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Microbial-induced calcium carbonate
precipitation: an experimental toolbox for in situ
and real time investigation of micro-scale pH
evolution†
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Concrete is the second most consumed product by humans, after water. However, the production of
conventional concrete causes more than 5% of anthropogenic CO2 emissions and therefore there is
a need for emission-reduced construction materials. One method to produce a solid, concrete-like
construction material is microbial-induced calcium carbonate precipitation (MICP). To get a better
understanding of MICP it is important to be able to follow local pH changes in dissolution and
precipitation processes of CaCO3. In this work we present a new method to study processes of MICP at
the micro-scale in situ and in real time. We present two diﬀerent methods to monitor the pH changes
during the precipitation process of CaCO3. In the ﬁrst method, the average pH of small sample volumes
is measured in real time, and pH changes are subsequently correlated with processes in the sample by
comparing to optical microscope results. The second method is introduced to follow local pH changes
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at a grain scale in situ and in real time. Furthermore, local pH changes during the dissolution of CaCO3
crystals are monitored. We demonstrate that these two methods are powerful tools to investigate the pH
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changes for both MICP precipitation and CaCO3 dissolution for knowledge-based improvement of
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MICP-based material properties.

1

Introduction

The concrete industry is a major contributor to human-made
CO2 emissions. The production of cement as a binder in
concrete for construction purposes accounts for more than 5%
of all anthropogenic CO2 emissions.1
Due to increasing awareness of the climate impact of
anthropogenic CO2, there is a large interest in reducing the
global CO2 emissions, including the carbon footprint of the
construction industry. Approaches such as alternative raw
materials, alternative fuels, and carbon capturing techniques

have the potential of energy savings and CO2 reduction in
cement production.2–4 An alternative approach could be based
on replacing conventional concrete in some applications with
a material based on biomineralization, so-called bio-cement.
The production procedure of bio-cement utilizes bacteria to
achieve biomineralization within a granular material to form
a solid, concrete-like material. The most researched mechanism
for producing bio-cement is microbially induced calcium
carbonate precipitation (MICP).5–8 Ureolytic bacteria, such as
Sporosarcina pasteurii have been studied extensively in MICP.9–11
The process of MICP is based on urea hydrolysis,9,12 where the
enzyme urease catalyzes the hydrolysis reaction:
urease
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COðNH2 Þ2 þ H2 O ! NH2 COOH þ NH3
spontaneously

NH2 COOH þ H2 O ! NH3 þ H2 CO3

(1)
(2)

Ammonia and carbonic acid equilibrate further to form
ammonium and bicarbonate (eqn (3) and (4)):
2NH3 + 2H2O 4 2NH4+ + 2OH

(3)

H2CO3 4 HCO3 + H+

(4)
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Eqn (3) lead to an increase in the pH and a shi in the bicarbonate equilibrium (eqn (4)). In the presence of suﬃcient
concentration of calcium ions this can result in CaCO3
precipitation:
Ca2+ + HCO3 + OH / CaCO3Y + H2O

(5)

