 (see supplementary material).

36 Similarly, in the crystalline basalt experiment X400, NH4-dawsonite also formed but to a lesser 
37 extent than in G400, as seen in less abundant needles in SEM (Figs. 11a-c) and the fact that the 
38 reacted compound basalt hardly responded to HCl treatment. As such, saturation indices (see 
39 supplementary material) that displayed the same degree of dawsonite supersaturation for both 
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1 inlet solutions, G400 and X400, are a poor measure of the likelihood of finding the phase 
2 precipitating out of solution.

3 Furthermore, iron precipitations did not form bright pellets like in G400 but were tied together 
4 like rosettes (Fig. 11b). A silicate phase, whose composition could not be ascribed 
5 unambiguously to a specific mineral group but whose appearance is similar to the needle clusters 
6 in Figures 6a-c, was found scattered over many of the different mineral surfaces (Figs. 11c-d). 
7 These observations suggest that similar phases formed for X40 and X400 (for similar reasons 
8 cited before for G40 vs. G400), with the major difference being dawsonite’s appearance in X400.

9 3.3. The 315 millimolal ammonium bicarbonate - seawater experiment at 90°C with the glass 
10 (GSW).

11 This experiment was terminated prematurely after 111 hours because widespread white 
12 precipitation clogged the inlet of the reactor such that no fluid could flow in anymore. During that 
13 time only three samples had been taken suggesting considerable consumption of DIC within the 
14 reactor. The initial DIC after mixing with seawater was 315 mm whereas the DIC that was 
15 determined at the outlet (after the backpressure regulator) decreased, first to 87 and then to 33 
16 mm at the termination of the experiment (Fig. 12). The solution chemistry also corroborated the 
17 formation of carbonates. In accord with saturation calculations derived from the inlet mix, the 
18 fluid had been supersaturated with an array of different carbonates and maintained 
19 supersaturation for the limited duration of the experiment (see supplementary material). 
20 Likewise, the divalent cation concentrations dropped significantly in the outlet (Fig. 13), a further 
21 sign of massive carbonate deposition. Unsurprisingly, inside the reactor, white precipitate 
22 appeared everywhere, from the reactor wall to the inner parts (propeller, inflow tubing). A first 
23 cursory check with HCl was positive so the precipitate was collected, dissolved in acid, diluted 
24 and analysed with ICP-OES. It turned out to be CaCO3 with 9 mol% Mg. Apart from calcite, 
25 which was subsequently identified by its rhombohedral appearance via SEM (Fig. 14a-c), SEM-
26 EDX also detected the presence of an amorphous looking Ca-carbonate (Fig. 14d) and a 
27 rhombohedral Mg-carbonate (Fig. 14e). The latter also showed rhombohedral appearance, like 
28 calcite, and is thus believed to be magnesite which has the same trigonal crystallographic 
29 structure as calcite. Furthermore, a secondary silicate, resembling strongly flaky chlorite, was 
30 observed; its EDX could be matched with chamosite.

31 4. Discussion

32 4.1. The 40 millimolal ammonium-bicarbonate experiment at 90°C with the glass (G40) and 
33 crystalline/compound basalt (X40), respectively.

34 In the absence of added divalent cations to the working solution, the G/X-40 mixed-flow reactor 
35 experiments did not yield any noticeable secondary carbonates during the 25 h of 
36 reaction/residence time. This was despite the solutions being supersaturated with respect to NH4-
37 dawsonite, magnesite, dolomite, and calcite for the first 250 h, that is, ten residence times, of the 
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1 experiment. Dawsonite remained supersaturated with respect to the outlet solutions throughout 
2 the experiment, but supersaturation declined with experimental time. Magnesite remained at 
3 saturation after 250 h until the end of the experiment (see supplementary material). Hence, it 
4 cannot be entirely ruled out that a small amount of NH4- and Mg-carbonates precipitated, but it 
5 must have been precious little to evade HCl testing and SEM scrutiny. However, neither the DIC 
6 (Fig. 2) nor the Ca concentration (Fig. 4) are consistent with (Ca) carbonate formation. Instead, 
7 the secondary phases that formed in the G40 experiment were abundant iron oxides and very 
8 likely smectite type minerals. The presence of smectites rather than carbonates matches the 
9 findings of Hellevang et al. (2017) who also dissolved basaltic glass under similar pH-T 

