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Abstract 

 

This study describes and demonstrates a carbon-negative process for manufacturing high-strength 

cement from widely abundant seawater-derived magnesium (Mg) feedstocks. In contrast to 

conventional Portland cement, which starts with carbon-containing limestone as the source 

material, the proposed process uses membrane-free electrolyzers to facilitate conversion of carbon-

free magnesium ions (Mg2+) in seawater into magnesium hydroxide (Mg(OH)2) precursors for 

production of Mg-based cement. After a low-temperature carbonation curing step converts 

Mg(OH)2 into magnesium carbonates through reaction with carbon dioxide (CO2), the resulting 

Mg-based binders can exhibit compressive strength comparable to that achieved by Portland 

cement after curing for only two days. Although the proposed “cement-from-seawater” process 

requires similar energy use per ton of cement as existing processes, its potential to achieve a 

carbon-negative footprint makes it highly attractive to decarbonize one of most carbon intensive 

industries.   
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Main Text 

 

I. Introduction 

 

Portland cement – the key active ingredient in concrete – is one of the most mass-produced 

materials in the world. Global cement production was 4.1 billion metric tons in 2019,(1) and is 

projected to grow by 12% by 2050.(2) Unfortunately, the production of Portland cement accounts 

for  ≈ 7 percent of global industrial energy consumption and 7-8 percent of anthropogenic CO2 

emissions.(2, 3) The main component of Portland cement is calcium oxide (CaO), which is almost 

exclusively sourced from limestone (CaCO3). As shown in Figure 1a, the conventional 

manufacturing process starts from excavating and crushing limestone, which is sintered with clays 

in a kiln at temperatures reaching 1450°C to produce clinker. This process directly releases CO2 

during calcination of CaCO3 into CaO and indirectly releases CO2 due to the use of fossil fuels to 

heat the kiln to high temperatures. The clinker is ground up to produce cement, which is ultimately 

mixed with aggregates and water to produce concrete.  

 If society is going to transition to a carbon-neutral or carbon-negative future, which is 

essential if global warming is to be limited to 1.5-2.0°C,(4) alternative construction materials and 

processing routes must be developed. Currently, the most common approach to reducing the 

carbon footprint of concrete is to partially replace Portland cement with industrial wastes such as 

fly ash and slag, although there are challenges associated with quality control and supply of these 

waste materials, as well as practical limits based on scale.(5) Geopolymers entirely replace 

Portland cement with fly ash, slag, and clays, and obtain cementing properties through alkali 

activation.(6, 7) Limestone calcined clay (LCC) cements are also derived from limestone but only 

calcine the clay and use the limestone directly as partial Portland cement replacement, thereby 

reducing direct and indirect CO2 emissions.(8, 9) Many more alternatives have been proposed and 

studied.(10, 11)  

 
Figure 1.  a.) Side-by-side comparison of process flow diagrams for conventional Portland cement and the proposed 

cement-from-seawater process. b.) Process-flow diagram for the electrochemical approach to harvesting alkali earth 

metal hydroxides from seawater powered by renewable energy. 

 

More recently, there has been increasing interest in reducing the carbon footprint of 

Portland cement by incorporating CO2 into the final cement material through carbonation of some 
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of the cement phases to produce CaCO3.(12-15) Reactive magnesia (MgO) cement has also been 

explored as a low-carbon alternate to Portland cements, where solidification occurs via carbonation 

curing.(16, 17) Reports have shown that reactive magnesia that undergoes carbon curing in 

moderately CO2-rich environments and ambient temperatures produces a hydrated magnesium 

carbonate-based concrete that can reach compressive strengths of 40 MPa or more,(18, 19) which 

is within the strength range for structural applications. However, reactive magnesia cements are 

typically derived from carbon-containing magnesite (MgCO3), which is geographically limited 

and also requires calcination that directly releases CO2.(20, 21) 

  The major challenges for improving the energy efficiency and carbon footprint of concrete 

manufacturing include sourcing carbon-free or low-carbon raw materials that can be (i.) produced 

at low-cost and large quantities, (ii.) supplied with consistent composition around the world, and 

(iii.) used to produce concrete with performance comparable to Portland cement-based concrete. 

Herein, we describe and demonstrate a CO2-free process for the production of magnesium-based 

cement that has the potential to meet all of these requirements. As illustrated in Figure 1b, this 

process starts by harvesting magnesium from seawater, where dissolved Mg2+ represents the fourth 

most abundant ion in the world’s oceans.(22) Based on a typical Mg2+ concentration of 52 mM, 

the world’s oceans contain enough carbon-free Mg in the form of dissolved Mg2+ to supply the 

world’s present-day concrete needs for at least 1 million years. In this study, we extract Mg2+ from 

seawater by using electrochemical reactors called electrolyzers to temporarily elevate the seawater 

pH to levels that cause Mg2+ to react with hydroxyls and form insoluble magnesium hydroxide 

(Mg(OH)2) particles that can be easily separated from seawater. In addition to producing the 

alkaline stream used to form Mg(OH)2, the electrolyzer also produces dilute, salty hydrochloric 

acid (HCl). A portion of the acidic stream is used to neutralize the demineralized seawater before 

it is returned to the ocean, but the process also produces excess HCl. If produced at high enough 

purity, the HCl may be sold on the open market or used as part of “accelerated weathering” 

schemes that involve neutralization with alkaline basalt or olivine mineral formations.(23-25)  

Importantly, the process shown in Figure 1b returns pH neutral water back to the ocean and can 

be carried out without any CO2 emissions if the electricity used to power electrolysis is generated 

by renewable solar and wind.  