The MICP process is controlled by four key-factors: (1) availability of nucleation sites, (2) pH value, (3) concentration of dissolved inorganic carbon (DIC), and (4) the concentration of free
calcium ions in the crystallization solution.12 In a MICP process,
both the granular medium and the microorganisms can act as
nucleation sites for CaCO3 precipitation.13 The remaining three
factors inuence the saturation state S of the solution. The solution
is supersaturated, once the ion activity product of Ca+ and CO3
exceeds the solubility product of the nucleating polymorph. This
results in a driving force of the system towards crystallization.
Large S leads to fast, spontaneous crystallization, where nucleation
and crystal growth occurs. Once crystals nucleate, there is
a reduction in solution supersaturation S. Below a critical supersaturation level, no new crystal nucleate and crystal growth is
responsible for relaxation of the supersaturated system.14
CaCO3 can crystallize in diﬀerent polymorphs: calcite,
vaterite and aragonite as well as hydrated crystalline phases
such as monohydrocalcite and ikaite.15 Calcite has the lowest
solubility in water, followed by aragonite and vaterite. Vaterite is
the least thermodynamically stable polymorph and transforms
rapidly in aqueous solutions into calcite or aragonite. According
to Ostwald's rule of stages, metastable polymorphs form rst
and subsequently transform into the thermodynamically more
stable polymorph.14 Additionally, amorphous calcium
carbonate (ACC) can be formed, which rapidly transforms to
calcite via vaterite.16 It has been shown that vaterite preferably
crystallizes at high supersaturation levels.17
The precipitation process for MICP is schematically shown
in Fig. S1, ESI.† The pH is increased due to urea hydrolysis.
Once the solution is supersaturated, spontaneous crystallization occurs. For high supersaturation values, calcite is precipitated via ACC and vaterite, while lower supersaturation levels
lead to direct calcite precipitation.18,19
The pH value of a MICP process is controlled by the urea
hydrolysis reaction. During the ammonium formation the pH
increases (eqn (3)). The pH increase leads to an increase of the
amount of dissolved inorganic carbon (DIC). Depending on the
experimental conditions, two cases can be considered. In
a closed system, the amount of DIC is controlled only by urea
hydrolysis. In case of an open system, additionally CO2 can be
exchanged with the atmosphere:20
CO2 ðgÞ þ H2 OðaqÞ4CO2 ðaqÞ þ H2 OðaqÞ
CO2 ðaqÞ þ H2 OðaqÞ4H2 CO3 ðaqÞ
H2 CO3 ðaqÞ4HCO3  ðaqÞ þ Hþ

(6)

HCO3  ðaqÞ4CO3 2 ðaqÞ þ Hþ
The saturation state of the crystallization solution is also
inuenced by the calcium concentration. CaCl2 is the most
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frequent used calcium source in MICP,21,22 however, it is expensive
and not environmentally friendly, since Cl-ions react fast to form
chloride salts and pollute water and can lead to steel corrosion of
steel-reinforcement in concrete. The eﬀect of other calcium sources, such as calcium lactate23,24 and calcium acetate24,25 on the
properties of the consolidated material has been investigated.
Recently, an environmentally friendly and inexpensive alternative
based on crushed limestone dissolved with lactic acid was used in
a MICP process. In this approach, it is possible to conduct the
dissolution process by lactic acid producing bacteria, making both
dissolution and precipitation rely on bacterial processes:26
CaCO3 + 2CH3CH(OH)COOH / Ca2+ + CH3CH(OH)COO
+ H2O + CO2
(7)
For acidic conditions the dissolution process can in general
be described with the following equations:
CaCO3(s) 4 Ca2+ + CO32

(8)

CO32 + 2H+ 4 HCO3 + OH

(9)

Bicarbonate can react further at very low pH values to
gaseous CO2:
HCO3 + H+ / CO2(g) + H2O

(10)

The dissolution reaction consists of several steps, including
diﬀusion and surface reactions. The slowest process will be the
rate limiting process for the dissolution reaction.27 For pH
values below 4 it has been reported that the dissolution is
controlled by the diﬀusion of protons to the calcite surface28
and is therefore limited by mass transport. For pH values in the
range from pH 4 to pH 5.5 surface reactions are inuencing the
dissolution, limited by mass transfer.
Previous research in MICP has been focused on macro-scale
properties of the consolidated material. Scanning electron
microscopy (SEM) is a commonly used technique to investigate
characteristics of the precipitated CaCO3 minerals (e.g. ref. 29).
Even if the properties of the consolidated material, in terms of
crystal shape and polymorphism, can be characterized well by
imaging methods such as SEM, this method fails to provide
information about the precipitation process. Microuidic chips
have been developed to observe the formation of CaCO3 crystals
in real time and in situ.30 Furthermore, nucleation and crystal
growth have been investigated with direct optical microscope
observation.19 However, those micro-scale studies do not give
information about pH changes during the crystallization
processes.
In this contribution, we introduce two experimental
methods to monitor pH changes in real time and in situ in small
volumes and at the grain scale. In the rst method, the average
pH in small volumes (200 mL) is measured in real time using
absorption spectroscopy, and precipitation processes are
correlated to pH changes with the help of optical microscopy.
The second method allows monitoring of local pH changes at
the grain scale with the help of confocal laser scanning
microscopy (CLSM).
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Both methods can also be applied to investigate the pH
changes during the dissolution of CaCO3 crystals, for example
using lactic acid or acid producing bacteria. The usability of
both methods is demonstrated by investigating CaCO3 precipitation at high supersaturation induced by Sporosarcina pasteurii and CaCO3 dissolution with lactic acid.

