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Abstract

A database is presented for commonly-encountered cement substances including C–S–H, Ca(OH)2, selected AFm, AFt and hydrogarnet
compositions as well as solid solutions. The AFm compositions include strätlingite. The data were obtained for the most part from experiment and
many of the predicted reactions were confirmed by focussed experiments. The temperature-dependence of the thermodynamic data for the above
phases, determined partly from experiment and partly from thermodynamic estimations, are also tabulated in the range 1 °C to 99 °C. Relative to
previous databases, sulfate AFm is shown to have a definite range of stability range at 25 °C thus removing long-standing doubts about its stability
in normal hydrated cement pastes. Carbonate is shown to interact strongly with stabilisation of AFm across a broad range of temperatures and, at
low temperatures, to substitute into AFt. The new database enables the ultimate hydrate mineralogy to be calculated from chemistry: most solid
assemblages, the persistence of C–S–H apart, correspond closely to equilibrium. This realisation means that hydrate assemblages can be
controlled. The development of a thermodynamic approach also enables a fresh look at how mineralogical changes occur in response to
environmentally-conditioned reactions; several papers showing applications are cited.
© 2007 Elsevier Ltd. All rights reserved.
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1. Introduction

One of the unsolved problems in the application of Portland
cement is to quantify the performance lifetimes of concrete
constructions. Quantification is important to evaluate the
performance of nuclear waste containments and, increasingly,
long-lived infrastructure developments, where quantification
has failed to keep pace with the expectation of stakeholders.

Although we have a wealth of empirical evidence on the
performance of historic concretes, information on their formu-
lation, emplacement and exposure history is often incomplete
and, moreover, the nature of cements supplied today will almost
certainly have changed since the original construction. Empir-
ical studies and historic examples have however yielded much
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useful qualitative information on the aggressivity of various
service environments. Numerous tests and test methods have
been used as indicators of durability but they do not yield generic
conclusions and their predictive capabilities are limited. As a
consequence, designers of long-lived constructions have at
present to rely on perceived wisdom, as interpreted by experts
and incorporated into codes of practice.

The changing nature of cements is also of concern. Cement
producers are under pressure to lower the specific energy re-
quirements of cement production and reduce gaseous emis-
sions. These goals are presently addressed by a combination of
methods; partly by optimisation of process technology, includ-
ing the use of alternative fuels and raw materials (the impacts of
which are beyond the scope of this study), and partly by
reliance on supplementary cement materials to lessen the need
for energy-rich cement. Although the use of supplementary
materials is generally regarded as beneficial in terms of strength
and durability as, for example, highlighted by developments in

mailto:t.matschei@abdn.ac.uk
mailto:f.p.glasser@abdn.ac.uk
http://dx.doi.org/10.1016/j.cemconres.2007.06.002


1380 T. Matschei et al. / Cement and Concrete Research 37 (2007) 1379–1410
cement and concrete standards, long term performance is not
fully understood. Supplementary materials presently in use
include industrial by-products such as slag, fly ash, silica fume,
etc. as well as natural materials such as ground limestone,
natural pozzolanic and semi-synthetic pozzolans such as meta-
kaolin. Each of these materials has a complex but distinctive
chemistry, mineralogy and granulometry. Moreover, each type
of material ranges in composition and performance. Studies
of their behaviour in blended cements under controlled con-
ditions are confined to selected compositions and short term
(1–5 years) laboratory measurements, perhaps supplemented
by observations on actual constructions, for which conditions
may not be well controlled.

The complexity of blended cement systems and the wide-
ranging nature of supplementary cementing materials has meant
that guesses – sometimes well informed – have to be made at the
outset about what aspects of behaviour should be studied. But the
number and complexity of the resulting systems are such that
results are often confined to measurement of a few of the many
parameters affecting performance. Arguably the most serious
question arising from the results of empirical testing is how to
extend or extrapolate the results to other compositions and
formulations, or to conditions other than those measured, or both.
At present we cannot address these issues, except qualitatively.

If quantification of performance is to be achieved, a new
paradigm is needed and a key to the development of a successful
paradigm must be to concentrate on generic approaches.
Thermodynamics provides a consistent framework for the
analysis of complex systems. Given an adequate database to
support calculations, its strength lies in its generic nature; user-
defined compositions and conditions can be selected for
calculation. This realisation is not new although previous attempts
to apply thermodynamics have had only limited success owing
partly to deficiencies in the database to enable calculations. In this
presentation we concentrate on development of the database.

From an industrial point of view it could be argued that
thermodynamic approaches to cement durability are too theoret-
ical and the calculations too difficult to perform. However, the
latter is no longer true: geochemists, faced by similar problems of
treating complex systems, have developed and validated
computer codes capable of being implemented on a PC. Many
reliable code packages are available in the public domain.
Furthermore codes can be coupled to fluid mass transport
modelling modules; in this case, thermodynamic datasets supply
important physical properties, for example, molar volumes of
solid and liquid phases including solid solutions.

Thermodynamics is most readily applied to isochemical
systems, i.e., to systems having a constant composition, whereas
many cement deterioration reactions involve transport of species
into or out of the matrix (or both). In computer-based
calculations, such processes also enable more complex condi-
tions to be imposed on the system.

We do not argue that the primary output achieved by
application of thermodynamic methods necessarily enables the
durability and performance of cements and concretes to be
quantified. But we argue that, in the search for quantification, a
sound understanding of cement paste mineralogy, and of the
ability to calculate features and processes arising from the
interaction of cement with potentially aggressive agents
introduced from the environment, together with additional
possibilities for calculating physical functions and the intro-
duction of kinetic variables, constitutes a great step forward.
Other necessary links to develop integrated models of cement
performance will be anticipated in discussion.

2. Historical development of cement databases of
thermodynamic properties

A thermodynamic database will include many substances for
which standard compilations already provide adequate data: it is
not necessary to start totally afresh. For example, the thermo-
dynamic properties of water and of many aqueous ions and
complexes are well known. Database development focussing on
cements is therefore mainly concerned with the properties of
solids that are abundant in cements but uncommon or absent in
nature. Thus a comprehensive database can be compiled by
focussing on relatively few substances.

After years of development, Babushkin et al. published the
first reasonably comprehensive compilation of thermodynamic
data for cement substances. Their book [1] also gives numerous
application examples but, as these are pre-computer, the
examples selected for calculation tend to be rather simplistic
and at first sight, do not afford significant advance over em-
pirical conclusions. However, a serious problem is that
referenced data in this compilation have proved difficult if not
impossible to trace to source.

Other databases adding to our knowledge of cement substances
have been produced subsequently, e.g., by Atkins et al. [2,3],
Damidot [4], Reardon [5,6], Lothenbach andWinnefeld [7], by the
Lawrence Livermore National Laboratory [8] and by ANDRA, the
French National Agency for Radioactive Waste Management [9].
Studies of phase equilibria, cited subsequently in the text, have also
added data on the thermodynamic properties of specific substances.

3. Experimental

A focussed programme of data acquisition was undertaken.
This involved synthesis, characterisation, analysis and data
integration. New data were obtained through synthesis of phase
pure substances with subsequent solubility measurements.

3.1. Analytical procedures

Cement hydrates are generally very sensitive to decompo-
sition by carbonation. Therefore many syntheses and solubility
experiments must be performed under N2 atmosphere to
minimize access of atmospheric CO2. The synthesised solids,
aged and stored in inert HDPE or PTFE ware, have been
vacuum-filtered with Whatman 540 filter paper and washed
several times with ultrapure degassed water to remove alkalis, if
present. Subsequently the solids were dried over saturated
CaCl2 solution at 37% R.H. for 2 weeks.

Mineralogical examination of the dried solid was made by
X-ray diffractometry (XRD) using a PANALYTICAL X'PERT PRO



Fig. 1. Estimation of the silicon content of siliceous hydrogarnet; data marked
PDF are from the Powder Diffraction File. Data not marked were obtained in the
course of the title study (solid compounds). The composition of the synthesised
solid solution (open diamond) is estimated by fitting to the curve shown by a
dashed line.
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diffractometer with Cu-Kα-radiation; the angular scan was
between 5-80° 2θ with a step size of 0.02 and an average count
time of 1 s per step. An environmental scanning electron micro-
scope (ESEM), FEI XL 30, equipped with field emission gun
was used to image reaction product morphologies of selected
hydrates, e.g. of strätlingite. A METTLER-TOLEDO simultaneous
thermal analysis apparatus, TGA/SDTA 851, was used for mass
changes and thermal analysis. The observed temperature range
was between 30–980 °C at a heating rate of 10 °C/min.

Solutions were obtained by filtration of 15 ml aliquots (30 ml
for carbon determination) of the excess solution through a 0.22μm
alkali-resistant MF-millipore membrane syringe filter unit. Part of
the solution (10 ml) was acidified with 1 ml 0.1 M HCl for cation
analysis; the remainder was used to measure pH and determine
anions, e.g. sulfate or carbonate. Solutions awaiting analysis were
stored briefly in polypropylene (PP) centrifuge tubes.

Aqueous calcium, aluminium and sodium concentrations were
determined by AAS using a VARIAN SPECTRAA 10 flame AAS. A
nitrous oxide/acetylene flamewas used for calcium and aluminium
and an air/acetylene flame for sodium.Where appropriate, samples
were diluted with 2500 mg K+/l solution to suppress ionisation
prior to analysis. Sulfatewas analysed by ion chromatographywith
a Dionex DX-120 IC. A 4 mm ion exchange analytical column,
IONPAC AS 4A, equipped with a guard column, was fitted for
sulfate analysis. The analyte was injected into a 25 μl sample loop
and the applied pressure set between 1000–1100 psi (67–74 bars).
The eluent used was 1.8 mM Na2CO3/l.7 mM NaHCO3; eluent
conductivity was suppressed by an ASRS ultra self-regenerating
suppressor with deionised water (N18 MΩ cm) regenerant. A
spectrophotometric method based on the molybdenum blue
method was adopted to determine silicon [10]. A CAMSPEC 301
spectrophotometer was used for spectrophotometric measure-
ments. Carbon was analysed using a LABTOCAnalyser by PPM.
The detection limit for a reliable TIC (total inorganic carbon)
measurement using this method is ∼1 mg/l; problems arose with
accurate analyses due to the low aqueous concentrations
encountered approaching the analytical threshold. The pH (in
molal activity scale) was calculated from the bulk composition of
the chemical system with the aid of the applied thermodynamic
software GEMS-PSI. Additionally, pH was measured at room
temperature with a glass electrode suitable for high pH, to enable
comparison between calculated and measured pH.