10 conditions (pH 7.9, 80°C) but in batch mode. The authors reported the formation of smectites 
11 (nontronite) covering the entire surface of the basaltic glass (very much like in Figs. 5c,d) and the 
12 absence of carbonate crystals in the SEM. What makes this reference particularly applicable here 
13 is the fact that their inlet solution (at 80°C) was also void of any divalent cations which were only 
14 provided by the basaltic glass itself. Although their batch solution had become supersaturated 
15 with respect to secondary carbonates over the experimental duration of 26 days (SI of 1.9, 0.8, 
16 and 1.0 for dolomite, magnesite, and calcite, respectively) these phases did not form. As such, the 
17 relatively short residence time of 25 h in our flow-through experiments, despite being similarly 
18 supersaturated with carbonates, cannot be the reason to explain the absence of carbonates in our 
19 study. Hellevang et al. (2017) suggested inhibition of carbonate nucleation on smectite coated 
20 basalt grains and/or overestimated carbonate growth kinetics as most likely cause for the absence 
21 of carbonates. Gysi and Stefansson (2012b) also studied the hydrothermal alteration of basaltic 
22 glass under CO2–rich conditions (at 75°C) and also reported thin silicate coatings on their altered 
23 basaltic glass surface, like the one in Fig. 5d, which they ascribed to Mg-Fe smectites. This 
24 reference also found secondary carbonates; however, their experimental set-up started with 
25 basalt-CO2 interactions under acidic conditions in batch mode that lasted for 124 days which 
26 gave the system time to dissolve enough basalt and accumulate sufficiently large amounts of 
27 divalent cations in solution to precipitate Mg,Fe-carbonates.

28 As for other secondary non-silicate/carbonate phases, EDX cannot distinguish between any iron 
29 phase like iron hydroxide, goethite, ferrihydrite, or hematite. Gysi and Stefansson (2012b) found 
30 amorphous goethite in their basaltic glass alteration experiments at 75°C which corresponds well 
31 with saturation calculations for the G40 experiments where the fluid was slightly supersaturated 
32 with amorphous goethite over the entire experimental duration (see supplementary material). 

33 Precipitations in the X40 experiment differed from G40 in that it yielded (a) visibly considerably 
34 less iron oxide phases and (b) more secondary silicates (also from a zeolite type) as indicated by 
35 the stronger degree of Si/Na non-stoichiometry (Fig. 4). This deviation in the secondary 
36 mineralogy is not surprising because the basaltic glass is a one-phase system that dissolves 
37 congruently whereas the crystalline basalt is a compound matrix of different mineral phases, all 
38 with their specific temperature and solution dependent dissolution rates (Gudbrandsson et al., 
39 2011).
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1 The X40 experiments compared favourably with the findings from Gudbrandsson et al. (2011) as 
2 the reference reported somewhat lower silica-based dissolution rates for the compound basalt at 
3 75 °C and pH 7 compared to the glass. This trend was corroborated in this study in the silica 
4 concentration (open squares in Fig. 3) that reached a higher maximum derived from the glass 
5 compared to the crystalline basalt. Likewise, the Ca solute concentration in the compound basalt 
6 experiment was higher than the Mg solute concentration, again in accord with Gudbrandsson et 
7 al. (2011) who established preferential Ca release (over Mg and Fe) under neutral to alkaline pH 
8 conditions.

9 4.2. The 400 millimolal ammonium-bicarbonate experiment at 90°C with the glass (G400) and 
10 crystalline/compound basalt (X400), respectively.

11 In the G400/X400 set, carbonates did form in abundance but not the ones that would be expected 
12 from the literature (Gysi and Stefansson, 2012a, b; Hellevang et al., 2017; Pham et al., 2012; 
13 Rosenbauer et al., 2012); instead ammonium bearing dawsonite (NH4AlCO3(OH)2) precipitated. 
14 The dawsonite is the product of high experimental ammonium concentrations and not expected to 
15 form under CO2 injections in the field. Ammonium will certainly not be present in such quantities 
16 in a basaltic reservoir to force its incorporation into a carbonate phase but NaCl-rich brine 
17 intrusions into or advections through continental basalt (Fouillac et al., 1989) may provide 
18 sufficiently large Na concentrations to replace the ammonium and still form a Na bearing 
19 dawsonite, in the presence of sufficient amounts of bicarbonate and deficiency in divalent 
20 cations. This is the first time that dawsonite formation is reported under experimental conditions 
21 in a basaltic matrix which warrants a discussion on its likely occurrence in the field, especially 
22 because it has been considered a potential phase to mineralise CO2 in saline aquifers rich in 
23 aluminosilicates (e.g. feldspars and muscovite) that are lacking divalent cations (Bénézeth et al., 
24 2007; Hellevang et al., 2011; Kaszuba et al., 2011; Labus and Bujok, 2011; Worden, 2006). 
25 Especially strong indications for dawsonite formation under CO2 injection conditions come from 
26 modelling studies (Knauss et al., 2005; Mohd Amin et al., 2014; Pham et al., 2011; Xu et al., 
27 2004; Xu et al., 2007; Xu et al., 2010; Zerai et al., 2006) whereas corresponding lab experiments 
28 (Hangx and Spiers, 2009; Kaszuba et al., 2005) do not report dawsonite formation. This 
29 discrepancy can be explained by inaccurate/insufficient thermodynamic data on dawsonite 
30 (Kaszuba et al., 2011) but field studies also corroborate the dawsonite conundrum by either 
31 observing no or only minor dawsonite formation on one hand (Tambach et al., 2015; Wilkinson 
32 et al., 2009) or abundant dawsonite formation on the other hand (Baker et al., 1995; Gao et al., 
33 2009; Golab et al., 2006; Worden, 2006). An explanation to this controversy was provided by 
34 Hellevang et al. (2011) who investigated the thermodynamic stability of dawsonite. According to 
35 the authors, dawsonite may well form in a saline aquifer in the presence of abundant solute Na 
36 and Al and high(er) initial pCO2 conditions (i.e. under CO2 injection conditions). In addition, 
37 studies performed by Hellevang et al. (2014) reveal that dawsonite forms only at temperatures 
38 from 80 °C to 120 °C. With decreasing CO2 pressure over time, dawsonite will become unstable 
39 and dissolve, leading mainly to the precipitation of secondary kaolinite. The authors concluded 
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1 that dawsonite can only mineralise CO2 in systems of continuously high CO2 pressures, an 
2 inference that explains well why dawsonite was absent in our G/X40 experiments even though 
3 the solution was supersaturated with respect to dawsonite over the entire experimental duration. 
4 This assessment is in agreement with field observations from Moore et al. (2005) who described 
5 the co-existence of secondary dawsonite and kaolinite in a gas reservoir high in natural CO2. The 
6 authors concluded that dawsonite precipitation occurred under high pCO2 and that kaolinite 
7 deposition was subsequent, under declining pCO2 conditions. Based on these field as well as 
8 thermodynamic findings, it stands to reason that even under very auspicious conditions, that is, 
9 high CO2 pressure injection into a brine-like, NaCl-rich basaltic aquifer, any potential dawsonite 