2 Materials and methods
2.1

Materials

All chemicals were purchased at SigmaAldrich (Norway) unless
otherwise stated. Solutions were prepared with deionized water (DI)
and ltered with 0.22 mm polycarbonate syringe-lter before use.
2.1.1 Bacteria culture. For crystallization experiments the
urease-producing bacterium Sporosarcina pasteurii (Strain
DSM33 of S. pasteurii) purchased from “Deutsche Sammlung
von Mikroorganismen and Zellkulturen” (DSMZ) was used.
DSMZ medium 220 with a pH of 7.3 supplemented with urea
(see Table S1, ESI†) was used as a growth medium. The culture
was inoculated with 1% frozen glycerol stock of strain DSM33

and incubated overnight (17 h) at 30 C with constant shaking.
Aerward the culture was transferred to a 50 mL Falcon tube

and incubated at 30 C until further use 2 days aer inoculation.
Immediately before use in experiments, the bacterial culture
was centrifuged at 5200  g for 8 min and the cells subsequently
washed twice with pre-warmed 0.01 M PBS (phosphate buﬀered
saline) to remove the growth medium. The cells were resuspended and diluted in 0.01 M PBS. Cell concentrations
were determined by optical density measurement of 150 mL
dilutions in a 96-well plate at 600 nm (OD600 nm).
2.1.2 Crystallization solution. Industrial grade chalk powder
(Franzefoss Miljøkalk AS (Norway)), which mainly consists of
CaCO3, was dissolved with 300 mM lactic acid. The solution was
le on a shaker for 24 h and aerwards ltered with a 0.22 mm
polycarbonate lter to remove any undissolved limestone from the
solution. The starting concentration of urea in all crystallization
experiments was 0.1 M. To start the crystallization reaction, S.
pasteurii bacteria suspension was added to the crystallization
solution. The ratio of bacterial suspension to the nal sample
volume was 1 : 10. As an indication for the bacterial cell concentration of the bacteria suspension the optical density was measured
before adding it to the crystallization solution (for the presented
experiments: OD600 nm ¼ 1.260).
2.1.3 Calcite crystals for dissolution experiments. For
dissolution experiments lactic acid (DL-lactic acid 90%) was
diluted to a concentration of 10 mM. Calcite crystals were grown
directly on Ibidi polymer cover slides (Ibidi GmbH, Gräfelng,
Germany), using the following procedure: the slides were placed
in a beaker with CaCl2 solution. To initiate the crystallization,
Na2CO3 solution was added and mixed thoroughly. The nal
concentration of Ca2+ and CO32 was 5 mM. The reaction was
le to proceed for 3 days. Aerwards, the polymer slides were
washed with DI water and ethanol before use.
2.1.4 Calibration buﬀers. Calibration buﬀers in the pH
range of 3.1 to 9.5 were used for calibration of the pH sensitive
dyes. In the pH range of 3.1 to 6.0 0.5 M MES buﬀer, and in the
pH range of 6.5 to 9.5 0.5 M Tris buﬀer was used.
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2.2

pH monitoring

2.2.1 Global pH monitoring. Absorption spectroscopy was
used to monitor pH changes in small volumes (200 mL).
Absorption measurements were performed with a spectrophotometer (SpectraMax® i3 Platform). The pH sensitive dye
phenol red (0.4 mM) was used to make pH changes optically
detectable. Phenol red shows a strong pH dependence at
558 nm and 434 nm, leading to a continuous color change from
yellow at low pH to pink at high pH values. The principle of
global pH monitoring measurements is shown in Fig. 1(a).
Reaction solution and phenol red were added to a 96-well plate.
Aer starting the reaction, the well plate was covered with
transparent tape to minimize the gas exchange with the environment. During the reaction the temporal change of the
absorption intensity at 558 nm was measured. In addition, to
compensate for scattering due to the crystals in the solution, the
background signal at the wavelength of 800 nm was measured,
and the background corrected signal was used for pH calculations. A calibration curve was created by measuring the
absorption intensity for the buﬀer solutions with well-known
pH values (see Fig. S3 and S4, ESI†). The background corrected absorption signal of the measurement can then be converted to pH values, and the average pH changes of the sample
were detected (see Fig. S5, ESI†).
2.2.2 Optical microscopy. Simultaneously to global pH
measurements, the precipitation process of a parallel sample in
a 96-well plate was investigated with an optical microscope
(Motic, AE31E, Objective 20 0.3 NA). Images were taken with
a Moticam 5.0.