3.2. Synthesis of relevant cement hydrates

The synthesis of the relevant cement hydrates required several
solid precursors. These were made from analytical grade (AR)
reagents. An important precursor is tricalcium aluminate, C3A
(Ca3Al2O6). C3Awas prepared from a 3:1 molar ratio of CaCO3

and Al2O3. Lime, CaO, was obtained in a previous step by
decarbonation of AR grade CaCO3 at 900 °C for ∼12 h.
Anhydrite, CaSO4, was used as the sulfate source: it was prepared
by dehydration ofAR gypsum in amuffle furnace at 750 °C for 5 h.

3.2.1. Hydrogarnet
“Hydrogarnet” is usually defined in the cement literature as the

silicon-free composition Ca3Al2(OH)12. However silicon is a
main constituent of Portland and blended Portland cements and
the existence of solid solution between katoite, Ca3Al2(OH)12,
and grossularite, Ca3Al2Si3O12, is well-known both in the labo-
ratory and from natural occurrences. Siliceous hydrogarnet thus
impacts significantly on silicon distribution in cements. To
enable thermodynamic calculations, two different composi-
tions were synthesized. Ca3Al2(OH)12 was prepared by mixing
previously synthesised C3Awith boiling water and subsequent
ageing at 105 °C in pressurised PTFE bottles for 7 days. A
siliceous composition was also prepared with the target com-
position Ca3Al2SiO4(OH)8, starting from stoichiometric
amounts of CaO, Na2Si2O5·2H2O, NaAlO2 and water. A slurry
of Na2Si2O5·2H2O and NaAlO2 was prepared with an ap-
propriate amount of water. In a separate operation, CaO was
suspended in boiling ultrapure water and the slurry containing
mixed Na2Si2O5·2H2O, NaAlO2 added. Subsequently the pre-
paration was aged for 4 weeks with periodic agitation at 105 °C
in sealed PTFE bottles until filtration.

A literature review showed that the synthesis and character-
isation of siliceous hydrogarnet is more complicated than the
silicon-free variant. Jappy, et al. [11] synthesised hydrogrossular
solid solutions Ca3Al2(SiO4)3− x(OH)4x and encountered two
different hydrogarnet phases in most preparations. A miscibility
gap was postulated to exist at low silica substitutions. However
in the title study, one synthesis yielded a single hydrogarnet
phase. According to subsequent XRD analysis this solid so-
lution had a rather lower silicon content than the target com-
position, Ca3Al2SiO4(OH)8. Its silicon content was estimated
assuming a linear relation of the unit cell lattice parameter
between C3AH6 (a0 ∼12.58 Å, PDF 24–217) and grossular,
Ca3Al2(SiO4)3 (a0 ∼11.85 Å, PDF 39–368). The unit cell size
of the synthetic (a0=∼12.39 Å) was calculated by refining its
XRD-pattern by least squares minimisation on 14 reflections
with the software CELREF using silicon, a0=5.4308 Å as an
internal standard (see Fig. 1). Accordingly, its formula was
corrected to Ca3Al2(SiO4)0.8(OH)8.8. The XRD pattern also
contained reflections attributed to C–S–H and most of the
“missing” silica and part of the alumina are believed to be
present as minor C–S–H impurity.
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3.2.2. AFm phases
Although the stability relations of the AFm phases are

known to be sensitive to temperature, few relevant data are
available. To enable an estimation of thermodynamic data, the
following preparation route yielded suitable material. Since
“monosulfoaluminate”, Ca4Al2(SO4)(OH)12·6H2O, becomes
more stable at temperatures N∼40 °C a 1:1 molar mixture of
C3A and CaSO4 was suspended in initially boiling ultra pure
water and thereafter kept at 85 °C for 7 days to synthesize phase
pure monosulfoaluminate.

“Monocarboaluminate”, Ca4Al2(CO3)(OH)12·5H2O, was pre-
pared by mixing C3A and CaCO3 in a 1:1 molar ratio with
previously degassed ultra pure water at 25 °C and stored with
agitation in HDPE-bottles for 14 days until filtration at 25 °C. A
second source of monocarboaluminate was prepared by mixing
stoichiometric amounts of CaO, CaCO3 and gibbsite (Al(OH)3)
with a 0.1 M KOH solution. The suspension was agitated
periodically and stored at 50 °C for 4 weeks, with subsequent
filtration and washing.

“Hemicarboaluminate”, Ca4Al2(CO3)0.5(OH)13·5.5H2O, was
made by addition of C3A, CaCO3 and CaO in stoichiometric
quantities to previously degassed ultra pure water at 25 °C and
stored in HDPE-bottles to achieve a successful synthesis. The
mixture was aged with stirring for 14 days before filtration.

C4AHx, Ca4Al2(OH)14·xH2O, was synthesized according to
the method of Atkins et al. [12]. C3Awas mixed with CaO in a
1:1 molar ratio at 5 °C using degassed ultrapure water (w/s
∼10). Afterwards the preparation was stirred for 72 h and
periodically agitated, still at 5 °C. After 3 weeks at 5 °C the solid
was vacuum filtered under N2 atmosphere.

Several methods for the preparation of strätlingite,
Ca2Al2SiO2(OH)10·3H2O are described in the literature (e.g.
sol–gel-preparation from glasses, etc). These routes were pursued
but the best preparations were obtained by starting from a
stoichiometric mix of CaO, Na2Si2O5·2H2O, NaAlO2 and water
at 25 °C. First, all chemicals were separately suspended in
ultrapure water at 25 °C. The slurry containing sodium aluminate
solutionwas added to the previously prepared portlandite solution
with stirring. Finally the sodium silicate solution was added and
the resulting suspension stirred for 4 weeks at 25 °C prior to
filtration. HDPE-bottles were used in all stages of the preparation.
Unlike other cement hydrates, which are uniformly white, the
strätlingite preparation had a pale bluish colour.

3.2.3. AFt phases
The determination of the solubility of SO4–AFt, ettringite,

has been the subject of numerous investigations [12–15]. The
literature data show generally good agreement and we therefore
concentrated on its less well characterised carbonate analogue,
CO3–AFt or “tricarboaluminate”, Ca6Al2(CO3)3(OH)12·26H2O,
prepared using a modification of the method of Carlson and
Berman [16] by precipitation from a stoichiometric mixture of
CaO, NaAlO2 and Na2CO3 in a 10% w/v sucrose solution. The
previously-prepared slurries of sodium aluminate and sodium
carbonate were added to the sucrose-portlandite mixture, stirred
for 3 days and periodically agitated at 25 °C until filtration after
∼2 weeks.
3.3. Solubility determinations

Solubility determinations were made at various temperatures
between 5° and 105 °C. Two series of reaction mixtures were
prepared to derive solubility data for katoite, Ca3Al2(OH)12.
In the experiment from undersaturation, previously synthe-
sized dry Ca3Al2(OH)12 powder was redispersed in water
(water/solid-ratio ∼30) at 25 °C and then stored in HDPE
bottles (at temperatures b70 °C) or PTFE bottles (at tem-
peratures ≥70 °C) isothermally at well-spaced intervals be-
tween 5°–105 °C prior to analysis. In a second series, a slurry
of Ca3Al2(OH)12, prepared from C3A as described and aged
at 105 °C, was divided into several samples with the aid of a
syringe. The sample bottles (HDPE or PTFE) were then filled
with boiled water, sealed under N2 atmosphere and slowly
cooled to the desired temperature and held for ∼4 weeks prior
to analysis. The water/solid mass ratio of the second set of
samples was deliberately set at ∼1000 to enable direct com-
parison with the results of Wells et al. [17], which were also
obtained at w/s ∼1000.

Experiments were conducted from both super- and under-
saturation for monosulfoaluminate, for monocarboaluminate
made by two different preparative routes, and for hemicarboalu-
minate at temperatures between 5° and 110 °C. Stoichiometric
mixtures of C3A with either CaSO4 or CaO and CaCO3 (see
paragraph 3.2.2) were used at various temperatures in experi-
ments from supersaturation (water/solid-ratio ∼30). Solubilities
from undersaturation were determined by redispersing previously
synthesized and characterised single phase solids in ultra pure
degassed water (water/solid ratio ∼30). The samples were
analysed after 4–6 weeks reaction time in both cases. Addition-
ally a second dataset for hemicarboaluminate at 25 °C was
generated by reaction of monocarboaluminate with synthetic
C4AH13 (previously prepared from a 1:1 molar mixture of C3A
and CaO at 5 °C) at a 1:1 molar ratio (water/solid-ratio ∼30):
complete reaction at 5 °C required ∼3 weeks.

The synthesis of siliceous hydrogarnet, strätlingite and the
second source of monocarboaluminate required the addition of
sodium and synthesis was thus achieved at high aqueous pH.
Most of the sodium could be removed by flushing the filtrates
several times with ultra pure degassed water prior to drying. We
comment subsequently on the residual sodium contents. Solubi-
lities determined from undersaturation were obtained by redis-
persing powders of each mineral in ultra pure, degassed water
(water/solid ratio ∼30) and undertaking analyses at well-spaced
time intervals.

