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Phosphate is central to the origin of life because it is a key
component of nucleotides in genetic molecules, phospholipid cell
membranes, and energy transfer molecules such as adenosine
triphosphate. To incorporate phosphate into biomolecules, pre-
biotic experiments commonly use molar phosphate concentrations
to overcome phosphate’s poor reactivity with organics in water.
However, phosphate is generally limited to micromolar levels in
the environment because it precipitates with calcium as low-
solubility apatite minerals. This disparity between laboratory con-
ditions and environmental constraints is an enigma known as “the
phosphate problem.” Here we show that carbonate-rich lakes are
a marked exception to phosphate-poor natural waters. In princi-
ple, modern carbonate-rich lakes could accumulate up to ∼0.1
molal phosphate under steady-state conditions of evaporation
and stream inflow because calcium is sequestered into carbonate
minerals. This prevents the loss of dissolved phosphate to apatite
precipitation. Even higher phosphate concentrations (>1 molal)
can form during evaporation in the absence of inflows. On the
prebiotic Earth, carbonate-rich lakes were likely abundant and
phosphate-rich relative to the present day because of the lack of
microbial phosphate sinks and enhanced chemical weathering of
phosphate minerals under relatively CO2-rich atmospheres. Fur-
thermore, the prevailing CO2 conditions would have buffered
phosphate-rich brines to moderate pH (pH 6.5 to 9). The accumu-
lation of phosphate and other prebiotic reagents at concentration
and pH levels relevant to experimental prebiotic syntheses of key
biomolecules is a compelling reason to consider carbonate-rich
lakes as plausible settings for the origin of life.
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Phosphate is central to the origin of life (1–4) because it is a
key component of nucleotides, phospholipids, and metabo-

lites such as adenosine triphosphate used in cellular replication,
compartmentalization, and energy transfer, respectively (5). A
major issue for prebiotic chemistry is that phosphate combines
with Ca2+ down to micromolar levels to form apatite-group
minerals [e.g., Ca5(PO4)3(OH,F,Cl)] or with Fe3+ and Al3+ in
acidic solutions to form Fe/Al phosphates (6). However, labo-
ratory experiments seeking to understand prebiotic phosphory-
lation (i.e., adding a phosphoryl group to an organic molecule)
commonly use ∼1 molal phosphate to overcome phosphate’s
poor reactivity with organics in water (2–4, 7, 8). Concentrated
phosphate also catalyzes acid/base and nucleophilic reactions
and acts as a pH and chemical buffer (8). The geochemical dif-
ficulty of forming concentrated phosphate, combined with its
central role in prebiotic syntheses, is a long-standing enigma
known as “the phosphate problem” (1, 4).
Difficulties with using aqueous phosphate have motivated re-

search on more reactive phosphorylating agents such as struvite
(MgNH4PO4·6H2O), polyphosphates, and amidophosphates (9–
11), and alternative solvents such as formamide and urea (12,
13). These approaches are generally problematic because the
proposed reagents would have been scarce in plausible early
Earth environments (10, 14, 15). Reduced phosphorus com-
pounds, such as phosphite ðPO3−

3 Þ, may also form when water
reacts with meteoritic material, and are more reactive and

soluble than orthophosphate (1, 16); however, phosphorylation
with phosphite primarily yields phosphonates, that is, compounds
with P–C bonds vs. P–O–C bonds in organophosphates. These
issues have motivated recent proposals for an origin of life in
extremely acidic hot spring environments (17), which can ac-
cumulate aqueous phosphate as H3PO0

4 species, but measured
phosphate concentrations in acid hot springs are limited to
<1 mM (18).
Here we to show that carbonate-rich lakes are an exception to

the rule of low phosphate concentrations found in most natural
waters. Using environmental data, laboratory experiments, and
geochemical models, we find that >1 molal phosphate concen-
trations could have occurred on the early Earth in carbonate-rich
lake environments. This provides a plausible geochemical source
of concentrated, soluble phosphate needed in prebiotic synthe-
ses, and points to a specific environment for the origin of life in
carbonate-rich lakes.

High Phosphate Concentrations in Present-Day, Carbonate-
Rich Lakes
Phosphate concentrations are remarkably high in closed-basin,
carbonate-rich lakes and generally increase with increasing car-
bonate alkalinity (Fig. 1) (see SI Appendix, Appendix A for other
dissolved species). Searles Lake, located within the Mojave Desert
in California, is an economically important carbonate-, boron-,
and sulfate-rich groundwater brine within a dry lake basin that
contains 5 to 17 mM phosphate (19). Even higher total phos-
phorus concentrations are found in Goodenough and Last Chance
Lakes in British Columbia, which can exceed 50 mM during
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periods of desiccation in the summer and autumn (20, 21). Other
carbonate-rich lakes, such as Lake Magadi in Africa (22, 23) and
Mono Lake in California (24), contain ∼1 mM phosphate.
Closed-basin lakes accumulate high salt concentrations, in-

cluding phosphates, from chemical weathering within their hy-
drologic basins, followed by the inflow of weathering products
via streams to evaporating lake brines (25). Carbonate-rich lakes,
in particular, develop when atmospheric or volcanogenic CO2

gas dissolves in water to form carbonic acid ðH2CO0
3Þ, which

chemically weathers rocks to form dissolved cations (Na+, K+,
Ca2+, and Mg2+) and carbonate alkalinity (CO2−

3 and HCO−
3 ).

Upon evaporation of these fluids, Ca2+ and Mg2+ ions precipitate
as carbonates and silicates, and the residual carbonate alkalinity
concentrates as Na–HCO3–CO3-rich brine (26).
Phosphate is thought to accumulate in carbonate-rich lakes

because the carbonate alkalinity strongly precipitates Ca2+ from
solution as low-solubility Ca2+ carbonates, which allows phos-
phate to reach much higher concentrations before saturating
with respect to apatite (27, 28). However, the specific minerals
that control Ca2+ and phosphate concentrations, and the maxi-
mum phosphate concentrations possible, are unknown because
apatites and carbonates form poorly defined and/or metastable
phases in carbonate-rich brines. Na+, Mg2+, CO2−

3 , SO2−
4 , and F−

ions typically found at high concentrations in carbonate-rich
lakes extensively substitute in apatites (26, 29, 30), which
greatly influences their solubility, nucleation, and crystallization
rate (30). Furthermore, even low phosphate concentrations in-
hibit the nucleation and growth of both calcite (CaCO3) and
aragonite (a low-temperature CaCO3 polymorph), so other car-
bonate phases likely control Ca2+ concentrations in carbonate-
rich lakes (31). A final issue is that biology cycles organic and
inorganic phosphorus in carbonate-rich lakes, which makes it
difficult to separate biotic vs. abiotic influences on phosphate
concentrations.

Experiments on Phosphate Accumulation in Carbonate-Rich
Brines
The preceding considerations motivated a series of experiments
to determine how much phosphate can accumulate by abiotic

processes in carbonate-rich lakes. We start by noting that carbonate-
rich lakes can only accumulate phosphate if Ca2+ precipitates in
carbonates instead of apatites; otherwise, phosphate will be re-
moved from solution by much higher Ca2+ influxes to lake basins.
Consequently, how much phosphate can accumulate in carbonate-
rich lakes is determined by what phases Ca2+ preferentially pre-
cipitates in. If Ca2+ precipitates as apatite, it will limit phosphate
concentrations in the brine. On the other hand, if Ca2+ carbonates
form, then phosphate can accumulate at higher concentrations.
To investigate Ca2+ precipitation in phosphate- and carbonate-

rich brines, we slowly added Ca2+ using gypsum (CaSO4·
2H2O) and phosphate using Na2HPO4 to various saturated
Na2CO3/NaHCO3 brines in the laboratory at room temperature
(∼23 °C). We then analyzed the salts that precipitated for min-
eralogy and chemistry (Methods). Results indicate that the for-
mation of apatite and Ca2+ carbonate salts depends primarily on
the relative concentrations of carbonate ðCO2−