10 deposition, as insinuated by our G400/X400 experiments, would over time lead to the 
11 remobilisation of the dawsonite. It is speculative to think what would happen to the remobilised 
12 CO2, also because of the changes to the porosity/permeability of the basaltic matrix but because 
13 basalt is intrinsically rich in divalent cations, there is a likelihood that the CO2 may not disperse 
14 or even diffuse out of the system but remain in the pores and become scavenged in other more 
15 stable secondary carbonates over time. This question will be taken up again in the discussion on 
16 the basaltic glass – seawater experiment (GSW) where not only high Na solute concentrations 
17 were present but also moderate amounts of Mg and Ca that competed with Na for incorporation 
18 into carbonates.

19 The crystalline basalt exhibited a high and sustained Mg solute concentration (Fig. 8) which is 
20 puzzling. The rationale for expecting more aqueous Ca than Mg is the fact that the primary Ca-
21 bearing mineral, labradoritic plagioclase, displays higher dissolution rates at higher pH than 
22 olivine and augite. Gudbrandsson et al. (2011) demonstrated how the ratio of element release 
23 rates, rCa/(rCa+rMg+rFe), increased with increasing pH for the compound basalt. Because the silica 
24 solute concentration followed the same pattern as that of Mg in Fig. 8, the Mg solute prevalence 
25 is very likely related to forsterite dissolution, rather than quartz and magnesite (re)mobilisation. 
26 Forsterite saturation calculations indicate that this phase was highly undersaturated whereas 
27 anorthite was supersaturated during the entire experiment. It follows that forsterite still dissolved 
28 according to its far-from-equilibrium rate whereas plagioclase dissolution, under far-from-
29 equilibrium conditions similar to that of forsterite at neutral pH, may have shown a saturation 
30 effect that slowed down the release of Ca. Such an explanation invoking a thermodynamic effect 
31 is also consistent with the observation that Mg was not the predominant cation from the 
32 experimental onset. In the beginning, Mg and Ca release rates were similar. The unexpected 
33 solute predominance of Mg cannot be explained by the 10-fold increase in the ionic strength of 
34 the NH4HCO3 inlet solution that distinguished X400 from X40. Pokrovsky and Schott (2000) 
35 studied the effect of ionic strength and pH on the dissolution of forsterite, which is the prime Mg 
36 carrier in the crystalline basalt along with augite. The authors did not find any effect of ionic 
37 strength on forsterite dissolution rates over the entire pH range. However, aqueous carbonate ions 
38 did inhibit forsterite dissolution under alkaline conditions. Given that X400 had roughly one 
39 order of magnitude higher carbonate activity than X40, it means that the Mg release from 
40 forsterite in X400 should have been around half an order of magnitude lower than in X40, 
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1 making the observed Mg solute predominance in X400 incompatible with the argument of a 
2 positive ion effect. It is important to keep in mind that the powdered crystalline basalt consists of 
3 different fragments of different phases. It means that any interpretation of the Mg solute signal 
4 deduced from the pure mineral phase forsterite may be either reinforced or weakened because the 
5 reactive surface area of the phase forsterite that is in contact with the fluid is unknown. As such, 
6 its contribution to the fluid chemistry is open to speculations.