4. Methods used to derive and manipulate thermodynamic
data

4.1. Software and standard databases

Chemical thermodynamic modelling consists of calculating
the chemical speciation (i.e. amounts or concentrations of
chemical components in all phases present in equilibrium state)
from total bulk composition of the system and thermodynamic
data for components. In the GEM (Gibbs free energy



Table 1
Standard (partial molal) thermodynamic properties of aqueous species at 25 °C, 1 bar used in GEM calculations

Species ΔG01 ΔH 0 S0 Cp
0 V 0 a1

4 a2
4 a3

4 a4
4 c1

4 c2
4 w4 Ref 5

[kJ/mol] [kJ/mol] [J/K mol] [J/K mol] [cm3/mol] [cal/(bar mol)] [cal/mol] [calK/(bar mol)] [calK/mol] [cal/Kmol] [calK/mol] [cal/mol]

Al3+ −483.712 −530.63 −325.10 −128.70 −45.24 −0.33802 −1700.71 14.5185 −20,758 10.7 −80,600 275,300 [21]
AlO+ (+H2O=Al(OH)2

+) −660.42 −713.64 −112.97 −125.11 0.31 0.21705 −248.11 6.7241 −26,763 −2.5983 −91,455 95,700 [21]
AlO2

− (+2H2O=Al(OH)4
−) −827.48 −925.57 −30.21 −49.04 9.47 0.37221 399.54 −1.5879 −29,441 15.2391 −54,585 174,180 [21]

AlO2H (aq) (+2H2O=Al(OH)3 (aq) −864.28 −947.13 20.92 −209.21 13.01 0.35338 84.85 5.4132 −28,140 −23.4129 −132,195 −3000 [21]
AlOH2+ −692.60 −767.27 −184.93 55.97 −2.73 0.20469 −278.13 6.8376 −26,639 29.7923 −3457 172,470 [21]
AlSO4

+ −1250.43 −1422.67 −172.38 −204.01 −6.02 0.13869 −439.2 7.4693 −25,974 −11.6742 −129,914 117,290 [22]
Al(SO4)2

− −2006.30 −2338.40 −135.50 −268.37 31.11 0.68275 889.25 2.2479 −31,466 −12.022 −161,447 211,990 [22]

Ca2+ −552.792 −543.07 −56.48 −30.92 −18.44 −0.01947 −725.2 5.2966 −24,792 9 −25,220 123,660 [21]
CaOH+ −717.02 −751.65 28.03 6.05 5.76 0.27243 −113.03 6.1958 −27,322 11.1286 −27,493 44,960 [21]
CaCO3 (aq) −1099.18 −1201.92 10.46 −123.86 −15.65 −0.03907 −873.25 9.1753 −24,179 −11.5309 −90,641 −3800 [22]
CaHCO3

+ −1146.04 −1231.94 66.94 233.70 13.33 0.3706 126.7 5.252 −28,310 41.722 83,360 30,800 [20]
CaSO4 (aq) −1310.38 −1448.43 20.92 −104.60 4.70 0.24079 −189.92 6.4895 −27,004 −8.4942 −81,271 −100 [22]
CaHSiO3

+ (+H2O=CaSiO(OH)3
+) −1574.24 −1686.48 −8.33 137.80 −6.74 0.10647 −517.87 7.7785 −25,649 30.8048 36,619 58,310 [22]

Na+ −261.882 −240.28 58.41 38.12 −1.21 0.1839 −228.5 3.256 −27,260 18.18 −29,810 33,060 [21]
NaOH (aq) −418.12 −470.14 44.77 −13.40 3.51 0.22338 −232.87 6.6683 −26,826 4.0146 −36,863 −3000 [21]
NaCO3

− −797.11 −938.56 −44.31 −51.28 −0.42 0.23862 −195.21 6.5103 −26,982 15.3395 −55,686 178,700 [23]6

NaHCO3 (aq) −847.39 −929.50 154.72 200.33 32.32 0.6173 729.43 2.876 −30,805 33.879 67,193 −3800 [23]6

NaSO4
− −1010.34 −1146.66 101.76 −30.09 18.64 0.47945 392.84 4.199 −29,414 13.4899 −45,256 126,060 [23]6

CO2 (aq) −386.02 −413.84 117.57 243.08 32.81 0.62466 747.11 2.8136 −30,879 40.0325 88,004 −2000 [21]
CO3

2− −527.98 −675.31 −50.00 −289.33 −6.06 0.28524 −398.44 6.4142 −26,143 −3.3206 −171,917 339,140 [21]
HCO3

− −586.942 −690.01 98.45 −34.85 24.21 0.75621 115.05 1.2346 −28,266 12.9395 −47,579 127,330 [21]

SO4
2− −744.462 −909.70 18.83 −266.09 12.92 0.83014 −198.46 −6.2122 −26,970 1.64 −179,980 314,630 [21]

HSO4
− −755.81 −889.23 125.52 22.68 34.84 0.69788 925.9 2.1108 −31,618 20.0961 −19,550 117,480 [21]

OH− −157.27 −230.01 −10.71 −136.34 −4.71 0.12527 7.38 1.8423 −27,821 4.15 −103,460 172,460 [21]

HSiO3
− (+H2O=H3SiO4

−) −1014.60 −1144.68 20.92 −87.20 4.53 0.29735 −51.81 5.9467 −27,575 8.1489 −73,123 155,110 [22]
Silica species (temperature correction using Cp(T) integration) a0 a1 a2 (Cp

0=a0+a1T+a2T
−2)

[J/(mol K)] [J/(mol K2)] [J K/mol]
SiO2 (aq) (+2H2O=H4SiO4 (aq)) −833.417 −887.86 41.343 44.473 16.06 46.943 0.0343 −1.13E+063

Silica species (estimated temperature correction by one and two term temperature extrapolation)8 A0[−] A1[−] A2[−] (LogK=A0+A1T+A2T
−1)

AlSiO4
− (+3H2O=Al(OH)6SiO

−) −1681.44 −1833.98 11.13 −4.58 25.53 0 0 1073.34
AlHSiO3

2+ (+H2O=AlSiO(OH)3
2+) −1540.55 −1717.55 −304.18 −215.90 −40.72 0 0 2206.31

CaSiO3 (aq) (+H2O=CaSiO2(OH)2 (aq)) −1517.56 −1668.06 −136.68 88.90 15.69 0 0 1371.49
SiO3

2− (+H2O=H2SiO4
2−) −938.51 −1098.74 −80.20 119.83 34.13 −10.0006 0 −3917.5

1Recalculated by Thoenen et al. [23] based on log_k values given in Hummel et al. [19] if not stated otherwise 2taken from Shock et al. [21] 3Cp parameters calculated using reference reaction SiO2 (aq)=SiO2(amorph)
see Table 2 4parameters to solve the HKF-equation of state; given in original calorimetric units (see [20–22]) as used in GEM 5references for HKF parameters and S0 (see [23] for additional information) 6HKF parameters
predicted using program PRONSPREP [22] 7taken from slop98.dat (see [20]) 8AlO2

− + SiO2(aq)→AlSiO4
− (ΔrS

0=ΔrCp
0=0); Al3++HSiO3

−→AlHSiO3
2+ (ΔrS

0=ΔrCp
0=0); SiO2(aq)+H2O→SiO3

2−+2H+ (ΔrCp
0=0; ΔrH

0

taken from [19]); SiO3
2−+Ca2+→CaSiO3 (aq) (ΔrS

0=ΔrCp
0=0).
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minimisation) method and GEMS-PSI code [18], the total Gibbs
energy of the system is minimised at given temperature and
pressure; accordingly, for each component, the standard molar
Gibbs energy at the temperature of interest must be provided.
Calculations require a database of thermodynamic properties of
components (substances), a correct statement of the problem,
and a solver of chemical equilibria. In this work we used GEMS-
PSI [18]— a software package including a GEM solver, a built-
in thermodynamic database [19] and a graphical user interface
for easy extension of thermodynamic database to user-defined
“projects”. This was convenient because not all cement minerals
are included in standard databases such as Nagra-PSI [19]
supplied within GEMS-PSI package. This database was initially
designed in “logK format” for application to codes such as
PHREEQC that use law of mass action algorithms at standard
conditions (1 bar and 25 °C); to include it in GEMS, the logK
values were converted into standard molar Gibbs energies and
merged with slop98.dat database [20], which was originally
Table 2
Standard molar thermodynamic properties of cement hydrates at 25 °C, 1 bar

Phase log
KS0

ΔfG
0 ΔfH

0 S0 a0

[kJ/mol] [kJ/mol] [J/(K mol)] [J

Hydrogarnet
C3AH6 −20.84 −5010.1 −5540 419 2
C3AS0.8H4.4 −29.87 −5368.0 −5855 369

AFt
C6AsH32 −44.9 −15205.9 −17535 1900 19
C6AcH32 −46.50 −14565.6 −16792 1858 2

AFm
C4AsH12 −29.26 −7778.5 −8750 821 5
C4AcH11 −31.47 −7337.5 −8250 657
C4Ac0.5H12 −29.13 −7336.0 −8270 713
C4AH13 −25.40 −7326.6 −8302 700
C2AH8 −13.56 −4812.8 −5433 440
C2ASH8 −19.70 −5705.1 −6360 546

C–S–H
Jennite-type (C1.67SH2.1)) −13.17 −2480.8 −2723 140
Tobermorite-type (C0.83SH1.3) −8.0 −1744.4 −1916 80

Supplementary data
Water (H2O) −237.2 −286 70
CAH10 −7.50 −4622.4 −5320 501
SiO2 (amorph) −848.9 −903 41
Gypsum (CaSO4·2H2O) −1797.8 −2023 194
Anhydrite (CaSO4) −1322.1 −1435 107
Portlandite (Ca(OH)2 −897.0 −985 83
Lime (CaO) −604.0 −635 39
Calcite (CaCO3) −1129.2 −1207 93
Gibbsite (Al(OH)3) −1151.0 −1289 70

Clinker phases
C3S −2784.3 −2931 169
β-C2S −2193.2 −2308 128
C3A −3382.3 −3561 205
C4AF −4786.5 −5080 326

t.s— data obtained in title study Isee Ederova et al. [27] IIcalculated from unit cell par
and all aqueous species — see GEMS Nagra-PSI dataset [19,23].
developed for the SUPCRT92 code [20]. For aqueous species,
this dataset is based on the HKF (Helgeson–Kirkham–Flowers)
equation of state which is used to calculate temperature and
pressure corrections up to 1000 °C and 5 kbar; the necessary
parameters for aqueous species relevant for cementitious
systems are given in [21,22] and are summarised in Table 1.
The heat capacity coefficients needed for temperature correc-
tions for most of the minerals in the GEMS databases are also
given in the slop98.dat dataset. The database, included in the
current software package, GEMS version 2.1, is documented in
[23] and is in the public domain [19,20]. Raw data for minerals
obtained in the title study have been converted into standard
molar thermodynamic properties and added to GEMS-PSI
database in order to perform modelling calculations. Tempera-
ture corrections for thermodynamic properties of condensed
substances (e.g. minerals) used in GEMS are based on the well
known standard integration of the heat capacity function (e.g.
[24]).
a1 a2 a3 V°II Ref

/(mol K)] [J/(mol K2)] [J K/mol] [J/(mol K0.5)] [cm3/mol]

92I 0.561I 0 0 150 t.s.
109 0.631 −1.95e+06 2560 143 t.s.

39I 0.789I 0 0 707 [77]
042 0.559 −7.78e+06 0 650 t.s.

94I 1.168I 0 0 309 t.s.
618 0.982 −2.59e+06 0 262 t.s.
664 1.014 −1.30e+06 −800 285 t.s.
711 1.047 0 −1600 274 t.s.
392 0.714 0 −800 184 t.s.
438 0.749 −1.13e+06 −800 216 t.s.