3 Þ vs. bicarbonate
ðHCO−

3 Þ ions in solution (Fig. 2A). High CO2−
3 ion concentrations

strongly precipitate Ca2+ from solution as gaylussite (Na2CO3·
CaCO3·5H2O) and/or calcite (open circles in Fig. 2A), which al-
lows phosphate to accumulate up to ∼100 mmol·kg−1. Gaylussite
is commonly found in carbonate-rich lakes, such as in Searles Lake
and nearby Mono Lake (32); however, the formation of calcite is
surprising because even trace phosphate levels inhibit calcite nu-
cleation and growth (31). We infer that calcite probably formed
indirectly through incongruent dissolution of primary gaylussite
based on the slow conversion of gaylussite to calcite we observed
over 4 wk (SI Appendix, Appendix B, Fig. S4), which is supported
by observations of gaylussite converting into CaCO3 inMono Lake
(33, 34).
At low CO2−

3 ion concentrations, Na-rich carbonated apatites
and calcite phases occur together, and phosphate concentrations
in equilibrium with these minerals decrease with decreasing
CO2−

3 (black circles near the left of the vertical axis in Fig. 2A).
These results are consistent with Ca2+ from carbonate salts con-
trolling the solubility of apatite. A decrease in CO2−

3 ion concen-
tration increases the solubility of calcite/gaylussite, which increases
the concentration of Ca2+ in solution and causes phosphate to
precipitate as apatite.
The relative proportion of CO2−

3 vs. HCO−
3 ions in solution

also controls the pCO2 and pH, which we model for the exper-
imental saturated Na–HCO3–CO3 brines in Fig. 2B (SI Appendix,
Appendix B, Table S1 and Methods). By comparing modeled
pCO2 values to recent estimates ranging from 0.01 to 1 bar CO2
on the early Earth (35), we find that corresponding phosphate con-
centrations in our experiments are between 20 and 100 mmol·kg−1,
respectively. Furthermore, the pH ranges from circumneutral at 1
bar pCO2 to pH 9 at 0.01 bar pCO2 in saturated Na–HCO3–CO3
brines because the relatively high pCO2 acidifies the solutions.
This suggests that elevated phosphate concentrations could have
occurred in CO2-rich atmospheres on the early Earth.

Evaporative Concentration of Phosphate-Rich Brines
Our experiments indicate that when Ca2+ is added to phosphate-
and carbonate-rich brines, apatite minerals only precipitate
above 10 to 100 mmol·kg−1 phosphate. Applied to a closed-basin
lake setting, this means that phosphate delivered via streams can
accumulate up to ∼100 mmol·kg−1; however, at higher phosphate
concentrations, Ca2+ delivered by stream inflows will precipitate
phosphate from solution as apatite. Given that streams have
much more Ca2+ than phosphate (36), closed-basin lakes in hy-
drologic balance (i.e., stream inflows balance water loss via
evaporation) are constrained to <100 mmol·kg−1 phosphate.
However, once a phosphate-rich lake forms, the brine contains
much more phosphate than Ca2+ because Ca2+ is sequestered
into carbonate minerals (see SI Appendix, Appendix A for lake
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Fig. 1. Phosphorus concentrations in carbonate-rich lakes, including Searles
Lake (19, 69), Lake Magadi (22, 23), Goodenough and Last Chance Lakes (20,
36), various other North American lakes (36, 69–71), and various other Af-
rican lakes (72–75). Inorganic phosphate was determined in most analyses;
however, the Goodenough and Last Chance Lake analyses are for total
phosphorus (inorganic + organic).
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data). Consequently, in the absence of stream inflows, evaporating
lake brines can reach much higher phosphate concentrations. Such
evaporation may occur seasonally because of wet and dry cycles.
Alternatively, lake brines may desiccate in shoreline environments
by evaporation on rocks wetted by wave action or evaporation in
local pools.
During lake evaporation (in the absence of Ca-rich stream

inflows), phosphate will accumulate in the residual brine until it
precipitates with a more concentrated cation as a salt. This
phosphate-limiting salt cannot be a Ca2+ or Mg2+ phase because
these ions are minor in carbonate-rich brines. We can also ex-
clude K+ because it is minor relative to Na+ in carbonate-rich
lakes and only precipitates phosphate salts at extremely high
concentrations (37). The remaining major cation is Na+, which
implies that phosphate concentrations will increase in evapo-
rating lake brines until the brine reaches saturation with respect
to sodium phosphate salts. In addition, high phosphate concen-
trations would only form after sodium carbonate/bicarbonate
and chloride salts had precipitated because phosphate is minor
relative to both carbonate alkalinity and chloride.
To determine the maximum phosphate concentrations possi-

ble in such brines, we model solutions saturated with respect to
sodium phosphate, carbonate, and chloride salts at variable
temperature (0 to 50 °C) and CO2 gas pressure (log pCO2 −3.5
to 0 bars). We find that up to 3 molal phosphate occurs in
equilibrium with either Na2HPO4·7H2O or Na2HPO4·2H2O salts
(Fig. 3A). Relative to pure sodium phosphate solutions (Fig. 3A,
red lines), phosphate concentrations in saturated mixed brines

(Fig. 3A, black lines) decrease by about one-third because the
additional Na+ associated with chlorides and carbonates forces
Na2HPO4 to precipitate from solution. The carbonate alkalinity
precipitates as either nahcolite (NaHCO3), natron (Na2CO3·10H2O),
or trona (Na2CO3·NaHCO3·2H2O) depending on the pCO2, and
chloride ions precipitate as halite (NaCl).
The modeled pH of saturated phosphate brines depends on

the temperature and atmospheric pCO2 (Fig. 3B). At present-
day pCO2 levels, solutions are highly alkaline (pH ∼ 10), con-
sistent with high pHs measured in modern soda lakes (38);
however, in CO2-rich atmospheres on the early Earth (log
pCO2 = −2 to 0) brines range from moderately alkaline (pH 9)
to slightly acidic (pH 6.5) because of acidification by CO2. These
are maximum pH values because the solutions are saturated with
respect to carbonate alkalinity; hence, for undersaturated solu-
tions the pH will be lower. Temperature also affects the pH
because CO2 is more soluble in solutions at lower temperatures.
These results provide a plausible environmental scenario for
molar phosphate concentrations at moderate pH levels used in
prebiotic syntheses (8).

Carbonate-Rich Lakes on the Early Earth
Carbonate-rich lakes may have been relatively common on early
Earth due to strong chemical weathering of abundant, fresh
volcanic rocks (39) under early Earth’s CO2-rich atmosphere
(40). Weathering would release phosphate from apatites and
carbonate alkalinity from other minerals, which would accumulate
in closed basins (41, 42). A potential analog for such carbonate-rich

BA

Fig. 2. Results from experiments on phosphate- and carbonate-rich brines. (A) The concentration of phosphate in saturated Na–HCO3–CO3 brines after 2 wk
of equilibration with 50 to 100 mmol·kg−1 Ca2+ in the form of gypsum (CaSO4·2H2O) and initial phosphate concentrations from 10 to 100 mmol·kg−1. Solid
circles indicate solutions saturated with respect to both apatite and calcite (determined via XRD; see Methods). Open circles indicate solutions that are
saturated with respect to calcite and/or gaylussite (Na2CO3·CaCO3·5H2O); hence, phosphate must be more concentrated than these points for apatite to pre-
cipitate (indicated by the upwards arrows). The x axis gives the equivalent percentage of CO2−

3 ions relative to the total carbonate alkalinity, that is,
100×2CO2−

3 =ð2CO2−
3 +HCO−

3 Þ. (B) Themodeled pCO2 and pH of the experimental saturated Na–HCO3–CO3 brines at 25 °C, which correspond to the solutions inA.
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black lines indicate the solubility of sodium phosphate in solutions saturated with respect to sodium phosphate, chloride, and carbonate salts. Solid lines are
for 1 bar atmospheric pCO2, and dashed lines are for log pCO2 = −3.5 bar (the pCO2 of present-day Earth). (B) The pH of solutions saturated with respect to
sodium phosphate, chloride, and carbonate salts at variable temperature and pCO2. The range of pH and temperature of these solutions encompasses that of
the black lines in A.
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lakes on the early Earth is Lonar Lake in central India, a NaHCO3-
rich lake formed from an impact crater in basalt host rock (43).
Lonar Lake also precipitates gaylussite and calcite salts (44), but
phosphate concentrations are relatively low (∼5 μM) because algal
blooms consume the phosphate (45).
A consequence of early Earth’s CO2-rich atmosphere is that it