Fig. 1 Principle of global (a) and local (b) pH monitoring for precipitation: (a) (left) S. pasteurii dilution is added to the crystallization
solution and phenol red in a 96-well plate. To minimize gas exchange
with the environment, the wells are sealed with transparent tape after
adding the bacteria suspension. (Right) The amount of absorbed light is
measured at various wavelengths for each well. (b) (Left) Crystallization
solution and bacteria dilution are mixed and added to the ﬂow cell.
(Right) Schematic illustration of local pH monitoring with CLSM. The
ﬂuorescent dye mixture is excited with two diﬀerent wavelengths
close to crystals to investigate local pH changes.
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2.2.3 Local pH monitoring. A confocal laser scanning
microscope (Leica TCS SP5) (CLSM) was used to investigate the
local pH evolution on a single crystal level in situ and in real
time. For that, a uorescent pH-sensitive dye, R6G-EDA (N(rhodamine 6G)-lactam-ethylenediamine),31,32 was added at
a concentration of 0.18 mM to the reaction solution. In addition, a pH insensitive dye, sulforhodamine 101 (SR101), was
added to a nal concentration of 15 mM. For measuring local
diﬀerences of the pH, a ow-cell setup was used (Fig. 1(b)). For
the owcell Ibidi polymer slides and Ibidi sticky-Slide VI 0.4
were used (Ibidi GmbH, Gräfelng, Germany).
Fig. 1(b) shows a schematic illustration of the local pH
monitoring principle. A CLSM is used to scan the area
surrounding crystallization or dissolution processes, using
a modied technique reported elsewhere.33 The two uorescent
dyes were excited with an argon laser (excitation wavelength: 514
nm) and a diode pumped solid state laser (excitation wavelength:
561 nm). For spatiotemporal pH measurements the images were
scanned sequentially line-by-line to avoid crosstalk between the
two uorescent dyes. The uorescent signal was detected with
two Leica HyD detectors in photon counting mode. R6G-EDA and
SR101 were detected separately by setting the emission lter to
525 nm to 554 nm and 578 nm to 625 nm, respectively. The scan
speed was set to 100 Hz, and image resolution was 512  512
pixel. The bit depth was set to 12 bit. All measurements were
performed with a pinhole size of 1 Airy. Aer the measurements,
images were processed using a 3  3 median lter, and the
intensity ratio between R6G-EDA and SR101 was calculated pixelby-pixel. Two standard curves were generated in order to convert
the ratio of uorescent intensities to pH values. For the standard
curve, images were taken for 13 pH values in a range from 3.1 to
9.5. The curves were used to convert intensity ratios into pH
values. For precipitation processes the ratio between SR101 to
R6G-EDA was used (ratio 1, see Fig. S6, ESI†). For dissolution the
ratio of uorescent intensities of R6G-EDA to SR101 was used
(ratio 2, see Fig. S7, ESI†). Additionally, a mask was applied to the
local pH map images, rendering forming and dissolving crystals
gray in the presented pH maps.
2.3

Raman microspectroscopy

For the sample preparation Jack Bean urease (plant derived) was
used for catalyzing the urea hydrolysis reaction. The precipitation
was stopped at diﬀerent time-points with ethanol, and the CaCO3
precipitate was ltered out of the crystallization solution and dried
before further characterization. Raman microspectroscopy was
employed to characterize the polymorph phase of the precipitated
CaCO3 using a Renishaw InVia Reex Spectrometer equipped with
a 532 nm laser and a Leica 50 0.75 NA lens.