210 0.120 −3.07e+06 0 78III [77]
85 0.160 0 0 59III [77]

75 0 0 0 18 [20,23]
151 1.113 0 3200 194 t.s.
47 0.034 −1.13e+06 0 29IV [30]
91 0.318 0 0 75IV [19,23]
70 0.099 0 0 46IV [19,23]

187 −0.022 0 −1600 33IV [19,23]
49 0.004 −6.53e+05 0 17IV [19,23]

105 0.022 −2.59e+06 0 37IV [19,23]
36 0.191 0 0 32IV [19,23]

209 0.036 −4.25e+06 0 73 [1]
152 0.037 −3.03e+06 0 52 [1]
261 0.019 −5.06e+06 0 89 [1]
374 0.073 0 0 130 [1]

ameters given in Taylor [70] if not stated otherwise IIIsee Lothenbach et al. [77]IV



Table 4
Dissolution reactions used to calculate solubility products

Mineral Dissolution reaction

C3AH6 Ca3Al2(OH)12 → 3Ca2++2AlO2
−+4OH−+4H2O

Siliceous
hydrogarnet

Ca3Al2(SiO4)0.8(OH)8.8 → 3Ca2++
2AlO2

−+0.8HSiO3
−+3.2OH−+2.4H2O

Monosulfoaluminate Ca4Al2(SO4)(OH)12·6H2O → 4Ca2++2AlO2
−+SO4

2−+
4OH−+10H2O

Monocarboaluminate Ca4Al2(CO3)(OH)12·5H2O → 4Ca2++2AlO2
−+CO3

2−+
4OH−+9H2O

Hemicarboaluminate Ca4Al2(CO3)0.5(OH)13·5.5H2O → 4Ca2++
2AlO2

−+0.5CO3
2−+5OH−+9.5H2O

C4AH13 Ca4Al2(OH)14·6H2O→4Ca2++2AlO2
−+6OH−+10H2O

C2AH8 Ca2Al2(OH)10·3H2O→2Ca2++2AlO2
−+2OH−+7H2O

CAH10 CaAl2(OH)8·6H2O→2Ca2++2AlO2
−+10H2O

Strätlingite Ca2Al2SiO2(OH)10·3H2O→2Ca2++
2AlO2

−+1HSiO3
−+OH−+7H2O

Tricarboaluminate Ca6Al2(CO3)3(OH)12·26H2O→6Ca2++2AlO2
−+

3CO3
2−+4OH−+30H2O

Ettringite Ca6Al2(SO4)3(OH)12·26H2O→6Ca2++2AlO2
−+

3SO4
2−+4OH−+30H2O

Jennite-type C–S–H Ca1.67SiO2(OH)3.33·0.43H2O→1.67Ca2++
HSiO3

−+2.33OH−+0.43H2O
Tobermorite-type
C–S–H

Ca0.83SiO2(OH)1.67·0.5H2O→0.83Ca2++
HSiO3

−+0.67OH−+0.5H2O
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4.2. Estimation of heat capacity

The heat capacity function for solids (at constant pressure)
was calculated according to Eq. (1) where a0, a1, a2 and a3 are
empirically derived, temperature independent parameters char-
acteristic of each solid.

CpoT ¼ a0 þ a1T þ a2T
�2 þ a3T

�0:5 ð1Þ

The heat capacities can be measured experimentally or, as
was done here, estimated by using a reference reaction with a
solid having a known heat capacity and similar structure. As
shown by Helgeson et al. [25], this principle was successfully
applied to estimate the heat capacity of silicate minerals by
formulating a reaction involving a structurally-related mineral
of known heat capacity. Gu et al. [26] used a similar approach to
predict equilibrium constants for reactions related to aqueous
species. Nevertheless, Helgeson et al. [25] pointed out that this
method has limitations due to the differing thermodynamic
properties of “water”, variously bound loosely as hydrate water
or structurally, as OH-groups. To minimise errors associated
with the varying strengths of bonding for “water”, care was
taken to formulate reference reactions so as not to involve “free”
water as a substituent in reactions unless appropriate to do so.
Table 2 shows the coefficients to determine the heat capacity of
reference solids to estimate heat capacity data of the relevant
cement hydrates.

The coefficients of the heat capacity function (1) of the
relevant cement hydrates were calculated according to reference
reactions given in Table 3. Experimentally determined heat
capacities by Ederova and Satava [27] and data from the built-in
GEMS database [19,23] were used as the basis for the
estimation of the unknown coefficients (see Table 2). Analogue
structures were used in the calculations, e.g. for “unknown”
AFm-phases we used monosulfoaluminate as the model.
Assuming the reference reaction Eq. (2), Eq. (3) shows the
principle way of calculating the necessary coefficient, an,A, for
Table 3
Reference reactions used to estimate heat capacities of cement minerals

Phase Formula and reference reaction

Siliceous
hydrogarnet

Ca3Al2(SiO4)0.8(OH)8.8+1.6 Ca(OH)2→
Ca3Al2(OH)12+0.8SiO2+1.6CaO

Monocarboaluminate Ca4Al2(CO3)(OH)12·5H2O+0.5CaSO4·2H2O+
0.5CaSO4→Ca4Al2(SO4)(OH)12·6H2O+CaCO3

Hemicarbolauminate Ca4Al2(CO3)0.5(OH)13·5.5H2O+0.25CaSO4·2H2O+
0.75CaSO4→Ca4Al2(SO4)(OH)12·6H2O+0.5CaCO3+
0.5 Ca(OH)2

Hydroxy–AFm Ca4Al2(OH)14·6H2O+CaSO4→Ca4Al2(SO4)
(OH)12·6H2O+Ca(OH)2

C2AH8 2Ca2Al2(OH)10·3H2O+CaSO4→Ca4Al2(SO4)
(OH)12·6H2O+Ca(OH)2+2 Al(OH)3

CAH10 CaAl2(OH)8·2H2O+CaSO4+2Ca(OH)2→Ca4Al2(SO4)
(OH)12·6H2O

Strätlingite 2Ca2Al2SiO2(OH)10·3H2O+CaSO4→Ca4Al2(SO4)
(OH)12·6H2O+2SiO2+Ca(OH)2+2 Al(OH)3

Tricarboaluminate Ca6Al2(CO3)3(OH)12·26H2O+3CaSO4→Ca6Al2
(SO4)3(OH)12·26H2O+3CaCO3
component Awith the aid of the known coefficients an,B and an,
C with y moles of component B and z moles of component C.

AYyBþ zC ð2Þ

an;A ¼ y � an;B þ z � an;C ð3Þ

Table 2 summarises the resulting coefficients and estimated
standard molar heat capacities at 25 °C and 1 bar pressure
calculated from Eq. (1).

4.3. Solubility based estimation of standard molar thermo-
dynamic properties

Explanation of the basic principles of the formulation,
calculation and manipulation of solubility products is given in
textbooks [24]. In the title paper, activity coefficients of the
relevant species were calculated using the extended Debye–
Hűckel Eq. (4):

loggi ¼
�Az2i

ffiffi
I

p

1þ Bai
ffiffi
I

p þ bI ð4Þ

where γi is the activity coefficient of ion i, A and B are
Debye–Hűckel solvent parameters dependent on the dielec-
tric constant of water and temperature, zi is the ionic charge,
αi is a parameter dependent on the size of ion, i, taken from
[19,23]; b is a semi-empirical parameter (∼0.064 at 25 °C)
and I is the effective ionic strength. Aqueous ion activities
and speciation were calculated using the GEMS database
appropriate to the particular calculation. Finally, temperature-
dependent solubility products were calculated from the
activities obtained according to the dissolution reactions in
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Table 4. The related Gibbs energy effect of reaction ΔrGT
0 at

temperature T was computed using Eq. (5):

DrG
0
T ¼ �RT lnKT ð5Þ

where R=8.31451 J/(molK) is the universal gas constant and
KT is a thermodynamic equilibrium constant (=equilibrium
solubility product) at a given temperature.

From the solubility products calculated at each temperature,
the standard molar thermodynamic properties of each solid were
computed with the help of GEMS-PSI using the built-in three-
term temperature extrapolation [28,29] to obtain a temperature-
dependent “log K” function, which was fitted to the previously
calculated solubility products. This function was estimated
using Eq. (6) and the relationships shown in Eqs. (7–12).

logKT ¼ A0 þ A2T
�1 þ A3lnT ð6Þ

and

A0 ¼ 0:4343
R

� DrS
0
T0
� DrCp

0
T0

1þ lnT0ð Þ
h i

ð7Þ

A2 ¼ � 0:4343
R

� DrH
0
T0 � DrCp

0
T0T0

� �
ð8Þ

A3 ¼ 0:4343
R

� DrCp
0
T0 ð9Þ

DrS
0
T ¼ DrS

0
T0 þ DrCp

0
T0 ln

T
T0

ð10Þ

DrH
0
T ¼ DrH

0
T0 þ DrCp

0
T0 T � T0ð Þ ð11Þ

DrG
0
T ¼ DrH

0
T � TDrS

0
T ð12Þ

The heat capacity effect of reaction, ΔrCpT
0 =ΔrCpT0

0 =Δao,
was assumed to be constant over the temperature range 0–
100 °C. Two parameters were adjusted to obtain a best visual fit
to the experimental data:

1) ΔrG
0
T at the reference state (25 °C and 1 bar pressure) was

estimated according to Eq. (5) using the experimentally
derived solubility product at 25 °C.

2) ΔrH
0
T at the reference state was estimated to obtain the best

visual fit between extrapolated solubility products according
to Eq. (6) and calculated solubility products from experi-
mentally-derived solubilities.

ΔrS
0Twas subsequently calculated using Eq. (12). Then the

related standard molar thermodynamic properties were calcu-
lated according dissolution reactions given in (Table 4) using
standard state properties of the aqueous species (Table 1) and
the earlier estimated parametersΔrG
0T,ΔrH

0T andΔrS
0T. Com-

bined with previously estimated Cp(T) coefficients (Table 2) and
the known HKF parameters of the aqueous species, the
individual temperature dependency of CpT0 was subsequently
calculated for each hydrate phase. Thus, in a final step, the
solubility products were recalculated by GEMS using built-
in parts of SUPCRT92 program [20] to derive temperature-
dependent values. Differences arising between the first ap-
proach, using the three-term temperature extrapolation with
assumed constant ΔrCpT

0, and the second calculation, taking
into account temperature dependent heat capacity coefficients
according to Table 2 and using values from the GEMS standard
database [19,23], are marginal and lie within limits of other
errors over the temperature range 0 to ∼100 °C [28].

To check the internal consistency of the thermodynamic
database, the experimentally-derived solubility data were
predicted using the derived thermodynamic database and the
observed phase assemblages. This seems like a circular
argument and indeed is not intended to prove that the data are
correct, only to demonstrate that internal self-consistency was
achieved. The experimentally-derived solubility data for each
phase are also listed in the title contribution, leaving the reader
free to perform other calculations, if desired.