would have enhanced the weathering of hydroxyl- and fluo-
rapatites in mafic rocks by lowering the pH of surface waters (46,
47). Apatites are more soluble at lower pH and weather more
rapidly in CO2-acidified stream and rainwater, resulting in po-
tentially high phosphate fluxes to carbonate-rich lakes on the early
Earth. By modeling the equilibrium solubility of fluorapatite and
hydroxyapatite in the presence of calcite buffer as a function of
temperature and CO2 pressure (Fig. 4 and Methods), we find that
relatively low CO2 pressures on present-day Earth (log pCO2 =
−3.5) limit phosphate to ≤1 μM, which is consistent with
phosphate concentrations found in most present-day rivers and
surface waters. However, in CO2-rich atmospheres relevant to
the early Earth (pCO2 = 0.01 to 1 bar) (35, 40), modeled
phosphate concentrations are 10 to 100 times higher, which
implies a much higher phosphate weathering flux on the early
Earth from streams into lakes.
Phosphate concentrations were likely higher in prebiotic,

carbonate-rich lakes because microbial phosphate sinks were ab-
sent. Modern carbonate-rich lake environments are some of the
most productive ecosystems on Earth in terms of biomass turnover
because of high nutrient levels (38). As a result, phosphate mea-
sured in modern carbonate-rich lakes is probably a minimum be-
cause microbes consume the phosphate and eventually deposit it in
organic matter. This may explain why Lake Magadi in Africa, a
surface lake with high biomass turnover, has over 10 times lower
phosphate concentrations than Searles Lake (which cannot support
photosynthetic microbes because it is a groundwater brine), despite
the much higher carbonate alkalinity found in Lake Magadi (Fig. 1).
Consequently, in the absence of microbial consumption, carbonate-
rich lakes on the prebiotic Earth may have hosted higher phosphate
concentrations than typically occur today.
A potential sink for soluble phosphate on the early Earth is

reduced soluble iron (Fe2+), which precipitates with phosphate
as the low-solubility mineral vivianite [Fe3(PO4)2·8H2O]. How-
ever, Fe2+ also precipitates as siderite (FeCO3) in carbonate-rich

brines, which limits Fe2+ to low levels and increases the solubility
of phosphate from vivianite, similar to solubility relations in the
CaCO3–apatite system shown in Fig. 2. Furthermore, siderite is
less soluble than calcite, and unlike calcite, the nucleation and
growth of siderite is not inhibited by phosphate. Although sid-
erite crystallizes relatively slowly from solution at low tempera-
tures (48), near-equilibrium conditions occur on a timescale
of hours to days, which is fast relative to inflow and evaporation
processes in closed-basin lakes. This implies that Fe2+ concen-
trations in anoxic, phosphate- and carbonate-rich brines will be
lower than Ca2+, which suggests that Ca2+, not Fe2+, would
have controlled phosphate concentrations in carbonate-rich
lakes on the early Earth.

Implications for Prebiotic Chemistry
Our experiments and model results show that carbonate-rich
lakes on the early Earth would have accumulated phosphate at
concentration and pH levels relevant to laboratory prebiotic
syntheses. Molar phosphate concentrations can occur during
evaporation in lake marginal pools, on rocks wetted by wave
action, and in shore sediments. Drying promotes condensation
reactions such as phosphorylation by removing water (49), as
well as more generally facilitating polymerization reactions (50).
Condensation reactions may also have been promoted by deli-
quescence of highly soluble evaporites (51). Furthermore,
carbonate-rich lakes are rich in clay, zeolite, and silica mineral
assemblages that catalyze phosphorylation reactions because of
their high reactive surface areas (52). Once phosphate reacts,
changing lake levels or wave action could reintroduce the reaction
products to the lake, or reaction products could undergo succes-
sive wet–dry cycles.
More broadly, closed-basin lakes are ideal sites for “one-pot”

organic syntheses because they accumulate and concentrate re-
agents via evaporation across hydrologic basins (41, 49, 53). As a
result, closed-basin lakes may have accumulated organic pre-
cursors for phosphorylation, as well as condensation agents that
promote phosphorylation by forming reactive intermediate PO−

3
species (54) and polyphosphates (14). Boron also accumulates at
high concentrations in closed-basin lakes (e.g., Searles Lake
contains ∼0.5 molal boron; SI Appendix, Appendix A), which
promotes the regioselective phosphorylation of ribose and sta-
bilizes the furanose form needed to synthesize nucleic acids (55).
A difficulty for an origin of life in saline lakes is that high salt

concentrations tend to destabilize lipid vesicles (56) and inhibit
RNA oligimerization (57), but these issues are potentially re-
solvable. For example, lipid vesicles can stabilize in high-salt en-
vironments by binding to nucleotides and/or amino acids (58, 59).
Given that concentrated prebiotic reagents and wet/dry cycles
often used in the laboratory imply saline environments, more re-
search is needed on prebiotic chemistry in salty solutions.
Recent attempts at “one-pot” syntheses have proposed closed-

basin lakes as sites for the formation of amino acids, nucleotides,
and lipid precursors in reaction networks involving ultraviolet
light, phosphate, sulfur, and cyanide (53, 60). Our results indi-
cate that high phosphate concentrations used in these reaction
networks (8) plausibly occurred in carbonate-rich lake environ-
ments. Furthermore, the key cyanide component needed for this
chemistry also preferentially accumulates in carbonate-rich lakes
to make sodium ferrocyanide evaporites, which thermally de-
compose to sodium cyanide above 700 °C (possibly via magmatic
activity or flash heating from asteroid impacts) (42, 53, 61).
Concentrated sulfur needed for prebiotic syntheses may also
have accumulated as sulfite ions (62). Consequently, carbonate-
rich lakes accumulate a number of key reagents at high con-
centrations relevant to experimental prebiotic syntheses.
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Conclusions
The results presented here show that carbonate-rich lakes ac-
cumulate phosphate because Ca2+ preferentially precipitates in
gaylussite and/or calcite, which increases the solubility of apa-
tites. In carbonate-rich lakes influenced by stream inflows,
phosphate levels are limited to <0.1 molal because excess
Ca2+ in stream water precipitates apatite above this phosphate
concentration threshold. However, in the absence of stream in-
flows, phosphate can enrich to >1 molal levels during evapora-
tion because phosphate concentrations exceed Ca2+ in carbonate-
rich lakes. Such evaporation could occur continuously along lake
margins, or during dry seasons.
Carbonate-rich lake environments were likely common on the

early Earth due to chemical weathering of mafic rocks in early
Earth’s CO2-rich atmosphere, and would have been relatively
phosphate-rich compared to the present day because of efficient
weathering of apatite minerals and the lack of microbial phos-
phate sinks. Furthermore, phosphate-rich brines on the early
Earth would have had slightly acidic to moderately basic pH (pH
6.5 to 9) because of elevated atmospheric CO2 levels. Thus,
carbonate-rich lakes are highly plausible environments for ac-
cumulating phosphate at concentration and pH levels relevant to
laboratory syntheses of prebiotic organophosphate compounds.
Given the central importance of phosphate in cellular processes,
and that phosphate occurs at micromolar concentrations else-
where, our results specifically point to carbonate-rich lakes as
sites for prebiotic chemistry and the origin of life.

Methods
Experimental Ca2+ and Phosphate Precipitation in Carbonate-Rich Brines. The
goal of these experiments was to determine which salt phases precipitate
Ca2+ and phosphate ions in phosphate- and carbonate-rich brines. To
achieve this, we added gypsum (CaSO4·2H2O) to phosphate- and carbonate-
rich brines prepared in the laboratory, and allowed the mixtures to react
over 1 to 4 wk. The rationale behind this methodology is that the gypsum
will slowly dissolve because it is sparingly soluble, gradually adding Ca2+ to
solution, which approximates the slow addition of Ca2+ via inflow waters
to closed-basin lakes. A potential complication to using gypsum as the

Ca2+ source is that gypsum will also add SO2−
4 ions to solution; however, the

added SO2−
4 is <0.1 molal does not precipitate as a solid phase, and is not

expected to interfere with the precipitation of carbonate or phosphate salts.
After equilibration of the solution, we analyzed the resulting solid phases
using inductively coupled optical emission spectroscopy (ICP-OES) and X-ray
diffraction (XRD). The detailed results of these experiments are given in SI
Appendix, Appendix B.

