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Removal of lithium from aqueous solutions by
precipitation with sodium and choline alkanoate
soaps†
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In order to comply with the expected tightening of discharge limits

for lithium to surface waters, the lithium-ion battery industry will

need access to methods to reduce the concentration of lithium in

wastewater down to ppm levels. In this Communication, we discuss

the possibility of using sodium and choline soaps as precipitating

agents for lithium, comparing the two soap classes and probing the

influence of the carbon chain length. It was found that lithium

concentrations down to 10 ppm can be reached with sodium stearate,

and down to 1 ppm with choline stearate, using a slight excess of the

precipitating agent. However, in solutions containing sodium salts,

sodium interferes with lithium removal, such that the equilibrium

lithium concentration is proportional to the concentration of sodium

in the feed. After precipitation, lithium could be recovered from the

precipitate by dissolution in an ethanolic hydrogen chloride solution.

Green foundation
1. Lithium is a nephrotoxic and neurotoxic contaminant, that is becoming increasingly relevant as the production of
cathode active materials for lithium-ion batteries continues to grow. Governmental agencies are thus moving towards
implementing tight normative discharge limits. The industry is still struggling to achieve the expected limits, which are
likely to be below 10 ppm. We report a method to precipitate lithium in the form of the lithium salt of a fatty acid (lithium
soap).
2. Very low lithium concentrations, down to 1 ppm, can be achieved by precipitation using choline soaps. These concen-
trations are far lower than those obtained using state-of-the-art precipitation methods, such as precipitation as lithium
phosphate or lithium carbonate.
3. The challenge is to deal with impurities such as sodium and higher valent metal ions that were found to interfere with
lithium removal.

The rapid transition from internal combustion engines to elec-
tric vehicles has led to a spike in industrial activity related to
the preparation and recycling of cathode active materials for
lithium-ion batteries (LIBs). These production processes gene-
rate large volumes of industrial wastewater with high concen-
trations of lithium, usually in the form of lithium sulfate
(Li2SO4).

1–3 Lithium concentrations in excess of 5000 ppm are
not uncommon.3 While aqueous streams are reused in LIB

recycling processes, losses of lithium occur by way of bleeds
and purges that are required to avoid build-up of impurities in
the circulating aqueous streams. Similarly, refining of lithium
from primary resources leads to the generation of industrial
wastewater with elevated concentrations of lithium.

These industrial activities have led to increases in lithium
concentrations in certain surface waters and groundwater
reservoirs.4 Most published studies agree that elevated levels
of lithium in water induce toxic effects in aquatic organisms,
with concentrations well below 1 ppm being reported as
harmful to certain aquatic organisms.4,5 Concentrations well
in excess hereof have been measured in surface waters as a
direct result of anthropogenic activity.5 Moreover, there are
indications that elevated lithium concentrations in drinking
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water could have negative health effects on humans.5 The
mechanisms of lithium toxicity are generally well-established.4

For these reasons, normative discharge limits are being
defined for the lithium-ion battery industry. Values will differ
from country to country, but it can be assumed that the future
norms will be very strict, with values well below 100 ppm Li.

Various methods of lithium removal have been described in
the literature in the context of lithium recovery from natural
brines.6 These include membrane separations (such as nano-
filtration and electrodialysis), ion exchange and solvent extrac-
tion. However, high CAPEX (for membrane processes) and
OPEX (due to the generation of dilute streams, adsorbent
degradation, and membrane fouling) render these techniques
unsuitable for treatment of wastewater, since the amount of
lithium recovered from wastewater is insufficient to justify the
cost of its removal by expensive techniques. Adsorption is
more cost-effective, but stripping and regeneration of the
adsorbent yields very dilute solutions. As a result, the challen-
ging lithium sequestration step is simply transferred to
another solution.7 Precipitation is thus the preferred tech-
nique for treatment of waste waters.

The state-of-the-art method for precipitation of lithium
from aqueous solutions is precipitation in the form of lithium
carbonate (Li2CO3). However, this method is not suitable for
bringing lithium concentrations down to ppm levels in indus-
trial effluents because the solubility of Li2CO3 in water is too
high. In pure water, the solubility of Li2CO3 is 12.9 g L−1

(5947 ppm Li) at 25 °C and 6.9 g L−1 (3298 ppm Li) at 100 °C.8

Alternatively, lithium can be precipitated as lithium phosphate
(Li3PO4).