4.4. Solid solutions

Solid solutions are frequently encountered in cementitious
systems. The molar Gibbs free energy ΔGss of a solution
between different end members i can be calculated according to
Eq. (13):

DGss ¼
X
i

XiDf G
0
i þ DGM ð13Þ

DGM ¼ DGid þ DGex ð14Þ

DGid ¼ RT
X

XilnXi ð15Þ

DGex ¼ RT
X

Xilngi ð16Þ

The first term of Eq. (13) describes the free energy of a
mechanical mixture of the end members i of the solid solution
and is calculated using the mole fraction Xi=ni/∑ni (ni is the
mole amount of the end member i; ∑Xi=1) and Δf Gi

0 — the
standard molar Gibbs energy of formation of end member i. The
second term of Eq. (13) expresses the molar Gibbs energy of
mixing, ΔGM for a given composition of the solid solution
series and is computed according to Eq. (14) as the sum of the
Gibbs energy of mixing of an ideal solid solution,ΔGid, and the
excess Gibbs energy of mixing, ΔGex, for the solid solution.
ΔGid is calculated as described in Eq. (15) (with R, the
universal gas constant, and T as the temperature of interest). The
excess Gibbs energy of mixing, ΔGex, is only needed to
compute thermodynamic properties of non-ideal solid solutions
and can be calculated according to Eq. (16), where γi is the
activity coefficient of the end member i. In the case of an ideal
solid solution, all γi equal 1 and thusΔGex=0. In the title study,
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an ideal solid solution model (ΔGex=0) was used to describe
the thermodynamic properties of single phase calcium–silicate–
hydrate (C–S–H). A more detailed explanation of this solid
solution model can be found in [30].

Several cementitious phases form non-ideal solid solutions,
but only over a limited range of compositions. Hence, miscibility
gaps will be observed. In the case of non-ideal mixing the Gibbs
energy of the solid solution,ΔGss, is calculated with Eq. (13) and
the activity coefficients γi≠1 and the excess Gibbs energy of
mixing,ΔGex, of a binary solid solution are calculated according
to Eq. (17):

DGex ¼ RT X1lng1 þ X2lng2ð Þ ð17Þ

where X1=n1/(n1+n2) and X2=n2/(n1+n2) (n1 and n2 are the
amounts of end members; X1+X2=1).

The GEMS-PSI code has several built-in functions for non-
ideal solid solutions [31]. In the title paper, we use a semi-
empirical model first suggested by Guggenheim and later
developed by Redlich and Kister [31,32] to estimate the excess
Gibbs free energy function of a non-ideal binary solid solutions
Eq. (18):

DGex ¼ X1X2RT a0 þ a1 X1 � X2ð Þ þ a2 X1 � X2ð Þ2þ:::
� �

ð18Þ

The empirical interaction parameters a0, a1, … are dimen-
sionless. As shown by Glynn [32], knowledge of two fitting
parameters a0 and a1 is sufficient to estimate the excess Gibbs
energy function with reasonable accuracy. The activity coef-
ficients γi of the end members i can be derived by fitting a0 and
a1 to Eq. (18) and estimated according Eqs. (19) and (20):

lng1 ¼ X 2
2 a0 þ a1 3X1 � X2ð Þ½ � ð19Þ

lng2 ¼ X 2
1 a0 � a1 3X2 � X1ð Þ½ � ð20Þ

In the title study, the software MBSSAS [32] was used to
derive the fitting parameters a0 and a1 based on experimentally-
Fig. 2. Comparison of XRD-patterns of C3AH6 following anne
observed compositional boundaries of the miscibility gap in the
binary solid solution series. A detailed description of MBSSAS
is given in [32]: Kersten [33] applied a similar approach to
estimate thermodynamic data for C–S–H.

5. Results

Table 2 summarises all thermodynamic data obtained in this
study as well as thermodynamic data of supplementary phases
needed to estimate the data of the cement hydrates. The following
paragraphs explain in detail the determination of standard molar
thermodynamic properties of the individual cement hydrates.

5.1. Hydrogarnet

5.1.1. C3AH6, Ca3Al2(OH)12
As shown in Fig. 2, no significant changes of mineralogy

occurred in the temperature range from 25 °C to 105 °C amongst
the solid samples commencing from undersaturation: C3AH6

was the only crystalline phase detected by XRD. However at
5 °C small amounts of C2AH8 and monocarboaluminate were
present. Whereas the formation of monocarboaluminate is an
artefact, probably due to CO2 contamination of the sample
during preparation, formation of C2AH8 seems to be favoured at
low temperatures. Table 5 shows the results of the solubility
experiments for C3AH6; the solubilities of calcium and
aluminium remain little-changed over the range studied. Thus
the observed decrease of pH with rising temperature results
mainly from the temperature-dependent change of the ion
product of water. The mean aqueous ratios of Ca:Al, ∼3: 2,
indicate congruent dissolution; comparable solubilities derived
from super- and undersaturation are very similar. No significant
solubility changes occurred between 28 and 84 days, suggesting
that a steady state was reached within 28 days.

Fig. 3 shows the evolution of calculated solubility products
using solubility data from different sources including those
obtained in the title study. In the low temperature range, from 0–
50 °C, considerable data scatter is apparent. Although appar-
ently comparable experimental conditions were used, older
solubility data published by Wells et al. [17,34] and by D'Ans
aling at 5, 25 and 105 °C (approach from undersaturation).



Table 5
Solubility data for C3AH6 at different temperatures and ages

Age Temperature Ca Al pH Log_Ksp Phases

[Day] [°C] [mmol/l] [mmol/l]

C3AH6 (samples cooled down from initially ∼105 °C)
28 5 6.57 4.17 12.63 −20.59 n.d.
56 5 7.20 4.10 12.68 −20.29 n.d.
84 5 7.11 4.77 12.65 −20.31 C3AH6, C2AH8,

C4AcH11

28 25 6.91 4.24 11.91
(11.981)

−20.52 n.d.

56 25 7.29 4.80 11.92
(11.902)

−20.34 n.d.

84 25 6.31 5.07 11.81
(11.793)

−20.84 C3AH6

28 55 6.66 4.20 11.01 −20.91 n.d.
56 55 6.87 4.59 11.01 −20.80 n.d.
84 55 7.01 4.90 11.01 −20.73 C3AH6

56 70 6.34 4.44 10.60 −21.25 n.d.
84 70 6.39 4.24 10.62 −21.22 C3AH6

28 85 5.73 3.64 10.27 −21.80 n.d.
56 85 6.18 4.39 10.27 −21.55 n.d.
84 85 6.19 4.60 10.26 −21.55 C3AH6

28 105 5.64 3.44 9.89 −22.22 n.d.
56 105 5.70 3.76 9.88 −22.17 n.d.
84 105 5.81 4.44 9.85 −22.11 C3AH6

C3AH6 (from undersaturation)
28 5 6.79 4.63 12.62 −20.47 n.d.
56 5 7.03 5.07 12.64 −20.36 n.d.
84 5 7.01 4.40 12.65 −20.37 C3AH6, C2AH8

28 25 7.20 4.73 11.91
(11.961)

−20.38 n.d.

56 25 7.34 4.55 11.93
(11.902)

−20.32 n.d.

84 25 7.31 3.94 11.95
(11.913)

−20.36 C3AH6

28 55 6.93 4.33 11.03 −20.78 n.d.
56 55 6.84 4.04 11.03 −20.83 n.d.
84 55 7.16 4.44 11.04 −20.68 C3AH6

56 70 6.39 3.97 10.63 −21.23 n.d.
84 70 6.31 4.37 10.61 −21.26 C3AH6

28 85 6.15 4.14 10.28 −21.57 n.d.
56 85 6.13 3.88 10.29 −21.59 n.d.
84 85 6.11 4.27 10.27 −21.59 C3AH6

28 105 5.57 3.67 9.87 −22.24 n.d.
56 105 5.63 4.46 9.83 −22.21 n.d.
84 105 5.66 4.07 9.86 −22.19 C3AH6

1Temperature of solution 24 °C at time of measurement 2 temperature of
solution 26 °C at time of measurement 3 temperature of solution 25 °C at time
of measurement.

Fig. 3. Calculated solubility products of C3AH6 from solubility experiments
(lines show calculated results as best fit).

Fig. 4. Recalculated solubility data for hydrogarnet, C3AH6, based on fitted
thermodynamic data from Fig. 3 (markers show experimental values from the
title study; lines show calculated results).
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et al. [35] differ significantly from those obtained in the title
study. On the other hand, the solubility products calculated from
other available solubility data [12,15,37–40] agree well with
our dataset within analytical accuracies (see Table 5).

The resulting standard molar thermodynamic properties of
C3AH6 are summarised in Table 2. Our data agree well with
those reported by Babushkin et al. [1] (Δf G

0 =−5014.1 kJ/mol,
Δf H

0 =−5548 kJ/mol). Δf H
0 as well as with experimentally

determined data by Berman [41] (Δf H
0 ∼−5561 kJ/mol) and

Schoenitz et al. [42] (Δf H
0 ∼−5551.5 kJ/mol): all lie within the

expected range of analytical errors.
Fig. 4 shows the recalculated temperature-dependence of
calcium and aluminium solubilities from C3AH6 redispersed
in pure water using the experimental conditions described in
paragraph 3.3. The calculated data show good agreement with
averaged measured solubilities. Consideration of other solubil-
ity data (see Fig. 3), especially values at lower temperatures,
show slightly lower solubilities compared to the data obtained
in the title paper. Hydrogarnet was predicted as the only stable
CaO–Al2O3–H2O solid over the temperature range from 5 to
100 °C at 1 bar pressure.

5.1.2. Siliceous hydrogarnet, Ca3Al2(SiO4)0.8(OH)8.8
As shown in Fig. 5, phase pure siliceous hydrogarnet could

not be synthesized using the procedure described in 3.2.1.
Small amounts of a C–S–H phase, coprecipitated during the
initial synthesis of siliceous hydrogarnet, persisted at all
temperatures between 5–85 °C despite three dispersions in
the course of solubility experiments. As noted in Section 3.2.1,
it is probable that the siliceous hydrogarnet had a lower silicon
content than the target. Thus provisional solubility products
were calculated using the composition estimated from XRD data,
Ca3Al2(SiO4)0.8(OH)8.8.