To prepare phosphate- and carbonate-rich brines, we gravimetrically
added NaHCO3, Na2CO3, Na2HPO4, and NaF reagents to 150 mL of deionized
water in 250-mL polyethylene bottles. We added the NaHCO3 and Na2CO3

reagents in varying proportions ranging from pure NaHCO3 to pure Na2CO3

to make nearly saturated solutions (i.e., the concentration just below the
point at which salt precipitates). We determined the saturation point for
each Na–HCO3–CO3 mixture at 25 °C using the THEREDA Pitzer model de-
scribed in Geochemical Models. We added the Na2HPO4 reagent at con-
centrations ranging from 10 to 500 mmol·kg−1, and the NaF reagent at 0 and
10 mmol·kg−1. Finally, we added Ca2+ in the form of gypsum, capped the
solutions, and agitated them with an orbital shaker for 1 to 4 wk.

We performed 4 series of experiments using the brine mixtures described
above:

1) We varied the initial NaHCO3:Na2CO3 ratio at constant equilibration
time (2 wk) and initial phosphate concentration (50 mmol·kg−1, the high-
est concentration measured in carbonate-rich lakes).

2) We varied the equilibration time at constant initial NaHCO3:Na2CO3

ratio (0.6:0.4) and initial phosphate concentration (50 mmol·kg−1).
3) We varied the initial phosphate concentration at constant equilibration

time (2 wk) and initial NaHCO3:Na2CO3 ratio (0.6:0.4).
4) We repeated experiments 1 and 3 described above with the addition of

10 mmol·kg−1 F−. These experiments are motivated by relatively high
F− concentration commonly found in carbonate-rich lakes (SI Appendix,
Appendix B), and because F− strongly precipitates with Ca2+ and phos-
phate in natural systems to form fluorapatites.

Analysis of Solids after Equilibration. After the brine/salt mixtures equili-
brated, we removed the solid phases by filtering. We then removed excess
brine from the filtered solids by rinsing with ethanol and dried them in air for
∼10 min. We then powdered the solid samples and analyzed them using a
Bruker D8 Discover XRD from 10 to 60° 2θ. Furthermore, we analyzed the
solids for Na, Ca, S, and P using ICP-OES. To prepare the solid samples for ICP-
OES analysis, we first dried the samples in a vacuum oven at 60 °C overnight,
and then acidified weighed aliquots of the dried samples (∼50 mg) with 1
mL of ∼2 M nitric acid (which completely dissolved the solid). The acid-
dissolved samples were then diluted as needed for ICP-OES analysis.

We calculated the CO2−
3 content of the equilibrated solid phases (on a dry

weight basis) by assuming molar charge balance via the equation

�
CO2−

3

�
=
�
Ca2+

�
+
½Na+�
2

−
3
2

�
PO3−

4

�
−
�
SO2−

4

�
. [1]

The total calculated weight percent of Ca2+, Na+, PO3−
4 , SO2−

4 , and CO2−
3

components on a dry basis is typically within several percentage of 100% (SI
Appendix, Appendix B, Table S2).

Calculation of Aqueous Species after Equilibration. To calculate ion concen-
trations in the solutions after equilibration, we assumed that all of the
Ca2+ had completely precipitated as solid phases; consequently, the total
concentration of all other ions precipitated from solution may be de-
termined relative to Ca2+. We also tested this assumption on a representa-
tive suite of samples and found that ∼99.9% of the Ca2+ remained in solid
phases over the course of the experiments (see discussion in SI Appendix,
Appendix B). For any given ion X, the concentration in solution after
equilibration is given by

½X�final  solution = ½X�initial  solution −
�
Ca2+

�
total

½X�
½Ca2+�

 !
solid

, [2]

where subscripts indicate concentrations in the equilibrated solid, the initial,
and the final solutions. We neglect F− concentrations because this ion is
minor in the experimental solutions. Finally, to determine the pH, pCO2, and
inorganic carbon speciation of the equilibrated solutions, we modeled the
solution composition determined above in equilibrium with 100 mL of
headspace gas, which is the headspace volume in our experiments, using the
THEREDA Pitzer model at 25 °C (described in Geochemical Models).

Geochemical Models.Weuse two approaches tomodel phosphate solubility at
variable temperature and composition. To model solution chemistry at rel-
atively low concentrations in Fig. 4, we use the phreeqc.dat database in the
geochemical program PHREEQC (63). We supplemented phreeqc.dat with
temperature-dependent equilibrium constants for fluorapatite [Ca5(PO4)3F]
(64) and hydroxylapatite [Ca5(PO4)3OH] (65). To model concentrated solu-
tions in the Na–Cl–P–CO2–H–OH system from 0 to 60 °C in Fig. 3, we de-
veloped a Pitzer model in PHREEQC using parameters from several existing
models. The resulting PHREEQC database file, as well as a detailed de-
scription of the Pitzer model equations and the model fits to literature data,
are given in SI Appendix, Appendix C.

For Pitzer parameters involving NaCl, NaHCO3, and Na2CO3 salts, we use
Pitzer parameters and solubility products from CHEMCHAU (66), which is
parameterized from 0 to 100 °C. We include NaCl, Na2CO3·7H2O, Na2CO3·
H2O, NaHCO3, Na2CO3·10H2O, NaHCO3·Na2CO3·2H2O, and CO2 gas phases
from CHEMCHAU. For phosphate Pitzer parameters, we use parameters
from the THEREDA R-12 Pitzer database (37, 67, 68), and assume that
Pitzer parameters involving phosphate are temperature-invariant. To model
the temperature-dependent solubility of Na2HPO4·12H2O, Na2HPO4·7H2O,
Na2HPO4·2H2O, Na2HPO4, NaH2PO4·2H2O, NaH2PO4·H2O, and NaH2PO4 solid
phases, we fit literature data on the solubility of these salts to the
temperature-dependent expression for equilibrium constants in PHREEQC,
using the THEREDA solubility product at 25 °C as a basis. Finally, to model

the dissociation constants of phosphoric acid (H3PO4) to H2PO
−
4 , HPO

2−
4 , and

PO3−
4 , we use the temperature-dependent dissociation constants in the

phreeqc.dat database.

Data Availability. Experimental data from this study are available in SI Ap-
pendix, Appendix B, Tables S1 and S2. The PHREEQC database file used to
make Fig. 3 is given in SI Appendix, Appendix C.
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Supplementary Material 

Appendix A: The composition of carbonate-rich lakes 

Carbonate-rich lakes accumulate a number of ions, in addition to phosphate, from their hydrologic 

basins, and concentrate these ions until they precipitate from solution as salts (1) (Fig. S1). Most 

ion concentrations in carbonate-rich lakes, with the exception of Ca2+ and Mg2+, increase linearly 

with phosphate in approximately 1:1 trends (Fig. S1). This indicates that phosphate in carbonate-

rich lakes behaves as a conservative solute, that is, it does not precipitate during evaporation as a 

salt. This is in stark contrast to the situation in most surface waters on Earth, where phosphate has 

a highly non-conservative behavior and precipitates as apatite minerals.  

The conservative behavior of phosphate is best appreciated in relation to Br-, one of the most 

conservative ions in carbonate-rich lake brines because it forms highly soluble salts and does not 

significantly coprecipitate with other halides. In general, phosphate varies with Br- along a 1:1 

trend (the dashed line in the Br- vs. phosphate plot in Fig. S1), which indicates that phosphate also 

behaves as a conservative ion. Other ions, such as Cl- and Na+, are also highly conservative and 

show a similar trend with phosphate. 

The highest concentration ions in carbonate-rich lakes are invariably Na+ and Cl-. Sodium ion 

concentrations reach up to ~9 molal, at which point Na+ precipitates as highly soluble NaCl and 

NaHCO3/Na2CO3 phases. Similarly, Cl- concentrations up to ~6 molal are possible before the Cl- 

precipitates as halite (NaCl). In modern carbonate-rich lakes, phosphate concentrations above ~1 

mmol·kg-1 commonly occur in brines saturated with respect to NaCl and NaHCO3/Na2CO3 salts. 

K+ ions have a similar chemistry to Na+, but on average the K+/Na+ ratio in carbonate-rich lakes is 

~0.05, and the highest concentrations are ~1 molal. Lower K+ relative to Na+ is caused by several 

factors. First, K+ salts such as arcanite (K2SO4) and sylvite (KCl) are less soluble than their Na+ 

analogs. Second, K+ ions undergo irreversible ion exchange fixation and precipitates in secondary 

silicate minerals (1).  