7 4.3. The 315 millimolal ammonium bicarbonate - seawater experiment at 90°C with the glass 
8 (GSW).

9 Once divalent cations were added to the inlet solution in the form of artificial seawater deprived 
10 of sulphate, precipitation of Ca and to a lesser extent Mg carbonates was massive and 
11 widespread. This observation agrees well with thermodynamic modelling (Gysi and Stefansson, 
12 2011, 2012a, b; Pham et al., 2012; Rosenbauer et al., 2012) as well as the field studies (Matter et 
13 al., 2016; McGrail et al., 2017; Snæbjörnsdottir et al., 2017a; Snæbjörnsdottir et al., 2017b) that 
14 demonstrated the formation of carbonates. After all, matrix dissolution starts right after CO2 
15 injection when the solution is still acidic and provides ample time not only to accumulate the 
16 crucial divalent cations in the pore space but also to raise the pH to carbonate supersaturation. 
17 Note, however, that no NH4-dawsonite was detected by EDX, despite it being supersaturated at 
18 least three orders of magnitude more strongly than other carbonates such as dolomite, magnesite 
19 or calcite during the entire experiment (see supplementary material). Note also that the NH4-
20 dawsonite supersaturation in the GSW experiment was also a 1000-fold larger than in G400 that 
21 showed the largest degree of dawsonite formation. Assuming similar thermodynamic properties 
22 for NH4-dawsonite and Na-dawsonite (Lodziana et al., 2011), it follows by extension that Na-
23 dawsonite formation after CO2 injection into a basaltic aquifer brine rich in NaCl is unlikely as 
24 long as there are also abundant divalent cations present to favour Ca/Mg carbonate deposition. 
25 Because this pre-requisite is usually met (Baker et al., 1991; You et al., 2003), there is no need to 
26 discuss the potential for remobilisation of this phase after pCO2 decline over time as its 
27 appearance in the first place in a basaltic matrix is not favourable. The observation of dawsonite 
28 formation in G400 is still educating; all the more because it was absent in GSW, despite the latter 
29 displaying dawsonite SI three orders of magnitude higher. This may be related to the cation to 
30 carbonate ratio in solution. The importance of the solution stoichiometry, i.e. achievement of a 
31 ratio close to one between metal cation and carbonate anion for mono-mineralic carbonate growth 
32 has been investigated in multiple studies (Chhim et al., 2017; Hong and Teng, 2014; Larsen et al., 
33 2010; Nehrke et al., 2007; Perdikouri et al., 2009; Zuddas and Mucci, 1994). Hellevang et al. 
34 (2017) proposed that (strong) deviation from stoichiometry might have been behind the absence 
35 of carbonates in some of their supersaturated experiments that only yielded smectites. To follow 
36 up on this possibility, the stoichiometric ratios of Ca/CO3, Mg/CO3, and NH4/CO3 of the short 
37 GSW experiment were determined. They are 0.68, 0.13, and 0.07, respectively for the two data 
38 points at 39 and 87 h, where the carbonate activity was constant (Fig, 12). As such, there were 
39 indeed more favourable Ca and Mg to carbonate ratios in solution which could explain why Ca 
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1 and Mg carbonates were observed in the SEM whereas dawsonite was absent. Likewise, the 
2 stoichiometric ratios of Ca/CO3, Mg/CO3, and NH4/CO3 were 2.2·10-2, 8.2·10-5, and 9.4 in the 
3 G400 experiment. The closer stoichiometry for NH4 is again consistent with the observation of 
4 finding dawsonite rather than Ca/Mg carbonates. It means that, apart from the saturation state, the 
5 solution stoichiometry may indeed have played at least an auxiliary role in the formation of these 
6 and no other carbonates.

7 The pervasive carbonate formation in GSW is significant for field CO2 injections into basaltic 
8 matrix because it happened so fast; after all the residence time in this flow-through experiment 
9 was only 12 h (see table 2). Induction times for nucleation of carbonates are inversely 

10 proportional not only to the degree of supersaturation (Olsson, 1995; Söhnel and Mullin, 1988) 
11 but also to the concentration of solid particles (Chien et al., 2007). The latter reference found a 
12 strong influence of the presence of solid particles on the induction time of CaCO3 at low 
13 supersaturation. Based on these findings, it is inferred that the presence of vast amounts of basalt 
14 particles together with a substantial degree of carbonate supersaturation (SI of 2.8 and 1.8 for 
15 magnesite and calcite, see supplementary material) caused sufficiently fast carbonate nucleation 
16 followed by extensive heterogeneous growth. Within only three residence times, ca. 230 mm of 
17 DIC were immobilised (Fig. 12), followed by an even larger second drop in DIC from 87 to 111 
18 h. If this precipitous decrease in DIC went back to the formation of pure carbonate phases, then 
19 the overall drop would correspond to the formation of 2.4 cm3 of magnesite or 3.1 cm3 of calcite 
20 in the 300 ml reactor (molar volumes of 28 and 37 cm3/mol assumed). What is more impressive, 
21 it means 90% aqueous to solid CO2 conversion in less than five days, a comparably successful 
22 conversion rate like the Carbfix field trial that demonstrated 95% CO2 mineralisation -however in 
23 400 days (Matter et al., 2016). Because the secondary carbonates formed mainly inside and 
24 around the inlet tube of the reactor (where both fluids mixed), the calculated amounts were able 
25 to clog the inlet to terminate the experiment prematurely.