Fig. 5. Comparison of XRD-patterns of siliceous hydrogarnet following ageing at temperatures in the range 5–85 °C (approach from undersaturation).
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Table 6 shows provisional solubility data for the siliceous
hydrogarnet. Comparison with the C3AH6 data shows that
silicon substitution leads to a significant reduction of solubility,
indicating stabilisation of the hydrogarnet phase by silicon
substitution. The calculated solubility products of siliceous
hydrogarnet are considerably lower than those of C3AH6.

As shown in Table 6, small amounts of sodium were also
present in the aqueous solution. The amount of sodium in the
solution diminished with each extraction and successive
redispersion suggesting that the sodium is mainly adsorbed in
the C–S–H hydrate phase and is probably not structurally
incorporated in the garnet-structured hydrate. C–S–H -present
as impurity- is known to bind sodium weakly [43] and the
equilibrium with dissolved sodium also influences the pH of the
solution. Nevertheless, concentrations of other relevant ions
remained generally constant. Thus the apparent decrease of the
Table 6
Solubility data of siliceous hydrogarnet (C3AS0.8H4.4) at different temperatures

C3AS0.8H6.4 (from undersaturation1))

Temperature Ca Al Si Na

[°C] [mmol/l] [mmol/l] [mmol/l] [mm

5 0.46 0.29 0.10 0.83
5 0.52 0.23 0.08 0.35
5 0.48 0.22 0.06 0.20
25 0.56 0.26 0.11 0.87
25 0.55 0.24 0.10 0.30
25 0.57 0.26 0.08 0.17
55 0.72 0.28 0.15 0.96
55 0.72 0.29 0.16 0.26
55 0.70 0.30 0.17 0.13
70 0.70 0.33 0.18 0.87
70 0.67 0.30 0.18 0.26
70 0.65 0.34 0.17 0.10
85 0.67 0.30 0.18 0.87
85 0.62 0.30 0.19 0.30
85 0.60 0.31 0.22 0.16

1All samples analysed after 4 week stored at the given temperature. After each analy
2Temperature of solution 26 °C at time of measurement 3estimated composition.
solubility product with each new extraction at a given
temperature is mainly attributed to a lowered hydroxide activity
due to decreasing aqueous sodium concentrations.

Fig. 6 shows a comparison of experimentally derived, tem-
perature-dependent solubility products for siliceous hydrogarnet,
Ca3Al2(SiO4)0.8(OH)8.8. The fitted values are calculated from the
data in Table 2. There is a lack of consistent data for siliceous
hydrogarnet; the only previous solubility data for siliceous
hydrogarnet were published by Atkins et al for 25 °C [12] and
Jappy et al. [11] for 95 °C. These investigations [11,12] apparently
used preparationswith two coexisting hydrogarnet phases and it is
not therefore possible to compare these data directly with those
obtained in the title study. Nevertheless the solubility trends given
for siliceous hydrogarnets with high silicon contents [11,12]
generally agree with those of the title study; the greater the
substitution of silicon in hydrogarnet, the lower the solubility.
pH Log_Ksp Phases

ol/l]

11.84 −30.05 n.d.
11.75 −30.42 n.d.
11.65 −30.90 C3AS0.8H4.4

3
, C–S–H

11.19 (11.132) −29.58 n.d.
11.00 (10.942) −30.22 n.d.
10.97 (10.902) −30.29 C3AS0.8H4.4

3
, C–S–H

10.41 −28.94 n.d.
10.23 −29.43 n.d.
10.16 −29.64 C3AS0.8H4.4

3
, C–S–H

10.02 −28.97 n.d.
9.84 −29.64 n.d.
9.74 −29.90 C3AS0.8H4.4

3
, C–S–H.

9.72 −29.22 n.d.
9.52 −29.87 n.d.
9.43 −30.14 C3AS0.8H4.4

3
, C–S–H

sis the removed solution (∼20 ml) was replaced with ultrapure degassed water.



Fig. 6. Calculated solubility products of siliceous hydrogarnet, C3AS0.8H4.4,

from solubility experiments (lines show best fit to the calculated results).

Fig. 8. SEM micrographs of synthetic monosulfoaluminate a) after synthesis at
85 °C and b) after 4 weeks redispersion in deionised water at 25 °C.
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A comparison of experimentally-derived solubilities of
C3AS0.8H4.4 with modelled values is demonstrated in Fig. 7,
to prove the solubility experiments. Small concentrations of
sodium were determined in the solubility experiments and, to
enable a direct relation with the experimental values, 0.4 mmol
sodium/kg water were arbitrarily added to the model solution to
simulate the impact of sodium on C3AS0.8H4.4 solubility. While
the aluminium concentrations are slightly overestimated by
calculation, data for calcium and silicon show good agreement
with the averaged measured solubilities. C3AS0.8H4.4 is
computed to be the only stable solid at this composition
between 5 to 100 °C.

5.2. AFm-phases

5.2.1. Monosulfoaluminate, Ca4Al2(SO4)(OH)12·6H2O
Monosulfoaluminate preparations give apparently single

phase preparations with relatively coarse hexagonal plate
morphology (see Fig. 8a). As shown in Fig. 9, monosulfoalu-
minate was the dominant phase at all temperatures. However
after redispersion at 5 °C, 25 °C and 50 °C, small amounts of
ettringite developed (see Fig. 8b). Additionally, small amounts
of hemicarboaluminate were formed in several samples
Fig. 7. Recalculated solubility data for hydrogarnet, C3AS0.8H4.4, based on fitted
thermodynamic data from Fig. 6 (markers show experimental values from this
study; lines show calculated trends).
indicating minor CO2 contamination during sample preparation
and treatment. No mineralogical changes were observed in a
sample stored at 25 °C for 14 months. Despite the supposed
metastability of monosulfoaluminate with respect to hydro-
garnet and ettringite, C3AH6 was generally absent except at
5 °C; see below.

Temperature-dependent solubility data for monosulfoalumi-
nate are compiled in Table 7. Calcium and aluminium solubilities
remained relatively constant over the temperature range in-
vestigated. Although the aqueous ratios of Ca: Al (∼4: 1.3–1.9)
are close to congruency the Ca: SO4 ratio (∼500) differs sig-
nificantly from congruent dissolution behaviour up to ∼25 °C.
This incongruent solubility behaviour was reported by Atkins et
al. [12], whose solubility data at 25 °C agree very well with those
of the title study. Nevertheless, with rising temperatures, the
dissolution of monosulfoaluminate approaches congruency; sul-
fate concentrations increase significantly between 25 and 70 °C.
At higher temperatures, ≥70 °C, monosulfoaluminate dissolves
congruently.

An exception to the lack of C3AH6 formation is the expe-
riment at 5 °C, with approach from supersaturation. Significant
amounts of C3AH6 formed and solubility values derived from
this experiment differ significantly from other supposedly com-
parable data. Therefore this data set was not used in the title
paper (see Table 7).



Fig. 9. Comparison of XRD-patterns of monosulfoaluminate after ageing at temperatures in the range 5–90 °C (approach from undersaturation).
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Although the application of the solubility product concept to
phases showing incongruent dissolution is problematical,
solubility products were nevertheless calculated according to
Table 7. The averaged temperature-dependent solubility pro-
ducts were used to estimate the standard molar thermodynamic
properties of monosulfoaluminate. A comparison between the
fitted solubility product curve and calculated values from other
data sources [12,15,45–48] shows good agreement within the
range of possible analytical errors (Fig. 10). Only the solubility
product calculated from solubility data by D'Ans et al. [36] is
significantly higher than our fit. The estimated data from the title
study (Δf G

0∼−7778.5 kJ/mol,Δf H
0∼−8750 kJ/mol, S0 821 J/
Table 7
Solubility data of nominally monosulfoaluminate(C4AsH12) at temperatures 5–100

C4AsH12

Age Temperature Ca Al SO4
2−

[Day] [°C] [mmol/l] [mmol/l] [mmol/l]

42 5 us 4.70 2.92 0.005
42 5 ss 14.6 b0.02 9.300
28 25 ss 5.51 2.91 0.009
56 25 ss 5.06 3.13 0.009
84 25 ss 5.14 3.29 0.010
450 25 ss 5.01 3.71 0.012
28 25 us 4.87 3.93 0.014
56 25 us 4.95 3.42 0.011
56 40 us 3.95 3.31 0.240
42 50 us 4.40 2.84 0.398
42 50 ss 4.49 2.64 0.253
56 65 us 4.09 3.13 0.520
42 70 ss 4.88 2.57 1.264
42 70 us 4.37 2.18 1.053
56 85 us 4.62 2.63 1.310
42 90 ss 5.19 2.57 1.788
42 90 us 5.19 1.87 2.333
56 100 us 4.45 2.67 1.510
1measured at 24 °C, 2measured at 25 °C 3very weak signal. Abbreviations: us — un
mol K) agree well with the dataset published by Babushkin et al.
[1] (Δf G

0∼−7779 kJ/mol, Δf H
0∼−8772 kJ/mol, S0 747 J/mol

K) and reasonably well with data obtained by Satava [51]
(Δf G

0∼−7732 kJ/mol, Δf H
0∼−8712 kJ/mol, S0∼791 J/mol

K); estimated values forΔf H
0 are slightly less than experimental

data from dissolution calorimetry reported by Berman [49]
(Δf H

0∼−8786 kJ/mol).
To test the consistency of the derived dataset, experimental

solubility data were recalculated using standard thermodynamic
properties of the minerals given in Table 2; Fig. 11 shows that
calculated and experimental values exhibit very good agreement
in the temperature range between 25 and 100 °C. Only values
°C

pH Log_Ksp Phases

12.49 −29.92 C4AsH12, AFt, C4Ac0.5H11.5

12.63 n.d. C4AsH12, AFt, C4Ac0.5H11.5, C3AH6

11.84 (11.901) −29.24 C4AsH12, AFt
11.79 (11.831) −29.48 C4AsH12, AFt
11.77 (11.821) −29.43 C4AsH12, AFt
11.73 (11.771) −29.43 C4AsH12, AFt, Hc
11.71 (11.702) −29.44 C4AsH12, AFt
11.75 (11.801) −29.45 C4AsH12, AFt, C4Ac0.5H11.5

11.10 −29.26 C4AsH12, AFt
10.91 −28.84 C4AsH12, AFt

3)

10.97 −28.86 C4AsH12, AFt
10.44 −29.29 n.d.
10.37 −28.79 C4AsH12, AFt

3)

10.36 −29.17 C4AsH12

9.99 −29.33 n.d.
9.91 −29.12 C4AsH12

9.87 −29.47 C4AsH12

9.62 −29.86 n.d.

dersaturation, ss — supersaturation.



Fig. 10. Calculated solubility products of monosulfoaluminate from solubility
experiments (line shows calculated best fit).