Other ions that have appreciable concentrations in carbonate-rich brines are boron species and 
2-

4SO . Boron concentrations are especially high in Searles Lake (~0.4 molal) (2), although Owens 

lake in California also attains high boron concentrations during evaporation (3). Boron 

concentrations are limited by highly soluble borax salts (Na2B4O7·10H2O) (4). On present-day 

Earth, boron derives from weathering of boron-enriched continental crust (5). Although less land 

was likely present at life’s origin than today, trace boron could have accumulated in significant 

concentrations via evaporative concentration in closed-basin lakes even on small amounts of land, 

such as ocean islands. Finally, 
2-

4SO  reaches concentrations of ~1 molal before precipitating as 

Na+ and K+ salts such as mirabillite (Na2SO4·10H2O), arcanite, and thenardite (Na2SO4).  

Ca2+ and Mg2+ ions generally have relatively low concentrations in carbonate-rich lakes, as 

expected based on high concentrations of carbonate ions. In some cases, Ca2+ and Mg2+ attain 

maximum concentrations of ~10 mM in carbonate-rich lakes; however, we question the accuracy 

of such high literature values. Almost all of the high Ca2+ values in Fig. S1 corresponding to high 

phosphate concentrations are from a single study (6). This study measured Ca2+ and Mg2+ using 



3 

 

Inductively Coupled Optical Emission Spectroscopy (ICP-OES); however, ICP-OES suffers from 

matrix effects when measuring trace components in concentrated solutions, which may raise the 

apparent ion concentration. Given that Ref. (6) gives little information on the analytical procedure, 

and that the Ca2+ and Mg2+ values are anomalously high, these measurements are of questionable 

accuracy. Other anomalously high Ca2+ values are from analyses done prior to ~1920, and so are 

also of questionable accuracy.  

As an example of possible inaccuracies in literature Ca2+ analyses, Owens Lake, California, was 

analyzed prior to ~1920 and found to have ~1 mM Ca2+ (7). In comparison, a later study done by 

highly competent researchers measured 0.05-0.2 mM Ca2+ (3), which decrease with increasing 

carbonate alkalinity during evaporation as expected. We may also compare environmental Ca2+ 

concentrations with careful laboratory measurements of calcite solubility in Na2CO3 solutions (8), 

which indicate Ca2+ concentrations between 0.01-0.1 mM Ca2+ depending on the inorganic carbon 

concentration. Furthermore, we measured Ca2+ concentrations in several of the experimental brines 

in this manuscript (see SI Appendix B), and found that concentrations are ~0.1 mM. 

Carbonate-rich lakes are rich in many other ions such as F-, Li+, silica, and trace metals (9-11). In 

particular, silica and trace metals accumulate because of the formation of more soluble ion 

complexes in the presence of high pH and/or high concentrations of background ions. Silica 

accumulates at relatively high concentrations in carbonate-rich lakes because 
-

3 4H SiO  and 

2-

2 4H SiO  species form at high pH, instead of 
0

4 4H SiO  species at low pH. Similarly, trace metals 

are relatively soluble in carbonate-rich lakes because they form complexes with concentrated Cl-, 

OH-, 
-

3HCO , and 
2-

3CO  ions. 

Finally, we note that phosphorus may be present in inorganic and organic forms. In most analyses 

presented in Fig. S1, phosphate is measured using colorimetric methods, which is sensitive only 

to dissolved inorganic phosphate; however, measurements of the bulk P content by atomic 

emission methods yields only the total dissolved P (inorganic + organic phosphorus). In these cases 

(e.g., the P analyses for Goodenough and Last Chance lakes), a fraction of the total measured 

dissolved P may be due to the dissolved organic phosphorus.  
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Fig. S1. Concentrations of P, Na+, K+, Ca2+, Mg2+, B, Cl-, 
2-

4SO , Br-, and F- in Searles Lake, Lake 

Magadi, Goodenough and Last Chance lakes (GE/LC L.), various other African lakes (African L.), 

and various other North American Lakes (N. American L.). We only plot lake compositions that 

have been analyzed for phosphate/phosphorus. The dashed line in the Br- vs. phosphorus plot 

indicates the 1:1 trend expected for conservative solutes.  
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Appendix B: Results of experiments on gypsum addition to phosphate-rich brines 

The results of our experiments on phosphate- and carbonate-rich brines in the lab are presented 

here. Table S1 describes the initial salt content of the solutions, the salt concentration after 

equilibration (calculated by accounting for ions precipitated in solid phases, as described in the 

Methods section), and the modeled pH, pCO2, and %HCO3 in the equilibrated solution. Table S2 

describes the composition of solid phases on a dry weight basis after equilibration, where the 
2-

3CO  

content is calculated based on charge balance (as described in the Methods section). Finally, the 

XRD profiles of the solid phases listed in Table S2 are presented in Fig. S2 through Fig. S6.  

To check our modeled pH values listed in Table S1, we also measured the pH of several solutions 

with a standard glass electrode, and found that the measured pH was typically within 0.2 of the 

modeled value. We note that pH measurements in salt solutions are complicated by several sources 

of error, such as theoretical uncertainties on the value of single ion activity coefficients in 

concentrated solutions and liquid junction potential errors (12). Another possible issue is that the 

modeled pH is sensitive to errors in the composition of the precipitated salts, which we subtract 

from the initial prepared solution composition to arrive at the final solution composition. First, 

measured ion concentrations have likely errors of approximately ±5 % based on the accuracy of 

ICP-OES analyses. Second, errors in the assumed ionic speciation of the solid phases can affect 

the modeled pH. For precipitated solids, we assumed that only 
2-

3CO  and 
3-

4PO  ions were present, 

based on solids identified via XRD, but 
-

3HCO  and 
2-

4HPO  ions may also have been present in the 

solids. Removing 
2-

3CO  and 
3-

4PO  ions from the initial solution results in a lower modeled pH than 

if 
-

3HCO  and 
2-

4HPO  ions are removed. This is because 
2-

3CO  and 
3-

4PO  ions have more alkalinity 

than equivalent concentrations of 
-

3HCO  and 
2-

4HPO  ions. 

Another key assumption in our analysis is that all of the Ca2+ in the experimental solutions 

remained in solid phases. We tested this by measuring Ca2+ in a representative suite of four samples 

using ICP-OES (sample numbers 1, 8, 9, and 11 in Table S1). To achieve the highest possible 

accuracy, we corrected for matrix effects by spiking each sample with known amounts of Ca2+, 

and ensuring that no precipitates formed by acidifying with HNO3. Each sample was analyzed with 

no added Ca2+, followed by three replicate samples with increasing amounts of Ca2+. We then 

calculate the Ca2+ in the unspiked samples by linear regression of the spiked samples. The lowest 

concentration of Ca2+ that we spiked the samples with was 0.1 mmol·kg-1. Our results indicate that 

Ca2+ concentrations are 0.07, 0.11, 0.045, and 0.033 mmol·kg-1 for sample numbers 1, 8, 9, and 11 

respectively in Table S1. For an initial added Ca2+ concentration of 100 mmol·kg-1, this means that 

~99.9 % of the added Ca2+ remained in solid phases over the course of the experiment.  



6 

 

Table S1. The concentration of ions (molal) in the initial and final solutions equilibrated over 1 to 

4 weeks. The initial total molality is the molality of all salts initially added to the experiment, 

including gypsum. The final aqueous molality is the solution molality after equilibration, which is 

calculated by assuming all Ca2+ is present in solid phases, and subtracting ions precipitated in solid 

phases (see Table S2) from the initial total molality. Finally, the modeled values for the 

equilibrated solution were determined by modeling gas-solution equilibrium with 100 ml of 

headspace (as in the experimental set-up) using the geochemical program PHREEQC and the 

aqueous database THEREDA. 
    Initial Total Molality Final Aqueous Molality  Modeled Aqueous Values 
# Time Na Ca SO4 C P F Na SO4 C P F pH log10(pCO2) %HCO3 

  weeks molal   bars   

  Series 1: Variable HCO3:CO3 ratio, with and without fluoride 

1 2 1.19 0.099 0.099 1.09 0.049  1.17 0.099 1.04 0.014  7.03 0.48 99.4 
2 2 1.2 0.099 0.099 1.09 0.049  1.19 0.099 1.04 0.011  7.11 0.41 99.3 

3 2 1.21 0.099 0.099 1.09 0.049  1.2 0.099 1.03 0.021  7.16 0.36 99.2 

4 2 1.23 0.099 0.099 1.09 0.049  1.23 0.099 1.03 0.021  7.3 0.22 98.9 
5 2 1.26 0.099 0.099 1.09 0.049  1.25 0.099 1.03 0.025  7.49 0.04 98.3 