 The idea of extracting alkaline earth metals from brine solutions using electrochemical 

processing has previously been explored by Gilliam et al., who developed electrochemical cells 

based on anion and cation exchange membranes to generate alkaline salt solutions that were 

combined with a CO2 source to produce solid carbonate minerals.(26) Ellis et al., also used 

electrolysis for cement processing when they used 3-compartment membrane-based electrolyzers 

to aid in the breakdown of limestone as a part of processing for conventional Portland cement.(27) 

However, this process is still only carbon neutral at best due to the use of limestone as the starting 

material. In contrast to previous efforts, the proposed process in Figure 1b starts with carbon-free 

Mg2+ ions and harvests it in the form of solid Mg(OH)2. Mg(OH)2 is a versatile precursor material 

that can be converted into a viable construction material by multiple pathways. First, Mg(OH)2 

can be converted to reactive MgO and utilized as cement similar to magnesite-derived MgO.(28, 

29) This process requires lower calcination temperatures (500 - 1000°C)(28, 30) than Portland 

cement and doesn’t involve direct CO2 emissions from the source material. This high temperature 

calcination step may be avoided by exposing compacted Mg(OH)2 powder to CO2 under elevated 
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pressure. De Silva et al., subjected Mg(OH)2 compacts to 20 atm of CO2 and measured 

compressive strengths exceeding 60 MPa after 6 hours of carbonation curing.(31) However, that 

study did not consider the source of the Mg(OH)2.  

 Herein, we report proof-of-principle experiments based on three key steps that are central 

to the cement-from-seawater process illustrated in Figure 1: (i.) electrochemical generation of salty 

NaOH and HCl using membraneless electrolyzers, (ii.) precipitation of Mg(OH)2 from seawater, 

and (iii.) a low-temperature carbonation process for direct conversion of Mg(OH)2 into magnesium 

carbonate-based binder. After characterizing the properties and performance of the Mg-based 

binder, the energy use and carbon footprint of the overall process are compared to conventional 

Portland and Mg cements. Finally, opportunities and challenges for implementing the proposed 

process at scale are discussed. Throughout this article, all precursor Mg(OH)2 powders are referred 

to as “cement”, while conventional cement will be referred to as “Portland cement” and the matrix 

of solids obtained after carbonation will be referred to as “binder”. Seawater-derived precipitated 

Mg(OH)2 was compared against commercial Mg(OH)2, where the latter will be referred to as 

“standard” brucite. 

 

 

II. Results & Discussion 

 

2.1 Electrochemical Production of Acid & Base with Membraneless Electrolyzers 

Going back to at least 1865, it has been known that Mg2+ ions can be harvested from seawater by 

elevating the pH of seawater such that Mg2+ reacts with hydroxyls (OH-) to form insoluble 

Mg(OH)2.(22) Mg(OH)2 is still commercially obtained by this means through the addition of 

alkaline quick lime (Calcium oxide, CaO) to seawater.(22) However, the production of CaO, like 

Portland cement, has a large carbon footprint because it is obtained from limestone. In contrast, 

our process uses a membraneless electrolyzer (Figure 2a) to generate salty base and acid directly 

from seawater according to equations (1.) and (2.), respectively: 

Oxidation half reaction:   𝐻2 → 2𝐻+ + 2𝑒− Eo= +0.059∙(pHa) V vs. NHE  (1.) 

Reduction half reaction: 2𝐻2𝑂 + 2𝑒− → 𝐻2 + 2𝑂𝐻−            Eo=  -0.059∙(pHc) V vs. NHE (2.) 

where Eo is the standard reduction potential and pHa and pHc are the pH at the anode and cathode, 

respectively. During operation, H2 from the cathode can be directly transferred to the anode where 

it is oxidized, or it can be collected from the cathode effluent and recycled back to the feed stream 

(SI Figure S1). In either case, Figure 2a shows how electrolyte is pumped through two porous 

electrodes to sweep the salty acid and salty base into separate effluent streams, resulting in the 

following overall reaction: 

Overall reaction:     𝐻2𝑂 → 𝐻+|𝑎𝑛𝑜𝑑𝑒 + 𝑂𝐻−|𝑐𝑎𝑡ℎ𝑜𝑑𝑒  ΔEo = 0.059∙ΔpH    (3.) 

where ΔEo is the minimum voltage required to drive the overall reaction at the desired pH 

difference ΔpH= pHa - pHc. Talabi et al., previously demonstrated a similar concept using 

membraneless electrolyzers for producing acid and base from pH neutral sodium sulfate and 

potassium nitrate solutions but did so through water electrolysis that involved the oxygen evolution 

reaction (OER) at the anode.(32) However, the new reaction scheme given by Equations (1)-(3) is 

better for generating acid and base in seawater because (i.) the hydrogen oxidation reaction (HOR) 

is far more favorable than the undesirable chlorine evolution reaction (CER), (ii.) the required cell 
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voltage is substantially lower than that required for water electrolysis, and (iii.) it avoids safety 

concerns about mixing O2 and H2 because O2 is not generated at the anode. 