3 Results
3.1

CaCO3 precipitation

For consistency purposes, all presented experiments were performed with the same batch of S. pasteurii. The rate of urea
hydrolysis will depend on both bacteria concentration and in
some extent the time-point of the experiment within the growth
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curve of S. pasteurii. Therefore, in the following precipitation
experiments, nucleation time-points are specic for the used
bacteria cell concentration and growth time.
The precipitation process in a 96-well plate was monitored
with optical microscopy to identify diﬀerent stages of the
bacterial-induced precipitation of CaCO3. Optical microscopy
was initiated approximately 30 s aer the reagents were added.
Selected time-points of the crystallization process are shown in
Fig. 2(a). Note that the time-labels refer to the start of
measurements and are characteristic for the used bacteria
concentration.
Parallel to the optical microscope experiment, the pH
evolution of the crystallization solution in multiple samples was
monitored using absorption spectroscopy. With the method
applied here, the average, i.e. global pH of the solution is
measured. This measurements will also serve as a reference for
the pH evolution at the grain scale described below.
The pH evolution corresponding to the precipitation process
of Fig. 2(a) is shown in Fig. 2(b). Both gures cover the initial 5 h
of the reaction.
The pH measurements were started approximately 1 min
aer adding the bacteria cells. For the precipitation process,
three distinct stages can be identied. Stage I starts shortly aer
the start of the reaction and is characterized by the appearance
of small particles in the solution. The small particles rst oat
freely in the solution, before settling at the bottom of the well.
Fig. 2(a) (4 min) represents an example for Stage I, 4 min aer
starting the reaction. The crystallization solution is changing
color from yellow to red, indicating a pH increase, as also
observed in direct pH measurements (Fig. 2(b)). The pH in the
starting phase is increasing rapidly up to a value of 8.2.
For the chosen experimental conditions, Stage II starts aer
approximately 25 min, when the pH of the crystallization solution starts to decrease. As can be seen in Fig. 2(a) (30 min), this
stage is characterized by nucleation and crystal growth occurring simultaneously with the dissolution of the precipitates
formed in Stage I (see Fig. 2(a) (4 min)). During Stage II, pH of
the solution drops by 0.1 to pH 8.1. Two time-points representing Stage II are shown in Fig. 2(a) (50 min), and (60 min),
which illustrate the nucleation, the crystal growth as well as the
start of the dissolution of initial precipitated particles (indicated by two white arrows in Fig. 2(a) (60 min) and (5 h)).
In Stage III, which starts in the presented experiment aer
about 50 min, crystal growth is the dominating process. The
initial precipitate continues to dissolve. Correlating this to the
global pH evolution measurement (Fig. 2(b)) shows, that in this
phase, the pH is stable around a value of 8.0. Aer 200 min the
pH of the crystallization solution starts to increase slowly again,
which is probably a consequence of slow urea hydrolysis in the
absence of free calcium ions, as all calcium is bound in already
formed precipitates.
The diﬀerent polymorphs of the precipitation process have
been investigated and identied with Raman microspectroscopy in a separate experiment (Fig. 2(c)). In this
experiment, plant derived urease was used to catalyze the
reaction, and the reaction was stopped by adding ethanol at
diﬀerent time-points (aer 1 min, 3 min, and 15 min).

This journal is © The Royal Society of Chemistry 2020
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(a) Precipitation time series in a 96-well plate format. Optical microscopy images taken at 6 diﬀerent time-points of the measurement.
The scale-bar in the images is 50 mm. The two white arrows indicate an area where the initial precipitation disappears. (b) Global pH evolution of
the precipitation process over 5 h and the ﬁrst 60 min (inset) of the reaction. (c) Raman spectra of diﬀerent precipitation stages. Precipitation
induced by plant derived urease was characterized after 1 min, 3 min and 15 min reaction times. Characteristic CaCO3 Raman peaks are marked
with arrows.
Fig. 2