6 2 1.28 0.099 0.099 1.09 0.049  1.27 0.099 1.01 0.033  7.71 -0.19 97.2 

7 2 1.65 0.099 0.099 1.29 0.049  1.64 0.099 1.19 0.049  8.67 -1.17 76.4 
8 2 2.32 0.099 0.099 1.59 0.049  2.26 0.099 1.46 0.048  9.11 -1.72 48.6 

9 2 3.43 0.099 0.099 2.08 0.049  3.23 0.099 1.88 0.048  9.39 -2.13 28.5 

10 2 5.46 0.099 0.099 2.98 0.049  5.31 0.099 2.81 0.049  9.78 -2.73 12 
11 2 5.06 0.099 0.099 2.48 0.049  4.91 0.099 2.31 0.048  11.05 -5.25 0.8 

12 2 1.04 0.05 0.05 0.93 0.05 0.009 1.03 0.05 0.92 0.025 0.009 7.44 0.05 98.6 

13 2 1.21 0.05 0.05 1.1 0.05 0.009 1.21 0.05 1.08 0.027 0.009 7.56 0 98.1 
14 2 1.23 0.05 0.05 1.1 0.05 0.009 1.22 0.05 1.08 0.028 0.009 7.68 -0.12 97.5 

15 2 1.25 0.05 0.05 1.1 0.05 0.009 1.24 0.05 1.07 0.034 0.009 7.9 -0.35 95.8 

16 2 1.27 0.05 0.05 1.1 0.05 0.009 1.27 0.05 1.06 0.036 0.009 8.13 -0.59 93 
17 2 1.29 0.05 0.05 1.1 0.05 0.009 1.29 0.05 1.06 0.037 0.009 8.3 -0.78 89.8 

18 2 1.43 0.05 0.05 1.1 0.05 0.009 1.43 0.05 1.05 0.049 0.009 8.83 -1.4 70.7 

19 2 2.01 0.05 0.05 1.36 0.05 0.009 2 0.05 1.3 0.049 0.009 9.21 -1.89 44.6 
20 2 2.95 0.05 0.05 1.78 0.05 0.009 2.92 0.05 1.71 0.05 0.009 9.48 -2.29 25.9 

21 2 4.68 0.05 0.05 2.54 0.05 0.009 4.64 0.05 2.47 0.049 0.009 9.83 -2.85 11.4 

22 2 4.34 0.05 0.05 2.12 0.05 0.009 4.28 0.05 2.04 0.049 0.009 11.13 -5.45 0.7 

  Series 2: Variable equilibration time, without fluoride 
23 1 2.33 0.099 0.099 1.59 0.049  2.2 0.099 1.43 0.048  9.09 -1.69 50.3 

24 2 2.33 0.1 0.1 1.59 0.05  2.27 0.099 1.47 0.049  9.11 -1.72 48.6 

25 3 2.32 0.099 0.099 1.59 0.049  2.32 0.099 1.49 0.049  9.13 -1.74 47.2 
26 4 2.32 0.099 0.099 1.59 0.049   2.32 0.099 1.49 0.049   9.13 -1.74 47.2 

  Series 3: Variable initial phosphate concentration, with and without fluoride 

27 2 2.07 0.099 0.099 1.34 0.099  2.06 0.099 1.24 0.098  9.13 -1.8 48.8 

28 2 2.26 0.099 0.099 1.34 0.199  2.2 0.099 1.28 0.148  9.08 -1.73 50.7 
29 2 2.46 0.099 0.099 1.34 0.298  2.39 0.099 1.29 0.243  9.05 -1.71 50.9 

30 2 2.66 0.099 0.099 1.34 0.397  2.59 0.099 1.29 0.339  9.03 -1.7 51 

31 2 2.86 0.099 0.099 1.34 0.497  2.8 0.099 1.3 0.436  9.01 -1.68 50.9 
32 2 1.93 0.05 0.05 1.36 0.01 0.009 1.92 0.05 1.3 0.01 0.009 9.22 -1.9 44.5 

33 2 1.95 0.05 0.05 1.36 0.02 0.009 1.94 0.05 1.3 0.02 0.009 9.22 -1.9 44.5 
34 2 2.01 0.05 0.05 1.36 0.05 0.009 2 0.05 1.3 0.05 0.009 9.21 -1.89 44.6 

35 2 2.1 0.05 0.05 1.36 0.099 0.009 2.1 0.05 1.31 0.096 0.009 9.2 -1.88 44.7 

36 2 2.3 0.05 0.05 1.36 0.198 0.009 2.29 0.05 1.33 0.182 0.009 9.16 -1.85 45.1 
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Table S2. The concentration of ions (wt. %) in solid phases after equilibration of the solutions 

given in Table S1, and drying at 60°C in a vacuum oven overnight. Na, Ca, P, and S were measured 

using inductively coupled optical emission spectroscopy (ICP-OES), whereas the 
2-

3CO  content 

was calculated via charge balance (see Methods). Phases determined via XRD analysis (presented 

in Fig. S2 through Fig. S6) are given in the last column. 
# Na Ca PO₄ SO4 CO3 Total XRD Phases 

wt. %  
 Series 1: Variable HCO3:CO3 ratio, with and without fluoride   

1 3.46 33.34 28.66 0.77 26.88 93.12 calcite, apatite 

2 2.52 37.7 34.88 0.06 26.75 101.91 calcite, apatite 

3 1.81 38.12 26.02 0.46 34.59 101 calcite, apatite 

4 2.08 37.47 25.31 0.3 34.75 99.91 calcite, apatite 

5 1.82 36.93 21.42 0.22 37.34 97.73 calcite, apatite 

6 1.37 37.99 15.08 0.25 44.33 99.01 calcite, apatite 

7 0.79 39.09 0.85 0.13 58.78 99.65 calcite 

8 9.68 27.25 0.62 0.14 52.83 90.53 calcite, gaylussite 

9 20.25 17.07 0.42 0.15 51.53 89.41 calcite, gaylussite 

10 18.26 20.95 0.42 0.34 54.64 94.61 calcite, gaylussite 

11 18.47 20.63 0.54 0.4 54.28 94.31 calcite, gaylussite 

12 2.61 36.98 43.1 0 18.03 100.72 apatite 

13 2.91 35.84 38.6 0.09 20.93 98.36 calcite, apatite 

14 2.84 36.9 38.56 0.1 22.45 100.86 calcite, apatite 

15 2.75 37.31 28.55 0.2 32.37 101.17 calcite, apatite 

16 2.18 38.47 24.8 0.1 36.99 102.53 calcite, apatite 

17 2.12 38.03 22.32 0 38.67 101.14 calcite, apatite 

18 0.53 39.68 0.98 0 59.29 100.49 calcite 

19 0.65 39.98 0.21 0 60.62 101.45 calcite 

20 12.07 27.46 0.08 0 56.86 96.47 calcite, gaylussite 

21 14.33 26.47 0.21 0.1 58.14 99.25 calcite, gaylussite 

22 17.8 23.06 0.68 0.09 57.12 98.75 calcite, gaylussite 

 Series 2: Variable equilibration time, without fluoride   

23 16.37 22.17 0.7 0.2 53.83 93.28 calcite, gaylussite 

24 9.68 27.25 0.62 0.14 52.83 90.53 calcite, gaylussite 

25 1.06 39.52 0.57 0.08 60.08 101.31 calcite 

26 0.96 38.82 0.69 0.08 58.78 99.33 calcite 

 Series 3: Variable initial phosphate concentration, with and without fluoride  

27 1.13 38.57 1.07 0.11 58.25 99.13 Ca-Na phosphate 

28 10.13 27.13 33.02 0.32 22.42 93.02 Ca-Na phosphate 

29 10.99 27.63 36.33 0.41 21.09 96.45 Ca-Na phosphate 

30 11.02 27.11 37.84 0.58 18.82 95.37 Ca-Na phosphate 

31 10.31 28.04 40.47 0.5 16.85 96.16 calcite 

32 0.57 40.05 0.03 0 60.79 101.43 calcite, apatite 

33 0.55 38.83 0.06 0 58.91 98.35 calcite, apatite 

34 0.58 40.19 0.18 0 60.88 101.82 calcite 

35 1.07 38.79 5.68 0 54.2 99.73 calcite 

36 3.62 35.89 28.86 0 31.21 99.58 calcite 
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Fig. S2. XRD profiles of saturated carbonate brines containing 50 mmol·kg-1 phosphate (no added 