 
Figure 2. a.) Schematic of membraneless electrolyzer used for splitting seawater into acidic and alkaline streams. b.) 

Scanning electron microscopy (SEM) images of as-made platinized carbon foam electrodes. c.) Photograph of 

membraneless electrolyzer during steady-state electrolysis of natural seawater in the presence of a pH indicator dye, 

which turns purple or red in alkaline and acidic environments, respectively. d.) Current-voltage (i-V) curves recorded 

for membraneless electrolyzer recorded in H2-saturated Mg-free natural seawater at several different inlet volumetric 

flow rates. Also shown is an i-V curve taken in the absence of flowing electrolyte or dissolved H2. 

 

  The electrolyzer concept in Figure 2a was demonstrated using platinized porous carbon 

foam electrodes. Figure 2b shows scanning electron microscopy (SEM) images of one such 

electrode, where the microporous structure of the carbon foam and discrete platinum nanoparticles 

can be seen in the low- and high-magnification images, respectively. Two identical porous Pt/C 

electrodes were positioned parallel to each other within a 3D-printed membraneless electrolyzer 

that was outfitted with windows to allow for in situ imaging. A photograph of the device during 

operation in Mg-free natural seawater is provided in Figure 2c, where H2-saturated natural 

seawater was fed into the right side of the device at 0.33 mL s-1 and salty acid and salty base 

effluent streams leave the upper left and lower left ports, respectively. For this experiment, 

universal pH indicator dye was added to the inlet stream, causing it to change color based on the 

local pH. The pH neutral feed stream is pale green, while the alkaline cathode effluent stream turns 

purple and the acidic anode effluent stream turns red. The absence of purple or red plumes within 

the electrode gap indicates that there was limited cross-over of the liquid phase products. This 

observation is further supported by measurement of the pH of the anode (pHa= 3.38) and cathode 
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(pHc= 10.03) effluent streams, which are similar to those expected for the chosen operating 

conditions (pHa= 3.19 and pHc= 10.82).  

 The 2-electrode current-voltage (i-V) characteristics of the electrolyzer were also recorded 

and are provided in Figure 2d for different inlet volumetric flow rates. In the absence of any H2(aq) 

in the inlet stream, the electrolyzer generates no significant current across the voltage range 

analyzed. Running the same measurement in H2-saturated Mg-free seawater results in i-V curves 

with onset voltages of around 0.2 V, followed by linear increases in current density up until the 

point where mass transfer of dissolved H2 to the anode limits the overall reaction and results in a 

limiting current plateau at high voltages. This is confirmed by increasing the volumetric flow rate 

of the H2-saturated inlet stream, which results in a monotonic increase in limiting current with flow 

rate (SI Figure S2). The relatively shallow slope of the i-V curves can be largely attributed to 

concentration overpotentials caused by the buildup of a pH differential between the two electrodes. 

In contrast, overpotential losses are substantially reduced when the electrolyzer is operated in 0.5 

M H2SO4 (SI Figure S2) because no significant pH changes occur. 

 Although the membraneless electrolyzer generates a relatively dilute salty base stream, its 

alkalinity is still sufficient to drive Mg2+ precipitation and can be increased further through 

optimization of the electrode and device designs. It should also be noted that salty HCl and salty 

NaOH can also be generated using electrodialysis stacks based on bipolar membranes (BPMs) 

comprised of cation exchange membranes (CEMs) and anion exchange membranes (AEMs).(33-

35) Gilliam et al., have similarly employed electrochemical cells containing separated CEMs and 

AEMs to generate alkaline and acidic streams from brine solutions based on the reactions given in 

Equations 1-3.(26) However, the ion exchange membranes in these electrodialysis-type devices 

present significant technoeconomic challenges with respect to both cost and lifetime.(36) In 

general, the lack of stable AEMs that can operate in seawater is a major impediment to direct 

seawater electrolysis technologies.(37) Thus, an electrolyzer that completely avoids the need for 

membranes has an inherent advantage for operation in seawater. The electrodes of an electrolyzer 

can also be prone to fouling or degradation, but the recirculating scheme of Figure 1b ensures that 

raw seawater is first sterilized in the alkaline precipitation tank before reaching the membraneless 

electrolyzer. Removal of Mg2+ ions before the seawater reaches the electrolyzer has the added 

benefit of avoiding Mg(OH)2 deposits from forming on the cathode, another common concern in 

seawater electrolysis.(38, 39) 

   

2.2 Precipitation and Harvesting of Magnesium Hydroxide from Seawater 

As described above, Mg2+ ions may be converted into solid Mg(OH)2 by reaction with OH-: 

𝑀𝑔2+ + 2𝑂𝐻− → 𝑀𝑔(𝑂𝐻)2(𝑠)   Ksp
o= 5.61×10-12 M3     (4.) 

where Ksp
o is the solubility product constant at 25°C.(40) Consistent with Le Chatelier’s principle, 

increasing pH shifts equilibrium to the right, causing Mg2+ to be converted into insoluble Mg(OH)2 

particles. The Mg(OH)2(s) initially forms a colloidal suspension that gives the solution a milky 

color (see Fig. 3a insets), but further growth of particles leads to precipitation as gravity forces 

larger particles downward. As shown in the SI Figure S3, Mg2+ should begin precipitating from 

25°C seawater at pH ≈ 9.1, and 95% of Mg2+ should precipitate at pH ≈ 9.7.  