Fig. 11. Recalculated solubility data for nominally monosulfoaluminate based
on fitted thermodynamic data from Fig. 10 (markers show experimental values
from the title study; lines show calculated results).
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obtained at 5 °C from analyses from undersaturation differ
significantly from the trend lines. It is interesting to note that, as
indicated in Fig. 11, monosulfoaluminate is predicted to
Fig. 12. Comparison of XRD-patterns of monocarboaluminate after annealing
appear as a stable phase at temperatures N5 °C in the system
CaO–Al2O3–CaSO4–H2O using the revised values for hydro-
garnet, C3AH6. Coprecipitation of small amounts of AFt is
predicted to occur at temperatures ≤∼70 °C and its formation
was indeed observed in our experiments. This indicates that
coprecipitation of AFt and monosulfoaluminate lowers total
Gibbs energy of the system and is energetically favourable.
Formation of small amounts of AFt has been reported by several
authorswho tried to synthesizemonosulfoaluminate at∼25 °Cby
adding stoichiometric amounts of calcium, aluminium and sulfate
[12,36,46]. Nevertheless, and in agreement with our calculations,
formation of hydrogarnet was not observed. According to
calculations by Damidot et al. [44,50] monosulfoaluminate is
metastable with respect to a mixture of C3AH6 and ettringite at
temperatures below ∼50 °C. These calculations used thermody-
namic data derived from C3AH6 solubilities given by Wells et al.
[17]. But according to the title study, monosulfoaluminate will be
stable at and below room temperature, decomposing to a mixture
of C2AH8, C3AH6 and ettringite at ≤∼5 °C. Additionally, at
temperatures b∼10 °C, C2AH8 is calculated to precipitate.

5.2.2. Monocarboaluminate, Ca4Al2(CO3)(OH)12·5H2O
Fig. 12 shows that the XRD-pattern of monocarboaluminate

remained unchanged at temperatures ≤70 °C, confirming its
stability. Monocarboaluminate and small amounts of calcite
were observed as crystalline phases after 6 weeks storage at
≤70 °C. As shown in Fig. 12, monocarboaluminate decom-
poses to a mixture of C3AH6 and CaCO3 at temperatures
≥90 °C. But weak X-ray reflections of monocarboaluminate
persisted and are interpreted as indicating that equilibrium may
not have been reached.

Until recently, solubility data for monocarboaluminate were
only available at 25 °C [52–54]. Thus an important target of this
study was to extend the known dataset to other temperatures:
these data are given in Table 8. Monocarboaluminate is in-
congruently soluble: the estimated aqueous calcium: carbonate
ratios (Ca2+:CO3

2−N300) differ greatly from congruency.
at temperatures in the range 5–110 °C (approach from undersaturation).



Table 8
Solubility data of monocarboaluminate (C4AcH11) at temperatures 5–110 °C

C4AcH11

Age Temperature Ca Al CO3
2– 1 pH Log_Ksp Phases

[Day] [°C] [mmol/l] [mmol/l] [mmol/l]

42 5 us 2.58 1.60 0.008 12.24 −32.28 C4AcH11, Calcite
42 5 us 2.52 1.56 0.008 12.24 −32.36 n. d.
42 5 us2 2.35 1.63 0.008 12.18 −32.60 C4AcH11, Calcite
56 25 us 3.19 2.32 0.008 11.56 (11.593) −31.66 C4AcH11, Calcite
84 25 ss 3.73 2.16 0.008 11.67 (11.623) −31.12 C4AcH11, Calcite
42 50 us 4.42 2.34 0.007 11.01 −30.94 C4AcH11, Calcite
42 50 us 4.46 2.51 0.007 11.00 −30.89 n. d.
42 50 us2 4.30 2.40 0.007 10.99 −31.02 C4AcH11, Calcite
42 70 us 5.24 3.30 0.007 10.56 −30.78 C4AcH11, Calcite
42 70 us 5.35 3.42 0.007 10.56 −30.71 n. d.
42 70 us2 5.11 2.94 0.007 10.56 −30.88 C4AcH11, Calcite
42 90 us 6.54 5.02 0.006 10.17 n. d. C4AcH11

4 , Calcite, C3AH6.
42 110 us 6.05 4.56 0.005 9.78 n. d. C4AcH11

4 , Calcite, C3AH6.
1Calculated values assuming equilibrium with calcite 2prepared from a stoichiometric mixture of Al(OH)3, CaCO3 and CaO in 0.1 mol KOH-solution at 50 °C
3measured at 25 °C 4weak signals. Abbreviations: us — undersaturation, ss — supersaturation.
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Carbonate concentrations were always below the detection limit
of the analytical technique (b∼0.1 mmol/l CO3

2−). Thus a direct
determination of carbonate solubility was not possible. Other
authors report the same analytical problem[52–54]. To enable
calculation of solubility products, carbonate solubilities were
computed assuming a saturation of the supernatant with respect
to calcite. This is justified, as small amounts of calcite were
found as a supernumerary phase in all analyses.

A comparison of the solubility product from the title study
with other values calculated from solubility data [16,53,54],
demonstrates good data consistence for monocarboaluminate
at 25 °C (Fig. 13). Only the equilibrium constants computed
from solubility data by Zhang [47] and Nishikawa [52] are
slightly lower than those of the title study. As shown in Table 8
and Fig. 14, calcium and aluminium concentrations increase
regularly to about 90 °C; the 110 °C value apparently decreases
slightly. Calculated solubility curves based on the new dataset
(Table 2) reproduce well the experimentally-determined val-
ues. In agreement with the XRD analysis, (Fig. 12), mono-
carboaluminate is predicted to decompose at temperatures
N∼85 °C to mixtures of C3AH6 and calcite. Kuzel and Baier
[55] investigated the hydration of calcium aluminate cements
Fig. 13. Calculated solubility products of monocarboaluminate from solubility
experiments (line shows calculated best fit).
in the presence of calcium carbonate at elevated temperatures
and found similar results, suggesting that the solid phase
assemblage of gibbsite-monocarboaluminate is stable up to
90±5 °C.

5.2.3. Hemicarboaluminate, Ca4Al2(CO3)0.5(OH)13·5.5H2O
Although its existence has been known since the 1960's

[56,57], hemicarboaluminate is one of the least well charac-
terised AFm-phases. Damidot et al. [54] published the first
thermodynamic data for this compound showing it to be
incompatible with calcite. Despite its suggested lack of
importance in “real” systems saturated with respect to calcite
[58], investigations by Kuzel et al. [59,60] and recent
calculations by Matschei et al. [61,62] predict that hemicarboa-
luminate will be encountered in OPC with very low carbonate
contents (i.e. virtually “carbonate-free” cements). Until recently,
no temperature-dependent data for the stability of hemicarboa-
luminate were available. As shown in Fig. 15, the intensities of
Fig. 14. Recalculated solubility data for nominally monocarboaluminate based
on fitted thermodynamic data from Fig. 13; (markers show experimental values
from the title study, lines show calculated fit). Predicted solid phases are shown
at the top.



Fig. 15. Comparison of XRD-patterns of nominally hemicarboaluminate after ageing at temperatures in the range 5–85 °C (approach from undersaturation).
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the XRD-reflections of hemicarboaluminate decrease regularly
over the temperature range between 5° and 40 °C while at the
same time, those of C3AH6 and monocarboaluminate increase
in intensity in the range 5°–40 °C. But hemicarboaluminate was
absent at both 50 °C and 85 °C and the phase constitution was
instead dominated by the coexistence of monocarboaluminate,
C3AH6 and portlandite.

Solubilities of hemicarboaluminate were obtained from
super- and undersaturated solutions; the results are shown in
Table 9. The resulting calculated solubility products, Table 9,
were used to fit the standard thermodynamic properties of the
compound (Fig. 16 and Table 2). The amounts of dissolved
carbonate were always below the detection limit of the
analytical technique but in this instance, carbonate concentra-
tions could not be calculated by assuming calcite saturation
because hemicarboaluminate is not stable in the presence of
Table 9
Solubility data of nominally hemicarboaluminate (C4Ac0.5H12) at temperatures 5–8

C4Ac0.5H12

Age Temperature Ca Al CO3
2− 1

[Day] [°C] [mmol/l] [mmol/l] [mmol/l

28 5 ss 8.01 1.19 2.1E-06
56 5 us 7.21 0.81 8.2E-06
28 25 ss 13.08 0.12 1.5E-04
56 25 us 11.43 0.40 3.3E-05
28 25 ss 11.32 0.48 2.1E-05
28 25 us 10.48 0.49 3.4E-05
365 25 us 9.55 0.80 2.3E-05
28 40 ss 15.02 0.20 1.4E-04
56 40 us 12.81 0.41 8.4E-05
28 50 ss 16.03 0.31 1.2E-04
56 50 us 17.02 0.30 9.2E-05
28 70 ss 10.31 0.62 1.3E-03
56 70 us 12.39 0.45 1.6E-03
28 85 ss 12.02 0.53 3.1E-03
56 85 us 10.53 0.62 1.1E-03
84 85 us 10.80 0.53 5.1E-03
1Calculated values assuming equilibrium with monocarboaluminate 2measured at 25 °C
calcite. But, since XRD-investigations showed hemicarboalu-
minate to be compatible with monocarboaluminate, saturation
with respect to the latter was assumed and used to calculate
carbonate concentrations.

Hemicarboaluminate solubilities are strongly incongruent.
As can be seen in Fig. 17, calcium concentrations increase with
increasing temperatures to ∼50 °C, at and above which he-
micarboaluminate is predicted to be unstable. The derived so-
lubility products from this study agree reasonably well with
values calculated from solubility data by Hobbs et al. [53]
(using carbonate concentrations estimated by assuming mono-
carboaluminate saturation) and by Damidot et al. [54]. Hemi-
carboaluminate decomposes progressively with increasing
temperatures. As calculated (Fig. 18), and in agreement with
XRD–Analyses (Fig. 15), the amount of hemicarboaluminate
decreases regularly with increasing temperatures while
5 °C

pH Log_Ksp Phases

]

12.84 −29.67 C4Ac0.5H11.5, C4AcH11, C3AH6

12.80 −30.01 C4Ac0.5H11.5, C4AcH11, C3AH6.
12.32 (12.312) −29.35 C4Ac0.5H11.5, C4AcH11, C3AH6

12.26 (12.242) −29.08 C4Ac0.5H11.5, C4AcH11, C3AH6

12.25 (12.272) −29.00 C4Ac0.5H11.5, C4AcH11, C3AH6

12.22 (12.222) −29.14 n.d.
12.18 (12.303) −29.12 C4Ac0.5H11.5, C3AH6

11.90 −28.82 n.d.
11.83 −28.79 C4Ac0.5H11.5, C4AcH11, C3AH6

11.64 n. d. C4AcH11, C3AH6, Ca(OH)2
11.67 n. d. C4AcH11, C3AH6

10.97 n. d. n.d.
10.97 n. d. C4AcH11, C3AH6

10.71 n. d. C4AcH11, C3AH6, Ca(OH)2
11.04 n. d. n.d.
10.67 n. d. C4AcH11, C3AH6

3measured at 23 °C. Abbreviations: us— undersaturation, ss— supersaturation.