9–11 Li3PO4 is 30 to 40 times less soluble in water than
Li2CO3, as no more than 0.0394 g of Li3PO4 dissolves in 100 g
of water at 18 °C.12 This corresponds to about 70 ppm of
lithium, which is still often considered too high for discharge
to surface waters. Lithium fluoride (LiF) has a similar solubi-
lity to Li3PO4 (0.027 g per 100 g water at 18 °C, i.e. 72 ppm Li),
and fluoride precipitation introduces fluoride impurities in
water.13

In this Communication, we demonstrate how lithium can
be removed from aqueous solutions to very low final concen-
trations (in the ppm range) by precipitation of lithium in the
form of salts of n-alkanoic acids (fatty acids). We also describe
the relevant equilibria. Such lithium alkanoates (also called
lithium soaps) have very low reported solubilities, with values
as low as 0.010 g L−1 for lithium stearate at 25 °C.8 This corres-
ponds to an equilibrium lithium concentration of approxi-
mately 2.4 ppm. To the best of our knowledge, removal of
lithium from wastewaters by precipitation of lithium soaps has
not been investigated yet, except for two patents that disclose
the process of precipitating lithium as lithium stearate by
addition of a solution of in situ generated sodium stearate to
an aqueous solution of a lithium salt.14,15

Sodium alkanoates dissolve in water in micellar form at
temperatures above their so-called Krafft point. The Krafft
point is the minimum temperature at which a surfactant will
form micelles, and it varies between room temperature and
71 °C for 12 to 18-carbon sodium alkanoates (Table 1). Below

their Krafft point, the soaps behave as poorly soluble salts.16

Hence, lithium-bearing solutions must be heated to a tempera-
ture above the Krafft point for a metathesis reaction to take
place, which leads to precipitation of lithium alkanoate salts
(eqn (1)):

Liþ þ CnH2nþ1COO�½ � Catþ½ �
Ð Catþ þ CnH2nþ1COO�½ � Liþ� � # ð1Þ

The metathesis reaction is driven by the poor solubility of
lithium soaps, which results from their Krafft points being
above the boiling temperature of water.18 Choline soaps
(Fig. 1) have significantly lower Krafft points than the corres-
ponding sodium soaps.17,19 Choline laurate, myristate and pal-
mitate have Krafft points below room temperature, while that
of the choline stearate is only 40 °C (Table 1). The use of
choline soaps, as opposed to sodium soaps, thus allows the
precipitation process to be performed at significantly lower
temperatures. Furthermore, choline and its soap are fully bio-
degradable and non-toxic, and hence compatible with waste-
water treatment.17 Considering their potential advantages,
four choline soaps were prepared and used to precipitate
lithium from aqueous solutions. Their performance was com-
pared to that of the corresponding sodium salts. In light of the
importance of reducing the cost of the method for wastewater
treatment, linear, even-carbon fatty acids were chosen for this
study. Such fatty acids are readily available at low prices. The
recovery of lithium from the precipitated lithium alkanoate
salts was investigated as well. While choline salts are more
expensive than sodium salts, choline alkanoates could be used
for deep removal of trace amounts of lithium, after a rough
precipitation using a conventional method.

Sodium soaps were prepared by neutralization of fatty acids
with sodium hydroxide, while choline palmitate and stearate
were prepared by neutralization of fatty acids with choline
hydroxide (detailed experimental procedures are given in the
ESI, page S5†). A solution of lithium chloride containing
250 ppm of lithium was prepared, and 1.05 eq. of each soap
was added to an aliquot of the solution. Samples were stirred

Table 1 Krafft points (°C) of the investigated alkanoate soaps17

Alkanoate Sodium Choline

Laurate (C12) 25 <0
Myristate (C14) 45 1
Palmitate (C16) 60 12
Stearate (C18) 71 40

Fig. 1 Structure of choline n-alkanoate soaps.
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and heated to 5 °C above the Krafft point of the added soap for
30 minutes, or stirred at ambient temperature (22 °C) if the
Krafft point was below room temperature. Subsequently, the
samples were allowed to cool and settle.

The residual lithium concentrations after precipitation are
shown in Table 2. Interestingly, lower concentrations of
lithium were found in samples treated with choline soaps com-
pared to those treated with sodium soaps, in spite of the fact
that reaction conditions were otherwise identical and that the
same lithium-bearing product is formed by either class of
soaps. XRD analysis of the residue obtained from the treat-
ment of lithium chloride solution with choline stearate identi-
fied the precipitate as lithium stearate (see ESI, Fig. S1†). The
sample was not fully crystalline, as evidenced by the presence
of a broad scattering band typical of amorphous samples.

To exclude that the difference was due to kinetic factors, ali-
quots of lithium chloride solution were treated with either
sodium myristate or sodium stearate under identical con-
ditions for 3 days as opposed to 30 minutes. No significant
change in the lithium concentration was found for either
sample: 13.2 vs. 11.9 ppm for the myristate soap and 9.7 vs.
10.4 ppm for the stearate soap.