To determine how much OH- is required to precipitate Mg2+ from seawater with a target 

yield, varying amounts of NaOH were added to 350 mL aliquots of natural seawater. Following 
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centrifugation and rinsing steps detailed in the Methods section, the collected Mg(OH)2(s) was dried 

overnight and weighed. The composition of several samples was also evaluated using 

thermogravimetric analysis (TGA), allowing for determination of the mass of harvested Mg(OH)2 

by subtracting the weight of residual water and small quantities of CaCO3 from the total weight of 

the sample. Figure 3a shows how the amount of added NaOH affected the yield of harvested 

Mg(OH)2(s), defined as the fraction of Mg2+ ions in the natural seawater sample that are collected 

in the form of Mg(OH)2(s). For this calculation, the concentration of Mg2+ initially present in the 

sample was determined to be 50 mM based on the amount of Mg(OH)2 collected after titrating the 

seawater sample with excess NaOH (4.86 g NaOH per L of seawater). 50 mM is similar to the 

“typical” concentration of Mg2+ in the world’s oceans, 52.8 mM.(41) Figure 3a shows that the 

yield increases linearly with the amount of NaOH added to seawater up until ≈ 4 g NaOH per L of 

seawater, at which point over 2 moles of NaOH had been added per mole Mg2+ present in the 

seawater. For constant titrant dosing of 4.86 g NaOH per L, yields of 90.7 ± 4.8% were obtained 

for small-scale experiments producing 0.94 g Mg(OH)2, while yields increased to 99.9 ± 6.3 % for 

a larger 62.4 g batch of Mg(OH)2 due to lower Mg(OH)2 loss during transfer from the centrifuge 

bottle to the drying rack. For all titrations, Figure 3a shows that the experimentally determined 

yields are in excellent agreement with the theoretical yield. Samples with varying number of 

freshwater rinse cycles were also characterized by TGA, showing that a single rinse cycle was 

sufficient to remove NaCl below the detection limit (SI Figure S4). 

 
Figure 3. Precipitation of Mg2+ from seawater. a.) Theoretical and experimental yields of Mg(OH)2 obtained from 

precipitation of natural seawater titrated with NaOH as a function of the amount of NaOH titrant. Insets show photos 

of natural seawater titrated with two different amounts of NaOH. Theoretical yield was calculated based on the 

solubility constant product for Mg(OH)2 at room temperature (Equation 4) and neglecting any buffering effects from 

sulfate or carbonate.  b.) XRD patterns for standard brucite Mg(OH)2 and seawater-derived Mg(OH)2 were obtained 

by precipitation using 4.86 g NaOH per L of seawater and rinsing with deionized water. All XRD peaks are associated 

with Mg(OH)2, except for the peak marked with *, which is attributed to CaCO3. Inset shows a photograph of seawater-

derived Mg(OH)2 after pulverization. 

 

 

 After drying in air, the Mg(OH)2 filter cake was first crushed into a fine white powder 

(Figure 3b) and passed through sieves to give particle sizes between 0.4 µm to 75 µm that were 

comparable to the standard brucite powder (SI Figure S5). SEM images of the dried and pulverized 
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seawater-derived Mg(OH)2 reveal a rough surface morphology without a well-defined shape, in 

contrast to the standard brucite particles that contain visible prismatic crystallites (SI Figure S6). 

X-ray diffraction (XRD) results (Figure 3b) show that both standard brucite and seawater-derived 

samples have prominent brucite peaks (PDF # 44-1482), although the latter also contains a small 

peak around 2θ= 29.5° that can be assigned to calcite (CaCO3, PDF # 05-0586).(42) Derivative 

TGA weight loss curves for seawater-derived Mg(OH)2 after 2 rinse cycles (SI Figure S7) confirm 

the presence of calcite (10 mass %) in addition to residual amounts of water (3.5 mass %).  

 

2.3 Carbonation Curing of Mg(OH)2 Mixtures  

Before undergoing carbonation curing, distilled water, a co-reactant, was added to the dried 

Mg(OH)2 powders to maintain a water to solids mass ratio of 0.3. Wet powders made from both 

standard brucite and seawater-derived Mg(OH)2 were then compacted into cylindrical samples and 

cured inside a sealed incubator where the samples were exposed to a humidified CO2 environment 

(20% CO2 concentration by volume at 85% RH) at 1 bar total pressure for 48 hours. Detailed 

results of curing the standard brucite for varying amounts of time and varying water to solids ratios 

are reported in reference (43), but only the 48-hour and 0.3 water to solids ratio results are included 

here. To compare the microstructure of the binders made from the two different source materials, 

the compacts were crushed back into a powder form and characterized by TGA, XRD, and SEM 

(Figure 4). Derivative weight loss TGA curves (Figures 4a and 4b) show that both types of samples 

still exhibit peaks at ≈ 400°C associated with residual (i.e. unreacted) brucite, but also reveal the 

emergence of new peaks at low temperature (≈ 25°C - 250°C) attributed to a combination of free 

or physically bound water and water removed from Mg carbonate hydrate phases such as 

hydromagnesite (4MgCO3.Mg(OH)2.4H2O), dypingite (4MgCO3.Mg(OH)2.5H2O), and 

nesquehonite (MgCO3.3H2O). Additional mass change signal is also seen at higher temperatures 