26 The use of seawater for carbonation purposes prior to its injection into the basaltic formation has 
27 been discussed previously (Snæbjörnsdottir et al., 2014; Wolff-Boenisch, 2011; Wolff-Boenisch 
28 et al., 2011). The advantages of using seawater rather than groundwater for carbonation purposes 
29 is that the former is available in quasi-limitless quantities and contains considerable 
30 concentrations of divalent Ca and Mg. Furthermore, seawater sulphate also increases basaltic 
31 glass dissolution in acid medium by a factor around two-three (Flaathen et al., 2010). In this 
32 study, sulphate was deliberately omitted because of its potential to form anhydrite and clog the 
33 pores in nature. In natural seawater at 90°C, the SI of anhydrite is -0.4 so anhydrite would not 
34 have interfered with carbonate deposition in the GSW experiment because seawater was diluted 
35 2.5 times with the ammonium bicarbonate solution. Yet, in a hypothetical scenario of a seawater 
36 carbonated field injection (e.g. into the oceanic crust) anhydrite may, at least at higher 
37 temperatures and because of its retrograde solubility, precipitate and consequently scavenge Ca 
38 from solution and clog vital pore space. To emphasise the importance of this highly undesirable 
39 consequence of using untreated seawater for carbonation, selective removal of sulphate is 
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1 routinely carried out in oil production processes where seawater is injected into oilfields to 
2 maintain pressure (Bader, 2007). The incompatibility of oil field formation waters and untreated 
3 seawater causes sulphate scaling problems (Bader, 2006) that are prevented by extracting the 
4 sulphate from the seawater. In the case of CO2 storage into oceanic basalt beneath the ocean 
5 floor, ‘scaling’ would take place in the basalt pores and reduce injectivity and/or storage capacity. 
6 It is unlikely that future field mineralisation efforts are willing to run this risk, all the more as 
7 they cannot avoid the formation of smectites and zeolites, so it is anticipated that seawater, if it 
8 were used for dissolution of CO2 prior to injection, would be stripped of sulphate. And although 
9 this study covers exclusively the interaction of dissolved aqueous carbon dioxide with the basalt, 

10 any injection of dry or undersaturated supercritical CO2 into a saline sub-oceanic basalt aquifer 
11 would entail dry-out processes (Ott et al., 2015), again raising the possibilities for anhydrite 
12 formation. Last but not least, sulphate inhibits carbonate formation at higher pH (Flaathen et al., 
13 2011; Mucci et al., 1989) so its presence is detrimental to carbon mineralisation efforts at any 
14 rate.

15 Apart from carbonates, the GSW experiment also yielded secondary silicates, despite the short 
16 residence time and the apparent scavenging of divalent cations into carbonates. The tentatively 
17 postulated surface coating of chlorite (Fig. 14f) at 90°C is at odds with the work of Gysi and 
18 Stefansson (2012b). Whereas these authors did report the occurrence of chlorite in their study on 
19 the hydrothermal alteration of basalt under CO2-rich conditions, they found it at higher T (250 
20 °C) and did not expect it to form below 150 °C. On the other hand, de Caritat et al. (1993) used 
21 the reaction of kaolinite+dolomite  chlorite+calcite+CO2 to establish the stability of a chlorite-↔
22 carbonate assemblage (the very one ascertained to be present in our GSW experiment) under 
23 high(er) pCO2 conditions and as a function of temperature and found that chlorite-calcite 
24 assemblages are already stable at much lower T, clearly below 100°C, depending on the salinity 
25 and pCO2. Applying different geothermometers to a weathered basalt containing chlorite the 
26 authors recalculated chlorite formation temperatures between 36 and 107 °C, depending on the 
27 applied model.