The two classes of soaps differ in their Krafft point. The
amount of available fatty acid in solution decreases sharply
below the Krafft point. This could affect lithium soap precipi-
tation in two distinct manners. On one hand, competitive pre-
cipitation of the poorly soluble sodium soap may result in a
shift of the equilibrium concentration of lithium ions. On the
other hand, a drastically reduced amount of fatty acid in solu-
tion may cause the equilibrium to freeze at the Krafft point,
meaning that the residual lithium concentration would be
determined by the solubility of the lithium soap at the Krafft
point of the sodium soap.

To distinguish between these two mechanisms, a sample
series was prepared with various molar ratios of tetrabutyl-
ammonium bromide added to sodium stearate. The initial
lithium concentration was 100 ppm, present as the chloride
salt. A progressive decrease of the Krafft point from 60 °C to
35 °C was observed as the amount of tetrabutylammonium
bromide increased from 0.20 to 1.00 eq. If the equilibrium
froze at the Krafft point, this would lead to a concurrent,
gradual decrease in equilibrium lithium concentration, as the
solubility of lithium stearate increases with temperature.8

However, this trend was not observed. Instead, the residual
lithium concentration remained constant over the tested
range, at 4.5 ± 0.5 ppm. These results are in line with the
hypothesis of competitive sodium alkanoate precipitation.
Further evidence hereof was obtained by varying the concen-
tration of sodium chloride in the feed solution. Below the
Krafft point of the system, the solubility of both soaps is
entirely determined by their solubility products KSP (eqn (2)):16

KSP;Li ¼ RCOO�½ � Liþ� �
;

KSP;Na ¼ RCOO�½ � Naþ½ � ) Liþ
� �

Naþ½ � ¼
KSP;Li

KSP;Na

ð2Þ

Increasing the concentration of sodium chloride should
thus lead to a directly proportional increase in lithium concen-
tration. This was found to be the case when adding 1.05 eq. of
sodium palmitate to solutions containing 50 ppm of lithium
and 0–150 ppm of sodium (Table 3). A constant lithium/sodium
molar ratio of (44.7 ± 0.4) × 10−3 was measured, irrespective of
the equilibrium sodium concentration. This implies that waste-
waters with high concentrations of sodium cannot be treated
effectively by precipitation with a fatty acid salt.

In light of the competitive precipitation equilibrium, it
seems reasonable to assume that filtering the sample above
the Krafft point of the mixture would result in efficient precipi-
tation of lithium in the presence of sodium, as sodium stearate
is well-soluble above this point. An experiment similar to the
aforementioned was performed, with the filtration being per-
formed at 70 °C (Table 4) as opposed to room temperature.
Afterwards, the solution was allowed to cool, and a second fil-
tration was performed to remove the precipitated sodium pal-
mitate. Surprisingly, similar concentrations of lithium were
found in solution at equilibrium as for samples filtered at

Table 2 Lithium concentrations in filtrate after treatment of a 250 ppm
lithium (as LiCl) solution with 1.05 eq. of soap at 5 °C above the Krafft
point, filtered at 22 °C

Alkanoate

[Li+] after treat-
ment with Na
soap, ppm

[Li+] after treat-
ment with
choline soap,
ppm

[Li+] according to
solubility of Li soap
at 25 °C, ppm (ref.
6)

Laurate 59.9 n.d. 63.0
Myristate 11.9 n.d. 10.7
Palmitate 11.3 1.7 3.9
Stearate 10.4 1.3 2.4

Table 3 Lithium and sodium concentrations in filtrate after treatment
of a 50 ppm lithium (as LiCl) solution containing various amounts of
NaCl with 1.05 eq. of lithium palmitate at 70 °C, filtered at 22 °C

[Na+] in
feed, ppm

[Li+] after treat-
ment with Na
soap, ppm

[Na+] after treat-
ment with Na
soap, ppm

[Li+]/[Na+] molar
ratio at
equilibrium

0 2.5 181 0.046
45 3.0 224 0.044
90 3.5 258 0.045
150 4.3 320 0.044

Table 4 Lithium and sodium concentrations in filtrate after treatment
of a 50 ppm lithium (as LiCl) solution containing various amounts of
NaCl with 1.05 eq. of lithium palmitate at 70 °C, filtered at 70 °C

[Na+] in
feed, ppm

[Li+] after treat-
ment with Na
soap, ppm

[Na+] after treat-
ment with Na
soap, ppm

[Li+]/[Na+] molar
ratio at
equilibrium

0 2.3 192 0.039
75 2.9 238 0.041
150 3.6 285 0.042
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room temperature. This implies that relatively high concen-
trations of lithium must also be present above the Krafft point.