(≈ 400°C - 500°C), which can be attributed to further mass loss from the Mg carbonate phases,(44-

46) although TGA is not able to distinguish between them. 
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Figure 4. Microstructural characterization of standard (left column) and seawater-derived (right column) Mg cement 

samples before and after carbonation curing. Both samples were created using a water to solids mass ratio of 0.3 and 

were cured for 48 hours in humidified CO2 at 20% concentration and 1 bar total pressure. Samples were characterized 

before and after curing using a.),b.) TGA, c.),d.) XRD, and e.), f.) SEM. The following phases were identified in the 

diffractograms of c.) and d.): B – Brucite, H - Hydromagnesite, N – Nesquehonite, C – Calcite. Comparison data for 

the standard brucite samples are provided from reference (43). 

 

The presence of carbonates in both types of cured specimens was also confirmed by XRD, 

as seen in the diffractograms for samples cured 48 hours in Figure 4c,d. For the cured standard 

brucite sample, significant decreases in the intensities of the brucite peaks are accompanied by the 

emergence of features that can be ascribed to the hydromagnesite and nesquehonite carbonate 

phases. Using the Rietveld refinement method (SI Section XIII), the mass percentages of 

hydromagnesite, brucite, and nesquehonite were estimated to be 52.2 %, 40.0 %, and 7.8 %, 
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respectively. The detailed compositions for all samples are provided in SI Table S1. In contrast to 

the XRD patterns for the cured standard brucite samples, those for the cured seawater-derived 

Mg(OH)2 samples (Figure 4d) show that nesquehonite is the predominant carbonate phase. The 

composition (mass %) for the seawater-derived sample was calculated to be 49.3 % nesquehonite, 

42.9 % residual brucite, 5.9 % calcite, and 1.9 % hydromagnesite (SI Table S1). Nesquehonite has 

also been observed in CO2-cured Mg(OH)2 compacts studied by De Silva et al..(31) Consistent 

with previous studies carrying out carbonation of Mg precursors at low pressure and 

temperature,(19, 31, 47) none of the diffraction patterns in Figures 4c and 4d contain peaks 

associated with magnesite, which is only known to form at higher temperature and pressure.(48, 

49) 

Clear evidence of carbonate formation was also observed in SEM images of both types of 

samples (Figures 4e and 4f). For the cured standard samples, rosette-like features are seen that are 

characteristic of hydromagnesite, as observed in other reactive Mg-based systems.(50). If present 

throughout the microstructure, such features can serve to both densify and cement the material 

system and subsequently form a binder phase, similar to the effect of calcium-silicate-hydrate in 

Portland cement systems.(51) In contrast, SEM images of the cured seawater-derived sample 

reveal needle-like features that are characteristic of nesquehonite.(28, 50, 52) Dypingite also 

exhibits rosette-like features(17, 53) and is characterized by a similar XRD pattern as 

hydromagnesite, but hydromagnesite proved a better fit for the data than dypingite based on 

quantitative analysis of XRD and TGA results. Nevertheless, given the similar chemical 

composition and morphology of hydromagnesite and dypingite, their impact on composite strength 

and durability is expected to be comparable. The moles of CO2 absorbed per mole of Mg precursor 

during formation of either carbonate are also the same, meaning that incorrect identification of 

hydromagnesite vs. dypingite does not affect interpretation of the carbon-uptake by the composite. 

 Several factors related to the Mg(OH)2 source material might explain the differences in 

composition of the cured standard and seawater-derived binders, including differences in Mg(OH)2 

particle shape, particle and agglomerate size distributions, surface roughness, and trace impurities. 

Even with the same curing conditions and identical mix design, the attributes of the source material 

can lead to the formation of different polymorphs due to the influence of their starting structure 

and composition on local reaction conditions within the material during curing. For example, 

differences in the density and size of agglomerated particles in the source material can be expected 

to alter the local concentrations of CO2 and H2O within the agglomerates, with higher densities 

and larger agglomerate sizes resulting in lower concentrations of reactant species within the 

interior of the agglomerates.(54) Since reaction rate expressions for different reaction pathways 

can have different reaction orders with respect to reactants,(48, 49) it stands to reason that relative 

changes in local concentrations of H2O and CO2 within a specimen can lead to different products. 

However, other possible explanations, including interactions with impurity calcite crystallites 

and/or the formation of CO2-rich  bubbles within nanoscopic voids within the particles,(54) cannot 

be ruled out at this time. 

 Additional standard Mg cement samples were prepared and cured to study change in the 

degree of carbonation for curing times between 3 hours and 120 hours. The carbonate composition 

was analyzed quantitatively using TGA and XRD, and is presented in Section XIII of the SI. The 

results show that the amount of carbonates continues to increase beyond 48 hours, while the 
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amount of residual brucite decreases further. It can be reasonably expected that the seawater-

derived cement will similarly show continued carbon-uptake with increased curing time since a 

similar amount of unreacted brucite remains available after 48 hours. 

 

2.4 Mechanical Performance of Mg-Binders 

To view the impact of carbonation on the strength of the resulting binders, compressive strength 

tests were carried out on standard brucite and seawater-derived cylinders subjected to carbonation 

curing for 48 hours. While the standard brucite samples resulted in a compressive strength of 33.4 

± 2.0 MPa, the compressive strength of seawater-derived Mg binder samples was found to be 22.5 

± 1.9 MPa, which is ≈ 33 % lower than that of the standard samples. 