F-) equilibrated for two weeks at various HCO3:CO3 ratios. This corresponds to sample numbers 

1 to 11 in Table S1 and Table S2. 
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Fig. S3. XRD profiles of saturated carbonate brines containing 50 mmol·kg-1 phosphate and 10 

mmol·kg-1 F-  equilibrated for two weeks at various molar HCO3:CO3 ratios. This corresponds to 

sample numbers 12 to 22 in Table S1 and Table S2. 
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Fig. S4. XRD profiles of saturated carbonate brines with a molar HCO3:CO3 ratio of 0.6:0.4 (no 

added F-) and an initial phosphate concentration of 50 mmol·kg-1 equilibrated over one to four 

weeks. This corresponds to sample numbers 23 to 26 in Table S1 and Table S2. 
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Fig. S5. XRD profiles of saturated carbonate brines with a molar HCO3:CO3 ratio of 0.6:0.4 (no 

added F-) equilibrated for two weeks at various initial phosphate concentrations. This corresponds 

to sample numbers 27 to 31 in Table S1 and Table S2. 
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Fig. S6. XRD profiles of saturated carbonate brines with a molar HCO3:CO3 ratio of 0.6:0.4 and 

10 mmol·kg-1 F- equilibrated for two weeks at various initial phosphate concentrations. This 

corresponds to sample numbers 32 to 36 in Table S1 and Table S2. 
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Appendix C: Geochemical models 

The Pitzer model 

To model concentrated solutions in the Na-Cl-P-CO2-H-OH system, we use the Pitzer model (13). 

The Pitzer equation for the excess Gibbs energy of solution ( EXG ) in a mixed aqueous salt solution 

containing cations c  and anions a  is given by:  

(1) 

   4 ln 1 2
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In this equation, subscript M indicates a cation, subscript X indicates an anion, c' is a cation 

different from c, a' is an anion different from a, b is a constant (1.2 kg-1/2·mol-1/2), I is the ionic 

strength given by 
21

2
i iI m z  , zi is the ion charge, Z is given by i iZ m z , and A  is the 

Debye–Hückel limiting law slope.  Differentiation of EXG  with respect to moles of water (
1n ) and 

salt (
in ) at molality m (mol·kg-1) leads to expressions for the activity coefficients for water (aw) 

and salt (  ) respectively: 

(2) 
1

ln
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Importantly, water activities are commonly reported as osmotic coefficients ( ), which are related 

by the equation: 

(3) 
ln

55.50844 w

i

a

m
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
 

The parameters  , C , and   are given by the functions: 

(4) 1

(0) (1)

2
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(6) 
E

ij ijij      

where 
E

ij  is a higher-order electrostatic terms that account for interactions between ions of the 

same sign, but different charge (i.e. i jz z ), and ( )g x  is given by: 

(7) 
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Finally, equilibrium between an aqueous solution and a hydrated salt with x  water molecules, 
c  

cations, and 
a  anions is described by the precipitation/dissolution reaction: 

(8) 2 2( ) c a

c a

z z

c aM X xH O s M X xH O         

where the thermodynamic equilibrium constant K  for this reaction may be calculated from the ion 

activity product of the saturated solution: 

(9)    c a x

c c a a wK m m a
 

    

These equations indicate that the Pitzer equations describe properties in mixed electrolyte solutions 

using the temperature dependent Pitzer parameters
(0) , 

(1) ,
(2)  , C ,  , and  , equilibrium 

constants K , and temperature-invariant parameters 
1  and 

2 . For Pitzer parameters, PHREEQC 

uses the temperature dependent expression:  

(10)    2 2

0 1 2 3 4 5 2 2

1 1 1 1
ln r r

r r r

T
P a a a a T T a T T a

T T T T T

     
              

     
  

where 
ia  are empirical fitted parameters, 

rT  is a reference temperature at 298.15 K, and P  is a 

Pitzer parameter. For equilibrium constants, PHREEQC uses the temperature dependent 

expression:  

(11) 
23 5

1 2 4 62
log log

a a
K a a T a T a T

T T
        

Fits to experimental data on phosphate solubility 

Experimental data on pure saturated sodium phosphate solutions are taken from Seidel (14), and 

fit to the Pitzer model described above by least-squares-minimization. The experimental data and 

the resulting model fits are given in Fig. S7. 
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Fig. S7. Experimental solubility measurements (molal) for saturated sodium phosphate solutions 

at variable temperature for NaH2PO4 (red circles) and Na2HPO4 (green circles) salts. The modeled 

solubility of these salts is given as dashed lines. 

PHREEQC database file 

The following PHREEQC input code was used to model the solubility of phosphate salts in the 

Na-Cl-P-CO2-H-OH system over a temperature range of 0 to 100°C. The interactive version of 

PHREEQC is available at https://www.usgs.gov/software/phreeqc-version-3/. If using the 

interactive version of PHREEQC, the definitions of all input parameters given below are well-

described in the program. We have commented on the code primarily to specify the source 

reference for specific parameters.  

# Parameters for chloride and carbonate salts and CO2 gas are taken from: 

# Marion, G. M., et al. (2011).  

# Modeling hot spring chemistries with applications to martian silica formation.  

# Icarus 212(2): 629–642. 

 

# Parameters for phosphate salts are taken from: 

# Scharge, T., et al. (2013).  

# Thermodynamic modelling of high salinary phosphate solutions. I. Binary systems.  

# The Journal of Chemical Thermodynamics 64: 249-256. 

# Scharge, T., et al. (2015).  

# Thermodynamic modeling of high salinary phosphate solutions II. Ternary and higher systems.  

# The Journal of Chemical Thermodynamics 80: 172-183. 

 

PITZER 

-MacInnes false 

-use_etheta true 

-redox false 

 

SOLUTION_MASTER_SPECIES 

H H+ -1. H 1.008 

H(1) H+ -1. 0.0 

E e- 0.0 0.0 0.0 

O H2O 0.0 O 15.999 

O(-2) H2O 0.0 0.0 

Na Na+ 0.0 Na 22.99 

Cl Cl- 0.0 Cl 35.45 
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C CO3-2 2.0 HCO3 12.015 

C(4) CO3-2 2.0 HCO3 12.015 

P PO4-3 0 94.973 30.973762 

P(5) PO4-3 0 94.973  

 

SOLUTION_SPECIES 

H+ = H+ 

 log_k 0 

 

e- = e- 

 log_k 0 

 

H2O = H2O 

 log_k 0 

 

Na+ = Na+ 

 log_k 0 

 

Cl- = Cl- 

 log_k 0 

 

CO3-2 = CO3-2 

 log_k 0 

 

PO4-3 = PO4-3 

 log_k 0 

 

H2O = OH- + H+ 

-analytic -2.2219506201E+02 -5.5058066492E-01 -1.4737247297E+04 1.5156364455E+02 7.7093244810E+05 4.2832724439E-04 

 

CO3-2 + H+ = HCO3- 

-analytic 7.8843549125E+01 2.8114156336E-02 -3.5739677566E+03 -2.8384191832E+01 4.7335781578E+05 0 

 

CO3-2 + 2 H+ = CO2 + H2O 

-analytic 3.3245684222E+02 7.3424990888E-02 -1.9829264031E+04 -1.1794430937E+02 1.8387797092E+06 0 

 

2H+ + PO4-3 = H2PO4- 

 log_k 19.562 

 -delta_h -4.520 kcal 

 

3H+ + PO4-3 = H3PO4 

 log_k 21.702 

 -delta_h -10.1 kJ 

 

H+ + PO4-3 = HPO4-2 

 log_k 12.35 

 -delta_h -3.530 kcal 

 

PHASES 

Halite # From Marion et al. 2011 

 NaCl = Cl- + Na+ 

-analytic -1.2527916896E+02 -1.5940706427E-01 -7.1582997565E+00 6.6592262608E+01 -7.6881371104E-02 1.0843908037E-04 

 

Na2CO3:7H2O # From Marion et al. 2011 

 Na2CO3:7H2O = 2Na+ + CO3-2 + 7H2O 

-analytic -1.0242414096E+01 3.2849157355E-02 0 0 0 0 

 

Na2CO3:H2O # From Marion et al. 2011 

 Na2CO3:H2O = 2Na+ + CO3-2 + H2O 

-analytic -2.8774550065E+01 1.8458757574E-01 0 0 0 -2.9016373919E-04 

 

Nahcolite # From Marion et al. 2011 

 NaHCO3 = HCO3- + Na+ 

-analytic 2.7096628475E+02 4.6935820304E-01 1.5642665039E+01 -1.5204447068E+02 1.6854829142E-01 -3.9508831422E-04 
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Natron # From Marion et al. 2011 

 Na2CO3:10H2O = CO3-2 + 2 Na+ + 10H2O 

-analytic -5.9688261032E+00 -7.4737824292E-03 0 0 0 8.3268627375E-05 

 

Trona # From Marion et al. 2011 

 Na3H(CO3)2:2H2O = 3Na+ + HCO3- + CO3-2 + 2H2O 

-analytic -1.01750000E+00 1.28307435E-02 -9.59229969E+01 -1.39706624E+00 2.82831158E+03 -8.84486220E-07 

 

Na2(HPO4):12H2O # From this study. 