Characteristic Raman peaks for CaCO3 can be found at
approximately 1085 cm1. It can be seen that the small
precipitates that appear initially are consistent with ACC (broad
peak at 1080 cm1). ACC quickly transforms into vaterite
(characteristic double peak at 1074 cm1 and 1085 cm1). At
later time-points (15 min), a Raman signal at 1085 cm1 and
711 cm1 that is characteristic of calcite crystals is observed.
Further appearing Raman peaks at 953 cm1 and 418 cm1
could be caused by intermediate products of the urea hydrolysis
reaction as well as by impurities in the formed CaCO3. However,
the peaks could not be identied with absolute certainty.
Despite this, the diﬀerent polymorph stages during the
precipitation process can still be identied as amorphous
calcium carbonate (Fig. 2(c) (black curve)), vaterite (Fig. 2(c) (red
curve)), and calcite (Fig. 2(c) (blue curve)).
Additionally, pH evolution was also monitored at the grain
scale using CLSM microscopy. 2D local pH changes during the
precipitation process close to the precipitating crystals could be
documented, using the same concentration of urea, calcium
and bacterial cells.
A representative example of spatial and temporal pH
mapping is shown in Fig. 3. The pH evolution on the scale of
individual crystals is shown in Fig. 3(a)–(h), with the corresponding brighteld images in Fig. 3(i)–(p). Data acquisition
started approximately 2 min aer mixing the reactants.
For easier identication of local pH diﬀerences, two selected
areas in each of the images are highlighted and magnied. The
upper area corresponds to a location in the sample where
a calcite crystal appears aer 14 min. The lower area shows pH
evolution in a region in which no calcite nucleation occurs
during the course of the experiment.
As in the global precipitation experiments, three distinct
stages of precipitation can be observed. Note that the timescale

This journal is © The Royal Society of Chemistry 2020

is not exactly the same as in the experiments at the global scale
(Fig. 2(a)). This is due to diﬀerences between the experimental
setups that aﬀect factors such as gas exchange with the environment, local variations in temperature, and diﬀerent crystallization conditions.
Fig. 3 shows the spatial and temporal pH evolution during the
precipitation process. In Stage I, during the rst 12 min, the color
changes from light green to blue, corresponding to a continuous
pH change from around 7.7 to 8.2. In good agreement with the
global-scale experiments, small particles of ACC and vaterite
precipitate and oat in the liquid. In areas where ACC and vaterite
appears, the local pH decreases (to around pH 7.0) compared to
the rest of the sample. An example of this is indicated by a red
arrow in Fig. 3(b) and (j). The rst calcite crystal can be observed
aer 14 min, which marks the beginning of Stage II of the crystallization process. Calcite crystals rst appear as dark spots in the
optical image (Fig. 3(m); marked with a white arrow). Simultaneously, it can be observed (Fig. 3(e)) that the pH around the
growing crystal is lowered by approximately 0.5 compared with
the rest of the sample (pH 7.9).
The nucleation process is shown in more detail in the ESI
document (see Fig. S8, ESI†). The highlighted and magnied
part emphasizes the area where nucleation occurs. The crystals
start to appear aer 12 min in the brighteld image. Simultaneously, the spatial pH mapping shows a pH drop in the same
area. This can be clearer seen in (see Fig. S8(c) and (d), ESI†)
when the nucleating crystal moves into the focus of the CLSM. A
color change to cyan can be observed in the area where the
crystal appears. This corresponds to a pH drop from 8.2 to 7.9.
During crystal growth (Fig. 3(f)–(h)), a color change to green/
cyan can be observed in the area close to the growing crystal.
This is equivalent to a pH in a range between 7.5 to 8.0. The pH
of the rest of the sample is above 8.2 (blue color Fig. 3(e)–(h)).
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Local pH monitoring of precipitation. (a–h) Local pH diﬀerences during the process are shown with a colormap for diﬀerent time-points
(2 min, 4 min, 6 min, 12 min, 14 min, 17 min, 22 min, and 62 min) of the reaction. (i–p) Are the corresponding optical images to the local pH map.
For clariﬁcation, two areas of the images are magniﬁed. The upper zoom magniﬁes an area close to a nucleation point, while the lower zoom
shows an area without crystallization. The scale-bar is 25 mm.

Fig. 3

The crystal growth corresponds to the Stage III of the precipitation process. Additionally, it can be observed that the ACC and
vaterite formed in Stage I and visible as small particles in the
brighteld images, as well as local pH changes in the pH
mapping, is starting to dissolve, and the nucleated crystals
increase in size. The dissolution of vaterite can be observed
aer crystallization has started. This also coincides with a more
uniform pH map in areas without growing crystals (Fig. 3(h);
lower magnied area).