In the older literature, “mixed micelles” have been invoked
to explain a decrease in the Krafft temperature upon addition of
salts to surfactant solutions. Mixed micelles with ions adsorbed
to the micelle surface could solubilize otherwise unexpectedly
large amounts of lithium.20 However, extensive 7Li NMR
measurements demonstrate that Li+ ions remain largely free in
solution above the Krafft point (see ESI, page S10†). This
implies that the solubility product KSP must remain met, as the
Li+ ions are not sufficiently strongly adsorbed to the micelle
surface for their activity in solution to drop significantly. On the
other hand, it is well-established that inorganic salts can
decrease the critical micelle concentration (CMC) of surfac-
tants.21 As the CMC corresponds to the concentration of free
surfactant molecules in equilibrium with micellar structures, an
increase in the salt concentration would thus lead to a lower
equilibrium concentration of alkanoate ions in solution. In
turn, the solubility product predicts an increase in the dissolved
Li+ concentration. Indeed, analysis of the reaction mixture
above the Krafft point shows that larger concentrations of Li+

remains in solution above the Krafft point of the system, as the
sodium chloride concentration increases (see ESI, page S9†).
Thus, the sudden solubilization of sodium stearate above the
Krafft point in fact leads to a further increase of the equilibrium
lithium concentration, in spite of the cessation of the existence
of the competitive precipitation equilibrium.

It is important to note that choline soaps will convert to
sodium soaps in the presence of aqueous sodium ions, due to
the poor solubility of sodium soaps at room temperature.
Therefore, the advantages of choline soaps disappear when
the feed solution contains sodium ions in addition to lithium
ions. Addition of up to 3.0 eq. of choline chloride did not
result in significant lowering of the Krafft point of 1.05 eq.
sodium stearate or palmitate in 250 ppm lithium solutions. It
must be noted that the calcium and magnesium soaps are also
poorly soluble in water, so that these compounds will copre-
cipitate with lithium if calcium and magnesium salts are
present in the lithium-containing solutions.

In addition to sodium and higher-valent ions, excess acid
can also interfere with the precipitation reaction by protonat-
ing the alkanoate ions, rendering them unavailable for lithium
soap formation. The minimal equilibrium pH for lithium pre-
cipitation was determined by titrating choline stearate (1.05
eq.) with hydrochloric acid (0–14 mM) in the presence of
aqueous lithium solution (91 ppm as LiCl). It was found that
the reaction between hydrochloric acid and choline stearate
proceeds to completion, and the loss in lithium precipitation
yield is equal to the mole fraction of hydrochloric acid added
to the solution. The pH was buffered between 8.5 and 8.8 in
samples with 0.2–0.8 eq. of hydrochloric acid added, indicat-
ing that the equilibrium pH must be above these values for
maximal precipitation of lithium to occur (see ESI, Fig. S.6†).

The possibility of recovering lithium from the precipitated
lithium soap was investigated using acid to displace lithium
from its alkanoate salts. Aqueous hydrochloric acid (0.1 mol

L−1, 22 °C) was not able to fully recover lithium from its stea-
rate soap after 60 minutes of stirring. Only 15% was recovered
in both duplicate samples at a solid-to-liquid ratio of 30 mg
mL−1. By contrast, ethanolic hydrogen chloride proved exceed-
ingly effective, fully dissolving lithium stearate within
10 minutes at a hydrogen chloride concentration of 0.025 mol
L−1 and a solid-to-liquid ratio of 5 mg mL−1 (approx. 1.5 eq. of
acid). Duplicate measurements afforded lithium recovery
yields of 91% and 93%. As the sample was fully dissolved, it
can be assumed that the deviation from 100% results from an
impurity in the lithium stearate precipitate, such as absorbed
moisture. The striking difference in performance of aqueous
versus ethanolic hydrogen chloride can be attributed to the
insolubility of stearic acid in water, leading to passivation of
the lithium stearate particles by an inert layer of stearic acid.

In conclusion, both sodium and choline soaps are capable
of removing lithium from aqueous solutions down to ppm
levels, when added in a 5 mol% excess. Choline soaps can be
used to obtain very low residual lithium concentrations of a
few ppm and will react at lower temperatures than sodium
soaps. These observations seem to result from the higher solu-
bility and lower Krafft points of the choline soaps, compared
to their respective sodium analogs. However, these advantages
disappear if sodium is present in the feed solution, in which
case the choline soaps convert to sodium soaps. For sodium-
containing systems, the residual lithium concentration is pro-
portional to the equilibrium sodium concentration. This
renders the process ineffective for waste waters containing
high concentrations of sodium. Recovery of lithium from the
precipitated lithium soap is possible using an ethanolic hydro-
gen chloride solution. The possibility of reducing the concen-
tration of lithium in wastewater to very low concentrations
(ppm level) is of importance for the development of circular
hydrometallurgical flowsheets for lithium.22 Solutions with a
high lithium/sodium ratio, such as those originating from the
recycling of cathode-active materials, appear to be the most
suitable for the proposed method. These lithium soaps could
also find application in recovery of lithium from dilute
aqueous LiCl solutions obtained by washing of loaded alumi-
num-based adsorbents for direct lithium extraction (DLE).23
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