Interestingly, both the standard brucite and seawater-derived samples had very similar 

initial densities (1.49 g/cm3 and 1.44 g/cm3, respectively) and final densities (1.69 g/cm3 and 1.63 

g/cm3, respectively), suggesting that factors other than density may also be affecting compressive 

strength. For example, differences in particle size (SI Figure S5) and/ agglomerate size 

distributions may affect packing behavior during compaction and therefore alter the permeability 

of H2O and CO2 through the source material during carbonation. PSD and particle morphology 

may also affect the surface area available for products to form. It should also be recalled that the 

seawater-derived brucite contains ≈ 10 % CaCO3 by mass; this CaCO3 can be expected to be inert 

during CO2 curing such that it is effectively reducing the “active” Mg(OH)2 portion of the cement, 

which could lead to lower strength. Differences in the amounts of residual (unconverted) Mg(OH)2 

could also affect strength, although the mass % residual Mg(OH)2 was within 3 % for both types 

of samples (Table S1). Lastly, CO2 curing leads to the formation of carbonate phases with different 

morphologies in the two cured brucite systems, which may also impact strength of the binding 

matrix. Further investigations into all of these factors will be required to understand how the 

microstructure and composition of seawater- and standard brucite samples impact strength gain at 

multiple stages of the curing process.  

Despite the differences in the 48-hour strength, seawater-derived cement can be expected 

to continue to gain strength with additional curing time, as we recently reported for standard 

brucite.(43) Moreover, conversion to nesquehonite is preferable from a carbon sequestration 

standpoint as the formation of this phase involves the absorption of more CO2 per unit weight of 

precursor cement than conversion to hydromagnesite. Equally important, the seawater-derived 

binder’s strength of 22.5 MPa is still comparable to the early compressive strength (< 7 days after 

mixing) of ordinary Portland cement concrete and suitable to meet  building codes.(51, 55) 

 

2.5 Energy Use and Carbon Footprint  

Table 1 contains a comparison of the expected energy use and carbon footprint of the proposed 

seawater-derived Mg cement manufacturing process to conventional limestone-based Portland 

cement and magnesite-derived Mg-cement processes. The functional unit is 1 ton of material 

(cement/concrete), and for Mg cement concretes, complete conversion of Mg precursors to 

carbonate (nesquehonite) is assumed as an upper limit on the amount of CO2 absorbed by these 
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concretes. Methods and further assumptions underlying the calculations used to generate this table, 

along with the data sources, can be found in Section XIV of the SI. 

 

Table 1 – Comparison of energy use and CO2 emissions of cement and concrete production 

between conventional Portland cement derived from limestone, MgO cement derived from 

magnesite, and the proposed Mg(OH)2 cement derived from seawater. The CO2 footprint for 

production of seawater-derived Mg cement assumes that all electricity used to power the Mg(OH)2 

harvesting and processing is provided exclusively by a carbon-free electricity generator. If current 

U.S. grid electricity is used to power the process, the carbon footprint for seawater-derived Mg 

cement and concrete are 550 and 61 kg/ton, respectively. All other details of the calculations and 

key assumptions are included in Tables S3-S8 in the ESI. 

 Cement manufacturing Concrete manufacturing 

Mineral 

Feedstock 

Energy use 

(kJ/ton of 

cement) 

CO2 emissions 

(kg/ton of 

cement) 

Energy use 

(kJ/ton of 

concrete) 

CO2 emissions 

(kg/ton of 

concrete)      

Portland 

cement from 

limestone 

(CaCO3) 

3.8x106 793 1.0x106 181 

MgO from 

magnesite 
5.9x106 1850 4.3x106 323 

Mg(OH)2 from 

seawater 
4.4x106 0* 2.8x106 -93 

 

Focusing first on energy use, Table 1 shows that the Mg concretes consume more energy 

than Portland cement concrete. MgO-derived concrete uses the most energy, which results from 

the energy-intensive mining and processing steps associated with the magnesite precursor, as well 

as the energy required to source CO2 for the carbonation process from direct air capture. Cement 

produced by the proposed seawater-derived Mg process has a lower energy demand and requires 

less CO2 per unit weight than MgO-derived cement, but has a higher energy requirement than 

Portland cement. 

Despite requiring more energy than Portland cement concrete, the proposed cement-from 

seawater process is still highly attractive because almost all of the energy inputs can be provided 

in the form of low- or zero-carbon electricity generated from renewable sources. Table 1 shows 

that the seawater-derived concrete can be carbon-negative, which is made possible because this 

process is powered by electricity, starts with carbon-free feedstock materials, and consumes CO2 

during the carbon curing process (up to 755 kg CO2 per ton of Mg(OH)2 for 100% conversion to 

nesquehonite). Meanwhile, conventional limestone- and magnesite-based cements have large 

carbon footprints due to direct and indirect CO2 emissions associated with calcination processes, 

which also lead to high carbon footprints for the resultant concretes. The carbon emissions of both 

conventional processes can be lowered if renewable energy is used for electricity-dependent 

processes, but electricity only typically comprises  5-10% of the total energy requirements.(56, 57) 
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There has also been substantial interest in capturing CO2 released from magnesite or limestone 

during the calcination process, and reabsorbing that same CO2 for the formation of the Mg-

concrete or emerging carbonate-based Portland cement concretes.(13, 27, 58) However, these 

methods can never be carbon-negative because the maximum amount of CO2 that can be 

reabsorbed by the system is less than the amount released during production due to the carbonate 

feedstock. 