28 4.4. Matrix effects on carbon mineralisation

29 In accord with Gudbrandsson et al. (2011), our reactor experiments showed that dissolution of 
30 crystalline and glassy basalt yielded different solution chemistries (Figs. 3,8) and secondary 
31 mineralogies (Figs. 5,6), respectively. New dissolution rate equations for glassy as well as 
32 crystalline basalt have been developed recently and implemented in reactive transport modelling 
33 to account for this fact (Pollyea and Rimstidt, 2017). Likewise, Snæbjörnsdottir et al. (2017a) 
34 modelled the solution chemistry and secondary mineralogy of the Carbfix injection and 
35 established that the first break-through of the carbonated plume arriving at the monitoring well 
36 (via fracture flow) bore the signs of crystalline basalt mobilisation whereas the second larger 
37 break-through (via matrix flow) was dominated by basaltic glass dissolution. Notwithstanding 
38 these advances in the differentiation of the effects of glassy versus crystalline basalt mobilisation, 
39 it still remains problematic to gauge the amount of reactive surfaces from these basalt matrices 
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1 that actively contribute to the solution chemistry. The reactive surface area is routinely based on 
2 the volume percentage of the individual mineral and glass components in the formation (based on 
3 cores or thin sections) but that leaves any larger scale heterogeneities (entire basaltic glass layers 
4 or lenses wedged into crystalline formations) or small scale changes (interstitial glass variations) 
5 aside. Likewise, within the realm of crystalline basalts, anticipating the most likely secondary 
6 carbonate phases of water-CO2-rock reactions still proves elusive. Schaef et al. (2010) reported 
7 significant differences in rates of mineralisation as well as compositions and morphologies of 
8 carbonate precipitates that resulted from dissolution of various basalt types under CO2 injection 
9 conditions, although the crystalline basalt specimens (from different geographical provinces) had 

10 comparable bulk chemical composition, mineralogy, and dissolution kinetics. Similarly, Kumar 
11 et al. (2017) found that dissolution of the crystalline Mandla basalt from the Deccan Trapps under 
12 CO2 storage conditions produced very high calcite yields compared to the Columbia River and 
13 Icelandic basalt, despite these basalts exhibiting similar chemical compositions.

14 It is evident from these findings that lack of crucial information on carbonate and silicate 
15 precipitation kinetics and growth rates is still marring our capacity to correctly anticipate what 
16 minerals will form in what quantities under what formation and storage conditions. And our study 
17 is another example of this deficiency of information. A carbonate like NH4-dawsonite hardly 
18 precipitated in X400 although the solution was patently supersaturated with respect to this 
19 mineral (initial SI of 4.5, see supplementary material) whereas the basaltic glass of similar 
20 composition yielded much higher NH4-dawsonite depositions in G400. The solution 
21 stoichiometry with respect to the metal cations and carbonate anion was similar in X400 and 
22 G400 to rule out a stoichiometry effect, as was the degree of supersaturation (see supplementary 
23 material). Stockmann et al. (2014) looked at the effect of different mineral surfaces to catalyse 
24 calcite growth and found extensive calcite coatings on olivine, enstatite and peridotite surfaces 
25 whereas less calcite formed on labradorite and augite, respectively. The least amenable surface 
26 for calcite growth was basaltic glass. These findings suggest that epitaxial growth of calcite 
27 should be easier on the compound basalt and its crystalline constituents, notably forsterite but 
28 also labradorite and augite, whereas the glass should show the least carbonate growth. 
29 Admittedly, NH4-dawsonite has a different crystal structure (orthorhombic) to calcite (trigonal) 
30 so the mineral sequence in which its epitaxial growth is favoured may differ from the one 
31 Stockmann et al. (2014) reported for calcite. Still, the glass should be the least growth-promoting 
32 carbonate template given its amorphous structure. As such, the glass in experiment G400 should 
33 actually have exhibited less dawsonite precipitation than its composite counterpart in X400, all 
34 else (i.e. pH, T, P, SI, residence time) being the same. On the other hand, more iron oxide formed 
35 in G400 which may have acted as crystalline surface sites for heterogeneous nucleation and 
36 growth of carbonates to explain this apparent contradiction. 

37 5. Conclusions

38 Our post-CO2 injection experiments with glassy (G) and crystalline (X) basalt under neutral to 
39 slightly alkaline pH conditions and divalent cation scarcity illustrate that the mono- and divalent 
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1 cations obtained from matrix dissolution are scooped up by secondary silicates (G40, X40, G400, 
2 X400) and ‘non-traditional’ dawsonite-type carbonate (G400, X400) rather than the more 
3 common carbonates calcite, magnesite, siderite, or ankerite. Supplying, however, extra amounts 
4 of mono- and divalent cations to the carbonated solution, from mixing with synthetic seawater, 
5 resulted in rapid and massive precipitation of Ca and Mg carbonates in the basaltic glass matrix 
6 (GSW), together with a secondary silicate phase which could be chlorite. Both basaltic matrices 
7 displayed similarities as well as discrepancies in their secondary mineralogy. What they had in 
8 common was the formation of secondary silicate phases, whether smectite (G40/400, X40/400), 
9 zeolite (X40/400) or chlorite (GSW), despite the relatively short residence times in the flow-