3.2

Dissolution of CaCO3 crystals

Spatial and temporal evolution of the pH at the scale of single
CaCO3 crystals was investigated in dissolution experiments. Our
goal is to employ bacteria to produce acid for the dissolution of
CaCO3, and therefore a method was developed to study the local
pH variations during calcite dissolution. For the presented
experiments calcite crystals were grown on a polymer microscope slide and then dissolved using 10 mM aqueous solution

20490 | RSC Adv., 2020, 10, 20485–20493

of lactic acid. Experiments were conducted in a ow cell as
shown in Fig. 1(b) under stagnant (no ow) conditions. The
addition of the acid leads to slow dissolution of the calcite
crystals was observed by decreasing crystal size (see Fig. S9,
ESI†) and leads to changes in the solution pH (Fig. 4).
The dissolution of calcite crystals was investigated with
CLSM using the same approach as used to monitor local pH
changes in bacteria induced precipitation described above.
Measurements were started approximately 30 s aer the addition of the acid. The results of the microscale pH mapping are
shown in Fig. 4.
Shortly aer the acid is injected into the ow cell, clearly
observable local pH gradients are established in the proximity
of dissolving crystals. Regions with increased pH can be
recognized by the bright yellow color in Fig. 4(a). The pH value
close to the crystal is around 4.1, while the pH further away from
the crystals is around 3.4. During the rst 5 min of the experiment, the area with higher pH is decreasing, while the pH of the
entire sample increases.

This journal is © The Royal Society of Chemistry 2020
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Fig. 4 Local pH monitoring of the dissolution: (a)–(e) shows time-points at the start of the measurement (¼0 min), after 1 min, 2 min, 3 min and
5 min of the measurement. Also later time-points of the dissolution process are shown, i.e. (f) 10 min, (g) 15 min, (h) 20 min, (i) 25 min and (j)
30 min. The scale-bar is 75 mm.

During the dissolution process, two phases can be observed.
In the starting phase of the dissolution, the main observed
process is the pH change in close proximity of the calcite crystal.
The pH close to the crystal is decreasing, while the pH of points
distant to the crystals is increasing. Once a uniform pH in the
sample is established (aer approximately 5 min), the main
observed process in local pH monitoring experiments is the
increase of the pH of the entire sample.
The pH proles have been plotted along the dashed line
shown in Fig. 5(a) for 7 diﬀerent time-points.
Local pH diﬀerences are largest at the beginning of the
dissolution process (0 min). The pH value close to the crystal is
around 4.1, while the pH further away is around 3.4. During the
initial 0 min to 5 min, the local diﬀerences in pH become
smaller, until aer 5 min the pH is nearly uniform in the
sample. A higher pH near the dissolving crystals can only be
detected within a distance of 40 mm from the crystal surfaces for
longer reaction times.

4 Discussion
4.1

CaCO3 precipitation

During CaCO3 precipitation, we observed the formation of
diﬀerent CaCO3 polymorphs (Fig. 2(a) and 3). In the initial stage
of the reaction, ACC and vaterite was observed, while at later
time-points of the experiment calcite was the dominating
polymorph (Fig. 2(c)). It has been previously reported that
during CaCO3 precipitation at high supersaturation conditions,
hydrated ACC is formed rst.16 This phase subsequently transforms into vaterite, which dissolves once the supersaturation
with respect to vaterite approaches S ¼ 1 and re-precipitates
according to Ostwald's rule of stages, as calcite. This has also
been reported for MICP processes.18 The precipitation and
dissolution of small CaCO3 particles in MICP have previously
been observed in microscale experiments.19 In our experiments,
the previously reported precipitation pathway could be
conrmed using Raman microspectroscopy (Fig. 2(c)).
The presented global pH monitoring method provides the
average pH evolution of the crystallization solution. The

This journal is © The Royal Society of Chemistry 2020

pH proﬁle close to a dissolving crystal for diﬀerent time-points
of dissolution. (a) Example image of local pH distribution during
dissolution. Intensity proﬁles are extracted from the images along the
dashed line. (b) Intensity proﬁles are given 0 min, 2 min, and 5 min of
the reaction. (c) pH proﬁles for longer reaction times.

Fig. 5

RSC Adv., 2020, 10, 20485–20493 | 20491

View Article Online

Open Access Article. Published on 28 May 2020. Downloaded on 8/23/2020 3:38:01 PM.
This article is licensed under a Creative Commons Attribution-NonCommercial 3.0 Unported Licence.