 

2.6 Conclusions and Future Prospects    

This study has demonstrated the viability of a process for producing Mg-based cement from 

seawater derived feedstock materials that has potential to turn one of the world’s most carbon-

intensive industries into one of its biggest carbon sinks. However, significant advances must be 

made for this carbon-negative cement manufacturing scheme to become reality. First, it is essential 

that low-cost renewable electricity be used to power the process. As recently as 2019, only 19% 

of electricity in the US was derived from renewable or low carbon sources like nuclear.(59) Based 

on the current carbon intensity of the US grid electricity (0.45 kg CO2 kWh-1), the estimated carbon 

footprint of the proposed process would be +61 kg CO2 per ton of concrete, which represents a 

reduction of 67% compared to conventional Portland cement, but is not carbon-negative. Moving 

forward, carbon-negative cement involving electrochemical processing will only be possible if 

there is aggressive adoption of low carbon electricity generators. Secondly, it is important to note 

that Mg-based cement is not suitable for use in steel reinforced concretes because its lower 

alkalinity compared to Portland cement provides less protection against corrosion of iron-based 

rebar.(60) This shortcoming motivates the development of alternative reinforcements to replace 

steel, but until that time, early applications of seawater-derived Mg cements will more likely be in 

unreinforced components such as masonry blocks. Finally, we note that a manufacturing plant 

based on our process should ideally be located on the coast in close proximity to the ocean. While 

this presents an opportunity for coastal communities, which comprise a significant fraction of the 

earth’s population,(61) additional energy and carbon penalties would be incurred to transport pre-

cast seawater-derived concrete or vast volumes of seawater inland. 

 

 

III. Materials and Methods 

Chemicals- Except for natural seawater (Nutri·Seawater, Nature’s Ocean), all solutions were 

prepared using 18.2 MΩ-cm deionized water. Solutions were prepared using concentrated sulfuric 

acid (Certified ACS plus, Fisher Scientific), sodium chloride (ACS Reagent grade, Sigma 

Aldrich), sodium hydroxide (Certified ACS, Fisher Scientific), hydrochloric acid (Certified ACS 

plus, Fisher Scientific), potassium tetrachloroplatinate (99.99% trace metal basis, Sigma Aldrich), 

and universal pH indicator dye (pH 4-10, Sigma Aldrich). Anhydrous Mg(OH)2 (Reagent grade, 

95%, Sigma Aldrich) was used as the source material for control samples. Mg-free natural seawater 

was prepared by first adding 4.86 g of NaOH per L of seawater to precipitate Mg2+ as Mg(OH)2. 

The solution was centrifuged at 5000 rpm for 1 hour and decanted before lowering the pH back to 

pH ≈ 7.50 by titration with 1M HCl. The electrolytes were purged with either nitrogen gas (N2, 

Purity Plus 99.999% purity) or hydrogen gas (H2, Purity Plus 99.999% purity).  
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Electrode fabrication- Electrode supports were made from carbon foam (McMaster-Carr, 100 

pores per inches (PPI), sheet resistance = 7.87 ×  10−2 ohms/sq) with titanium foil used as an 

electrical connection and feedthrough. Each electrode was cut into a 15 mm × 33 mm piece, with 

the thickness of the electrode inserted into the electrolysis cell cut to a thickness of 3.2 mm (SI 

Figure S8). Before electrodeposition, the carbon foam underwent a two-step chronoamperometry 

procedure for 10 s total in 0.5 M H2SO4 whereby the potential was alternated between 0.4 V vs. 

Ag|AgCl and -0.8 V vs. Ag|AgCl with pulse widths of 5 s. Electrodes were platinized by carrying 

out cyclic voltammetry (CV) at 100 mV s-1 in a 3 mM K2PtCl4 + 0.5 M NaCl electrolyte (pH= 

2.60) for 21 cycles between -0.7 V vs. Ag|AgCl and +0.3 V vs. Ag|AgCl.   

Electrolyzer fabrication- Electrolyzers were 3D-printed using natural color acrylonitrile butadiene 

styrene (ABS) using a MakerGear M3-ID 3D printer (Makerbot Industries). The cell walls were 

printed with 100% solid infill. Design files are freely available at echem.io. Electrodes were 

inserted into slits in the cell body and sealed using epoxy (ClearWeld J.B Weld). Glass microscope 

slides serving as windows for in situ imaging were also attached with epoxy. High density poly 

ethylene connectors (1/8” ID, Cole-Parmer) were epoxied to the inlet and outlet ports.  