10 through reactors (25 and 12 h, see table 2). As such, these silicate phases have the potential to 
11 scavenge the divalent cations in the basaltic pore space; substantially at low divalent cation 
12 concentrations (40 and 400 set) and partially under saline conditions (GSW). Because the 
13 experiments were carried out at 90 °C, i.e. likely higher than expected formation temperatures in 
14 a basalt aquifer suitable for CO2 storage, the retrograde solubility of carbonates will only further 
15 skew this competition for divalent cations in favour of secondary silicates at lower temperatures. 
16 It means that the basaltic aquifer as target formation requires huge storage capacity, not only for 
17 the mineralisation of CO2 but also to accommodate the concomitant and inevitable formation of 
18 zeolites and clays. Recent geochemical modelling of basalt-water-CO2 interactions of the Carbfix 
19 site concluded that relatively high pCO2 conditions needed to be maintained to prevent clay and 
20 zeolite formation while at the same time keeping the pH high enough to allow carbonate 
21 deposition (Snæbjörnsdottir et al., 2017a). The authors indicated a pH range for efficient 
22 carbonatisation between 5.2 and 6.5; however they did not take the ion stoichiometry effect on 
23 rates into account, with Me2+/CO3

2- ratios not being favorable at these relatively low pH 
24 conditions (Hellevang et al., 2014). Our study went beyond this sweet (pH) spot and looked at the 
25 likely consequences to the solutes in the pore fluid –and by extension to the 
26 porosity/permeability– after the first wave of plume spreading and secondary phase deposition. 
27 Provided shortage of divalent cations, clays and zeolites will occupy the pore space, with 
28 preference of one over the other as a function of the nature of the basalt matrix (glass vs. 
29 composite). At higher carbonate alkalinity, it is debatable if Na-dawsonite can appear (and 
30 subsequently remobilise again). Apparently, the free solute Al concentration was high enough to 
31 precipitate dawsonite in our NH4-rich experiments (G/X400), so its formation in the basalt matrix 
32 under divalent cation deficiency will depend on the abundance of Na in the pore water. By and 
33 large, however, our experiments point to the prevalence of non-carbonate phases that will occupy 
34 the pore space at higher pH and after the spell of carbonatisation. To avoid this from happening, 
35 not only the pH needs to remain in a desired range but also the divalent cation concentration 
36 should not drop very low. Using treated seawater as carbonation fluid for CO2 injection provides 
37 this pre-requisite; the quasi infinite supply of divalent cations extends the pH range under which 
38 carbonates as secondary phases prevail and speeds up the carbonate nucleation and growth 
39 process such that better advantage can be taken of the basalt pore volume for carbon, not silicate 
40 storage. For this strategy to work successfully, however, reactive transport modelling needs to be 
41 implemented on a case by case basis to tune the CO2 carbonation and injection rates to avoid 
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1 clogging of the pore space too close to the injection well. Likewise, potential anhydrite formation 
2 requires careful modelling and monitoring after injection to enable sulphate stripping if the need 
3 arises.

4 To this end, further experimental research is needed to advance our understanding of what 
5 determines carbonate formation on basaltic surfaces and/or in the basaltic pore space. Despite a 
6 plethora of experimental and modelling studies on this subject, recent literature findings indicate 
7 that the last word has not yet been said. Luhmann et al. (2017) dissolved a basalt core under 
8 hydrothermal CO2-rich conditions. Whereas siderite was expected to have formed on grounds of 
9 reaction path modelling de facto observed were secondary Si and Al phases instead. Likewise, 

10 Kanakiya et al. (2017) investigated the secondary mineralogy of basalt cores under CO2(aq) 
11 imbibition. Ankerite was indeed the key secondary carbonate phase they observed in their study; 
12 however, in one basalt core zeolite/clays instead of ankerite formed, even though the flooding 
13 conditions had been the same for all basalts.

14 More sensitivity analyses on key precipitation parameters (induction time, heterogeneous 
15 nucleation and growth rates on diverse crystallographic templates, metal to anion activity ratios, 
16 reactive surface areas, and degrees of supersaturation) of carbonates but also sulphates will refine 
17 further geochemical models. Fairly recent studies on the reactive surface area of basaltic matrices 
18 participating in the mobilisation process (Přikryl et al., 2017), mechanisms of crystal/carbonate 
19 growth (Hellevang et al., 2014), and template growth of calcite on basaltic glass (Stockmann et 
20 al., 2014) point into the right direction.
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Basaltic rock Chemical composition ABET 
(m2/g)

Glass Si1.0Ti0.024Al0.355Mg0.276Ca0.265Na0.073K0.007Fe0.207O3.381 2.2
Crystalline Si1.0Ti0.025Al0.329Mg0.310Ca0.273Na0.061K0.007Fe(III)0.02Fe(II)0.193O3.394 0.7
Table 1. Chemical composition (normalised to one silicon) and surface areas of the basaltic glass and crystalline basalt 
used in this study. Data are from Galezcka et al. (2014) and Gudbrandsson et al. (2011).