RSC Advances
expected pH evolution is a rapid pH increase due to urea
hydrolysis followed by a pH decrease due to crystallization of
CaCO3 (eqn (5)), which was conrmed by our measurements
(Fig. 2(c)). This also agrees with previously reported pH evolution's in bulk experiments. In the work of Dupraz et al.,34 the
inuence of gas exchange with the environment on the pH
evolution in larger volumes (30 mL and 60 mL) was investigated.
In systems with limited gas exchange, the pH increase and
carbonate precipitation was faster than in systems with gas
exchange with the environment (eqn (6)). In addition, the pH
value before nucleation was reported to be higher for closed
systems. This is due to limitation of CO2 during the hydrolysis
reaction. CO2 exchange with the environments is more
pronounced when the surface to volume ratio of the sample is
high, which is the case in our global pH monitoring experiments. This explains why the global pH values we detect are low
compared with previously reported MICP experiments.9,34
In our observations of local pH on the grain scale, we found
that both the appearance of the initial precipitation (ACC and
vaterite), as well as the crystallization of calcite, gave rise to
a local decrease in pH. The pH decrease due to ACC and vaterite
precipitation could not be detected in the global pH measurements, because its average eﬀect was smaller than the global pH
increase due to urea hydrolysis.
The precipitation processes in global and local pH monitoring experiments show the same trend, however crystallization occurs at diﬀerent time-points, despite using of the same
bacteria cell concentrations. This can be explained by several
experimental factors. Perhaps the most important is that the
ow cell (Fig. 1(b)) can be considered a closed system, because
only a very small fraction of the solution is in equilibrium with
the atmosphere. In the global pH monitoring experiments, gas
exchange was limited, however, gas exchange cannot be
neglected for those measurements. The closed conditions of the
ow cell experiments lead to a faster pH increase and as
a consequence faster precipitation of CaCO3.
Furthermore, the inuence of the surface morphology of the
substrate on precipitation and morphology of precipitated crystals in MICP has been reported earlier.35 This shows that
precipitation depends on the surface chemistry of the substrate,
and can contribute to the diﬀerent time-points at which precipitation starts in global and local pH monitoring experiments.

4.2

Dissolution of CaCO3 crystals

In our dissolution experiments, we observed a slow dissolution
of calcite crystals (see Fig. S9, ESI†). H+ ions are consumed in
the dissolution process (eqn (9)), and the resulting diﬀusion of
protons from the bulk solution towards the dissolving surfaces
can be seen as a pH gradient between the surface and the bulk
solution. Aer a reaction time of 5 min, a pH prole with nearly
constant shape is reached (Fig. 4).
At low pH values, it is expected that the bicarbonate from the
dissolution reaction further reacts to produce CO2. This could
not be observed in the presented experiments due to the fast
diﬀusion of the reaction products and low concentration of
dissolved carbon.
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As shown in Fig. 5, the pH close to the crystal is observed to
decrease aer a fast increase from bulk pH conditions, during
the rst 5 min of the experiment. This somewhat counterintuitive observation can probably be explained by an initial fast
dissolution rate of the calcite crystal, caused by the large
availability of active reaction sites on the fresh calcite surface.36
As the density of reactive sites decreases and the dissolution
rate slows down, the diﬀusion of H+ and reaction products
cause a temporary drop in local pH. This previously unobserved
dynamic may have implications for biogeochemical reactions in
the vicinity of dissolving calcite surfaces.

5 Conclusions
We have presented two novel methods for monitoring the pH
evolution of MICP processes at the micro-scale. The global pH
evolution in small volumes was measured with absorption
spectroscopy. Furthermore, a method was introduced for
monitoring local pH changes using CLSM.
With the presented methods we were able to achieve detailed,
in situ pH monitoring, which allows us to learn more about the
reactions during MICP. This allows us to gain more control when
designing and optimizing the process on the micro-scale.
Local pH monitoring revealed details about local pH
changes, which have not been observed in bulk measurements.
We were able to demonstrate that the appearance of metastable
phases during the initial pH increase causes a local pH
decrease. Furthermore, for dissolution experiments local and
temporal pH variations around the dissolving calcite crystals
have been observed, which may have implications for other
biochemical reactions taking place in close proximity of the
dissolving crystals.
The methods introduced in this work allow the detailed,
micro-scale evaluation of MICP processes and represent a valuable tool for improving material properties in MICP-based
materials, with prospects for becoming more sustainable
alternatives for conventional concrete in a wider range of
applications in the construction industry.
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