Electrolysis experiments- All electrochemical experiments were carried out using a Biologic SP-

300 bi-potentiostat. A schematic of the set-up used for most electrolysis experiments is provided 

in SI Figure S9. Electrolyzer inlet and outlet ports were connected to feed reservoir and effluent 

collection beakers, respectively, using silicone tubing (Masterflex L/S, Cole Parmer). The effluent 

tubes were fed through peristaltic pumps (NE-9004, Syringe Pump), which were set to identical 

volumetric flow rates to ensure equal volumetric flow rates through the anode and cathode. The 

feed reservoir was constantly purged with H2 gas (99.999% purity) at 1 atm. The series resistance 

of the cell was measured by electrochemical impedance spectroscopy (EIS). Before electrolysis, 

electrodes were characterized by conducting CV cycling at 20 mV s-1 for 10 cycles in deaerated 

0.5 M H2SO4 (SI Figure S10). Next, the cell was filled with synthetic or Mg-free natural seawater 

and electrodes were subjected to 5 more CV cycles while sweeping voltage between -0.2 V and 

1.1 V at 20 mV s-1. The pH of the anodic and cathodic effluent streams was measured under steady 

state operation while applying a cell voltage of 1.0 V. 

Precipitation experiments- Mg2+ was precipitated from natural seawater at room temperature by 

adding diluted NaOH at concentrations ranging from 0.03 M to 0.5 M to an Erlenmeyer flask 

containing 175-700 mL of seawater. After adding NaOH, the solution was allowed to equilibrate 

for 5 minutes before being transferred into a 500 mL Nalgene bottle for centrifugation. Each 

sample underwent 2-3 rinsing steps and each centrifugation step was carried out at 5000 rpm using 

an Avanti J-E Series JLA-10.500 Beckman Coulter Centrifuge. When the sample underwent two 

rinsing steps, the first centrifugation step lasted 2 minutes, the second step lasted 5 minutes, and 

the final step lasted 15 minutes. When the sample underwent three rinsing steps, the first 

centrifugation step lasted 2 minutes, the second and the third step lasted 5 minutes, and the final 

step lasted 15 minutes. After each centrifugation step, except for the final one, the supernatant was 

decanted and replaced by 400 mL of deionized water, and the bottle was shaken by hand for ≈ 2 

minutes. Following the final centrifugation step, Mg(OH)2(s) was collected from the bottle and 

spread onto a horizontally-suspended cloth and dried overnight in a fume hood using a fan. 

Powder processing- Standard Sigma Aldrich Mg(OH)2 powder was used as obtained. Dry 

seawater-derived Mg(OH)2(s) was ground using a ceramic mortar and pestle for one minute, then 
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pulverized in a ball milling device (SPEX 8000 Mixer/Mill) for 5 minutes (SI Figure S11). 

Subsequent sieving, using 53 μm and 75 μm sieve sizes, resulted in Mg(OH)2 powder with a 

particle size distribution similar to that of the standard brucite (SI Figure S5). Particle size 

distributions were determined using a laser-based particle sizer (Beckman Coulter, Inc., LS 13 320 

MW). 

Sample compaction and curing- Figure S12 in the SI shows the steps involved with compacting 

and curing the Mg(OH)2. Briefly, 40 g of dry Mg(OH)2 powder was combined with distilled water 

at a water to solids mass ratio of 0.3. The wet powder was then divided into three identical 

cylindrical specimen molds, each with a diameter of 1 inch and a height of 1 inch. Each specimen 

was compacted in two layers, where each layer was subjected to a compaction pressure of 3 MPa 

for two minutes using an MTS Criterion C43 Electromechanical Testing Machine. The water to 

solids ratio and the compaction pressure were selected based on a recent study by our groups that 

systematically explored the influence of processing conditions on the compressive strength of 

binders made by accelerated carbonation of lab grade brucite.(43) After compaction, specimens 

were demolded and weighed, and immediately placed in an incubator which maintained an 

environment of 20 vol. % CO2, with a 25°C ± 1°C operation temperature and 80% ± 5% relative 

humidity. The compacts (3 repeat samples) were subjected to 48 hours of curing. After removal 

from the incubator, the cured specimens were weighed and their dimensions measured. 

Compressive strength measurement- Specimens were capped with high strength gypsum paste, 

which was applied to each end of the specimen and solidified against a smooth surface. This 

capping ensured that each specimen had orthogonal and smooth bearing surfaces, in order to 

minimize stress concentrations and maintain loading uniformity during the compression test. The 

compression tests were conducted using a hydraulic testing machine (Instron 5984 Universal 

Testing Machine) at a displacement rate of 0.15 mm/min. 

Characterization- Characterization was performed on both raw and cured samples to help identify 

effects of carbonation. The raw powder was used as is for characterization. For the cured samples, 

one specimen from each batch was picked and pulverized into a fine powder. It was then 

characterized by TGA, XRD, and SEM. About 15 mg of powder was used for the TGA scans in a 

TA Instrument Q50 thermogravimetric analyzer. The samples were heated from room temperature 

to 1000°C at a rate of 20°C min-1 in an inert N2 atmosphere. XRD characterization was performed 

using a Malvern Panalytical XPert3 powder diffractometer. Powdered samples were packed into a 

circular sample holder and exposed to Cu Kα radiation (operating conditions: 40 V and 40 mA). 

XRD scans were carried out for 2θ angles between 5° to 80° at a step size of 0.04° and step interval 

of 0.05 seconds per step. MDI’s JADE 6 software was used for phase identification and Maud 

software was used to apply Rietveld refinement method. Further details of phase composition 

calculations, based on both XRD and TGA results, are provided in SI section III. SEM images 

were obtained using a Zeiss Sigma VP Scanning Electron Microscope. Powder was scattered on 

carbon tape and coated with Au Pd to reduce charging. 
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