 Na2(HPO4):12H2O = H+ + 12H2O + 2Na+ + PO4-3 

 -analytical_expression -81.310371231 0.39641732552 0 0 0 -0.00057403221891 

 

Na2(HPO4):7H2O # From this study. 

 Na2(HPO4):7H2O = 7H2O + HPO4-2 + 2Na+ 

 -analytical_expression -53.300652324 0.31115586643 0 0 0 -0.00046145146621 

 

Na2(HPO4):2H2O # From this study. 

 Na2(HPO4):2H2O = 2H2O + HPO4-2 + 2Na+ 

 -analytical_expression 9.7729128374 -0.059178506134 0 0 0 8.4416737735e-05 

 

Na2(HPO4) # From this study. 

 Na2(HPO4) = HPO4-2 + 2Na+ 

 -analytical_expression 13.896733053 -0.059661090262 0 0 0 5.7293521435e-05 

 

Na(H2PO4):2H2O # From this study. 

 Na(H2PO4):2H2O = 2H+ + 2H2O + Na+ + PO4-3 

 -analytical_expression -10.856644409 -0.082448426323 0 0 0 0.00018313420267 

 

Na(H2PO4):H2O # From this study. 

 Na(H2PO4):H2O = 2H+ + H2O + Na+ + PO4-3 

 -analytical_expression 46.342978362 -0.43751747619 0 0 0 0.00073603174603 

 

Na(H2PO4) # From this study. 

 Na(H2PO4) = 2H+ + Na+ + PO4-3 

 -analytical_expression -17.735301819 -0.0278227 0 0 0 8.6142857143e-05 

 

CO2(g) # From Marion et al. 2011 

 CO2 = CO2 

-analytic 7.6172730397E+01 1.4954581339E-02 -5.1694861624E+03 -2.8759485533E+01 5.6914636107E+05 0.0000000000E+00 

 

PITZER 

-B0  

# The following are from Marion et al. 2011 

H+ Cl- 1.9794612033E-01 4.3930392007E-02 2.6162364573E-04 -5.3121505493E-04 3.4074178888E-10 -1.3794988905E+00 

Na+ Cl- 7.6273259396E-02 -1.0677687696E+03 -5.2850452529E+00 9.0310652648E-03 -2.5394712901E-06 1.4568462343E+04 

Na+ CO3-2 3.6204808669E-02 1.1083789213E+03 1.1198570286E+01 -2.3301689083E-02 1.4225931266E-11 -1.0139889781E-01 

Na+ HCO3- 2.8002054979E-02 6.8287100127E+02 6.8994999437E+00 -1.4459103667E-02 -1.0139500105E-10 4.8617733194E-01 

Na+ OH- -7.9555220526E-02 2.0309032437E+04 1.6146658627E+02 -5.2616228562E-01 2.9653500975E-04 -5.1829489159E+05 

# The following are from Scharge et al. 2013, 2015 

Na+ H2PO4- -0.0436 

Na+ HPO4-2 -0.0172 

Na+ PO4-3 0.15641 

 

-B1  

# The following are from Marion et al. 2011 

H+ Cl- 1.7663995597E-01 -4.4613022946E+04 -3.1259930375E+02 9.5812792829E-01 -5.3080804721E-04 1.2316610809E+06 

Na+ Cl- 2.8041722849E-01 -4.7934459033E+03 -6.9757728955E+01 2.2182662176E-01 -1.0800038619E-04 -3.1269129963E+05 

Na+ CO3-2 1.5120691287E+00 4.4124805360E+03 4.4581885679E+01 -9.9890728880E-02 -2.3470887122E-10 1.0021144087E+00 

Na+ HCO3- 4.4005226296E-02 1.1292842314E+03 1.1410242105E+01 -2.4464729852E-02 -7.4828259687E-10 3.3354784151E+00 

Na+ OH- 2.5311163491E-01 1.4885507672E+04 1.1834672330E+02 -3.9540544436E-01 2.3380756117E-04 -3.7988491809E+05 

# The following are from Scharge et al. 2013, 2015 

Na+ H2PO4- -0.03389 

Na+ HPO4-2 1.2116  

Na+ PO4-3 3.9397  
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-C0  

# The following are from Marion et al. 2011 

H+ Cl- -2.8913465588E-03 1.0693004789E-02 5.5410207932E-05 1.7224827506E-05 -5.9323763662E-08 -3.7953644554E-01 

Na+ Cl- 1.2711016441E-03 7.7695148783E+01 2.3007504621E-01 -8.0897946811E-05 -1.1941587694E-07 -2.0177121991E+03 

Na+ CO3-2 0.0052 

Na+ OH- 4.1159992172E-03 7.3302950838E+02 5.8279924019E+00 -2.0502290395E-02 1.2873934762E-05 -1.8707050080E+04 

# The following are from Scharge et al. 2013, 2015 

Na+ H2PO4- 0.00605  

Na+ HPO4-2 0.00585 

Na+ PO4-3 -0.03498 

 

-LAMDA  

# The following are from Marion et al. 2011 

Cl- CO2 2.0480415080E-02 -3.3159597997E+04 -3.1582776282E+02 9.9643227553E-01 -5.2121983640E-04 -6.0314596673E-01 

Na+ CO2 8.1474353447E-02 1.0939930101E+05 1.0470213325E+03 -3.3265653899E+00 1.7531997031E-03 1.2758007796E+00 

 

-PSI  

# The following are from Marion et al. 2011 

Cl- CO3-2 Na+ 8.6555626983E-03 -1.1578726767E+01 -1.1401251201E-01 4.4733586264E-04 -4.6816398956E-07 3.7067215792E+02 

Cl- HCO3- Na+ -1.2777037089E-02 -1.1975486345E+01 -1.4023338938E-01 5.1084176969E-04 -5.9489945059E-07 4.5438567976E+02 

Cl- OH- Na+ -0.006 

HCO3- CO3-2 Na+ 0.002 

Na+ H+ Cl- -0.0037 

OH- CO3-2 Na+ -0.017 

# The following are from Scharge et al. 2013, 2015 

Cl- H2PO4- Na+ -0.01208 

Cl- HPO4-2 Na+ -0.00883 

Cl- PO4-3 Na+ -0.00243 

HPO4-2 H2PO4- Na+ 0.03781 

PO4-3 HPO4-2 Na+ 0.00207 

CO3-2 PO4-3 Na+ -0.01449774 

 

-THETA  

# The following are from Marion et al. 2011 

Cl- CO3-2 -0.02 

Cl- HCO3- 0.03 

Cl- OH- -0.05 

HCO3- CO3-2 -0.04 

Na+ H+ 0.036  

OH- CO3-2 0.1  

# The following are from Scharge et al. 2013, 2015 

Cl- H2PO4- 0.10037 

Cl- HPO4-2 0.07083  

Cl- PO4-3 0.24341 

H2PO4- HPO4-2 -0.32361 

PO4-3 HPO4-2 0.25528 

CO3-2 PO4-3 0.19766089 

 

-ZETA  

# The following are from Marion et al. 2011 

H+ Cl- CO2 -4.7051879034E-03 1.6334349475E+04 1.5238364378E+02 -4.7047340910E-01 2.4052572265E-04 1.2740734776 

Na+ Cl- CO2 -5.7153028547E-04 6.87905500E+03 7.3745255829E+01 -2.58005360E-01 1.4782317370E-04 -7.78048610E-01 

 

-APHI 

# The following are from Marion et al. 2011 

3.9147193099E-01 3.6897938637E+02 3.5956550857E+00 -1.2908353094E-02 9.5199168775E-06 4.7098725794E+01 
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