Name NH4HCO3 
[mmol/kg]

Temp 
[°C]

pH
insitu

Flow rate 
[ml/min]

Mass
[g]

Size fraction 
[µm]

Mixing speed 
[rpm]

Duration 
[h]

G40 40 90 ~7 0.2 7 45-100 90 1176
X40 40 90 ~7 0.2 7 45-125 90 1176
G400 400 90 ~7.7 0.2 7 45-100 90 1633
X400 400 90 ~7.7 0.2 7 45-125 90 1633
GSW 315 90 ~7.2 0.3+0.12 7 45-100 90 111

Table 2. Experimental parameters for the basaltic glass (G) and crystalline basalt (X) mixed flow reactor experiments. 
The reactor volume was 300 ml corresponding to a residence time of 25 h for all experiments except the last one, where 
it was 12 h.

Figure 1. Experimental set-up of the glassy (G) and crystalline (X) basalt experiments. Glass and crystalline basalt were 
dissolved separately in a Parr reactor each. See Table 2 for further experimental conditions.
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Figure 2. The pH (left axis) and DIC (right axis) from the outlet of the basaltic glass (G40) and crystalline basalt (X40) 
experiments (see Table 2). The residence time of the inlet solution within the reactor was 25 h.
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Figure 3. Chemistry of outlet solutions of the basaltic glass (G40) and crystalline basalt (X40) experiments (see Table 
2).
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Figure 4. Non-stoichiometry of the dissolution of the basaltic glass (G40) and crystalline basalt (X40) experiments (see 
Table 2).



 
Figure 5. SEM micrographs from the basaltic glass experiment G40 showing iron precipitations on the glass surface in 
the shape of (a) sphere clusters and (b-c) incorporated into a thin silicate layer. EDX together with XRD and textural 
comparisons with findings from Gysi and Stefansson (2012) suggest this layer to be a Fe-Mg smectite. (d) Close-up of 
the smectite layer.

a) b)

c) d)



Figure 6. SEM micrographs from the crystalline basalt experiment X40. (a-b) Silicate precipitations in the shape of 
bunches of needles cropping up from the surface. (c) Close-up revealing two different phases, a thin secondary layer 
and needle clusters. (d) Secondary silicates similar in appearance and EDX to Fig. 5d.

a) b)

c) d)
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Figure 7. The pH (left axis) and DIC (right axis) from the outlet of the basaltic glass (G400) and crystalline basalt 
(X400) experiments (see Table 2).
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Figure 8. Solute concentrations from the outflow of the basaltic glass (G400) and crystalline basalt (X400) experiments 
(see Table 2).
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Figure 9. Non-stoichiometry of the dissolution of the basaltic glass experiment G400 (see Table 2).

 

 
Figure 10. SEM micrographs from the basaltic glass experiment G400 showing the different secondary phases that 
formed on the glass surface. (a) Scattered dawsonite needles, (b) Dawsonite bunches, (c) Iron oxide pellets, (d) Thin 
glass surface coating next to a dawsonite stack.

a)

c)

b)

d)



  

 
Figure 11. SEM micrographs from the crystalline basalt experiment X400 showing the different secondary phases that 
formed. (a) Dawsonite needles, (b) Iron oxide balls (of wool), (c) Individually scattered bunches, (d) Close-up of the 
bunches that are similar to those in Fig. 6a-c.

a) b)

c) d)
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Figure 12. The pH (left axis depicted by open diamonds) and DIC (right axis depicted by filled diamonds) from the 
outlet of the basaltic glass experiment GSW (see Table 2). The DIC entering the reactor is indicated by the dashed line.
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Figure 13. Solute concentrations from the outflow of the basaltic glass experiment GSW (see Table 2). The Ca and Mg 
concentrations entering the reactor are indicated by the dashed lines.



 

 

 
Figure 14. SEM micrographs from the basaltic glass-seawater experiment GSW showing the ubiquitous presence of 
carbonates. (a-c) Rhombohedral crystals indicating calcite, (d) globular-like manifestation of Ca-carbonate, (e) Mg-
carbonates, (f) Flaky silicate matrix reminiscent of chlorite.
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Figure 1. Saturation indices of the major (a) carbonate and (b) silicate phases of the G40 experiment (see 
Table 2).
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Figure 2. Saturation indices of the major (a) carbonate and (b) silicate phases of the X40 experiment (see 
Table 2).
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Figure 3. Saturation indices of the major (a) carbonate and (b) silicate phases of the G400 experiment (see 
Table 2).
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Figure 4. Saturation indices of the major (a) carbonate and (b) silicate phases of the X400 experiment (see 
Table 2).
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Figure 5. Saturation indices of the major (a) carbonate and (b) silicate phases of the GSW experiment (see 
Table 2). The iron concentration was below detection limit explaining the absence of iron bearing phases 
in this figure.
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