Fig. 16. Calculated solubility products of hemicarboaluminate from solubility
experiments (line shows calculated best fit).
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increasing proportions of C3AH6 and monocarboaluminate
develop. It is tentatively concluded that the upper thermal
stability limit of hemicarboaluminate is 45±5 °C.

5.2.4. C4AH13–C2AH8, Ca4Al2(OH)14·6H2O–Ca2Al2(OH)10·3H2O
The system CaO–Al2O3–H2O has been much studied at

different temperatures generating numerous solubility data. The
main datasets at or below ambient temperature are those of
D'Ans [35] (20 °C), Wells [17] (21 °C) and Faurie–Mounier
[63] (20 °C), Butler [38] (5 °C) and Carlson [39] (1 °C). De-
pending on the initial bulk Ca/Al ratio, two different hexagonal
C–A–H phases were observed: C2AH8 was the main C–A–H
phase at Ca/Al-ratios ∼1 whereas C4AHx dominated at high
Ca/Al ratios, ≥2.

The solubility data from different literature sources were
used to calculate temperature-dependent solubility products of
C4AH13, C2AH8 and CAH10 (Fig. 19). The data trends are
relatively consistent comparing 5 °C and 25 °C. Additional data
for C4AH13 obtained in the course of the title study are listed in
Table 10.
Fig. 17. Recalculated solubility data for nominally hemicarboaluminate based
on fitted thermodynamic data from Fig. 16 (markers show experimental values
from the title study, lines show calculated fits). Predicted solid phases are shown
at the top.
The stability of C4AHx relative to mixtures of portlandite and
C3AH6 is in dispute. Broadly the literature offers two inter-
pretations; citations [17,35,63] report that C4AHx decomposes
rapidly to mixtures of C3AH6 and portlandite at and above 20–
25 °C. On the other hand, Carlson [39], Roberts [40], Seligman
and Greening [64] and van Arndt and Visser [65] report the
opposite: C3AH6 and portlandite react with formation of
C4AHx, at low temperatures, 1–5 °C.

Furthermore Butler and Taylor [38] and Carlson [39] show
the apparent stable formation of CAH10 at low Ca/Al ratios and
temperatures ≤5 °C. Butler and Taylor report that CAH10 is a
stable phase in the system CaO–Al2O3–H2O and thus C2AH8

should decompose to a mixture of CAH10 and C4AH13 at low
temperatures. However subsequent investigations by Percival
and Taylor [66] have led to the conclusion that CAH10 is not
stable at temperatures above 21 °C. We return to these dis-
crepancies subsequently.

Only Peppler and Wells [34] gave solubility data for C4AH13

at higher temperatures, N25 °C. Analysis of the phase com-
position showed increasing amounts of C3AH6 formed upon
prolonged aging at temperatures ≥50 °C, which indicates
decomposition of C4AH13 and C2AH8 at elevated temperatures.
However the early–age values of C2AH8 and C4AH13, before
the onset of significant decomposition, are close to the values
reported here. D'Ans [35] observed the same stability trend for
prolonged ageing at 25 °C. Hobbs [53] showed significant
differences between solubility data obtained from undersatura-
tion (aged ∼515 days) and supersaturation (aged ∼170 days).
Major differences in the aluminium concentration caused large
deviations between the solubility products calculated from
under- and supersaturation. Nevertheless, relative to the many
sources of data, there is generally good agreement between the
various solubility datasets. The fitted value of C4AH13 forΔf H

0

(−8302 kJ/mol) agrees reasonably with the calculated data by
Babushkin et al. [1] (Δf H

0 ∼−8318 kJ/mol). But Δf G
0of

C4AH13 (−7326.6 kJ/mol) is significantly lower than was
calculated by Babushkin et al. (Δf G

0 ∼−7347.8 kJ/mol). The
Fig. 18. Calculated mass balance of initially hemicarboaluminate (2 g hemi-
carboaluminate reacted in 60 g water at selected temperatures between 1–99 °C).
Predicted solid phases are shown at the top. Note the discontinuities at∼50 °C and
80 °C, resulting from phase changes (shown at the top).



Fig. 19. Calculated solubility products of C4AH13(a) and C2AH8 (b) and CAH10

(c) from literature solubility data.

Table 10
Solubility data of nominally hydroxy–AFm (C4AH13) at 25 °C

C4AH13 (from supersaturation)

Age Temperature Ca Al pH Log_Ksp Phases

[Day] [°C] [mmol/l] [mmol/l]

28 25 17.64 0.21 12.44
(12.40)

−25.60 C4AH13,
C3AH6

56 25 20.11 0.20 12.49
(12.46)

−25.21 C4AH13,
C3AH6

430 25 19.91 0.17 12.48
(12.43)

(−25.38) C3AH6,
Ca(OH)2,
C4AH13 traces
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data for C2AH8 (Δf G
0 ∼−4813 kJ/mol, ΔfH

0 ∼−5433 kJ/mol)
are in very good agreement with Babushkin et al. (Δf G

0

∼−4818 kJ/mol, Δf H
0 ∼−5436 kJ/mol). The estimated values

for CAH10 (Δf G
0 ∼−4622 kJ/mol,ΔfH

0 ∼−5320 kJ/mol) agree
verywell with the calculated data byBabushkin et al. [1]: (Δf G

0∼
−4618 kJ/mol, ΔfH

0 ∼−5320 kJ/mol).
The solubility relations between C2AH8, C4AH13 and CAH10

are shown in Fig. 20 together with the calculated solubilities
of gibbsite and hydrogarnet. With the estimated thermodynamic
data, experimental solubility values can be recalculated and
are found to agree well with the experimental data. As noted
previously, C4AH13 decomposes to a mixture of C3AH6 and
portlandite with time at 25 °C. Thus the metastability of C4AHx
phases with respect to C3AH6 has to be suppressed to enable
recalculation of the solubility values, shown in Fig. 20; the trend
lines illustrate the recalculated solubilities of the C–A–H phases
using thermodynamic data from the title study. As shown by a
dashed line, C2AH8 (Fig. 20 (a), curve a–b, is metastable with
respect to CAH10 and C4AH13 at 5 °C. Metastable and stable
aqueous invariant points from Fig. 20 are listed in Table 11;
C4AH13 is predicted to decompose to C3AH6 and portlandite at
20 °C, but is computed to be stable at 5 °C, indicating an upper
limit of thermal stability for C4AH13 at ∼10 °C.

5.2.5. Strätlingite, Ca2Al2SiO2(OH)10·3H2O
The XRD-reflections of the strätlingite preparation (Fig. 21)

are broadened and the intensities are relatively weak, indicating
poor crystallinity, although the position and relative intensities
of all reflections agree with the pattern calculated from
structural data by Kuzel [67] and by Rinaldi et al. [68].
According to Kwan et al. [69], who used a method similar to
that of the title study to synthesize strätlingite, the reflection at
∼29.5° 2θ (CuKα of radiation) may be attributed to C–S–H
impurity. Furthermore this reflection overlaps with the main
reflections of calcite. In the title study, the peak intensities did
not change over the temperature range studied. Thus slight
contamination of the samples with respect to calcite cannot be
excluded. After several dispersions, a slight decrease of the
intensities of the XRD-reflections of strätlingite was observed
compared to the fresh sample.

In agreement with Kuzel [67] the thermal analysis pattern of
strätlingite (Fig. 22) showed three endothermic peaks (a minor
peak at ∼120 °C and main peaks at ∼165 °C and 220 °C). The
total water content of the sample used in the title study, after
drying over saturated CaCl2 solution at 37% R.H., is 32.4 wt.%,
close to the theoretical value (34.4 wt.% for Ca2Al2SiO2

(OH)10·3H2O) and in good agreement with values obtained on
natural strätlingite (32.5 wt.%) by Rinaldi [68]. As C–S–H has
a lower percentage water content than strätlingite at 37% R.H.
[70], it is believed that at most only a small amount of C–S–H
can be present (b10–15%); had more C–S–H been present, the
total weight loss of the sample would have been significantly
reduced due to dilution by C–S–H. Fig. 22 shows the foil-like
morphology of synthetic strätlingite. No distinction between
strätlingite and possible contaminants (C–S–H, or calcite, or
mixtures thereof) was possible because of their morphological
similarities.



Fig. 20. Solubility relations between C2AH8, C4AH13 and CAH10 in the system CaO–Al2O3–H2O at 5 °C (left) and 25 °C (right) (markers show experimental values,
solid lines show calculated results). The relevant aqueous compositions are given in Table 10.
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Solubilities of the synthetic strätlingite samples have been
obtained in the range from 5 to 85 °C and are listed in Table 12.
In one series of experiments, significant amounts of sodium
were found to be present in the solution, indicating insufficient
washing of the synthesized solids before redispersion. However
electron microprobe analysis of the solids did not show
significant incorporation of sodium into the structure and data
obtained from this preparation were admitted to solubility
product calculations; the resulting values are in good agreement
with those obtained from preparations known to be sodium-free.
The averaged isothermal solubility products, used to estimate
the enthalpy of reaction, are given in Fig. 23. It is noteworthy
that, although only few solubility data for strätlingite are
available, the differences between solubility products calculated
from the literature [12,15,71–73] are small; they agree well with
our results at 25 °C, even though different procedures had been
used to synthesise strätlingite. The resulting thermodynamic
data are compiled in Table 2.

In agreement with results by Atkins et al. [12], it was found
that the number of redispersions significantly influences the
Table 11
Calculated chemical composition of aqueous solution at metastable and stable
invariant points in the system CaO–Al2O3–H2O at 5 and 25 °C

Temperature Point (Fig. 20) Coexisting solids Ca Al pH

[°C] [mmol/l] [mmol/l]

Metastable invariant points
5 b CAH10 and C4AH13

1 9.84 1.10 12.93
25 b′ C2AH8 and C4AH13

1 10.80 2.52 12.19
25 c′ C4AH13 and Ca(OH)2

(portlandite)2
19.38 0.18 12.48

25 g′ CAH10 and C2AH8 9.82 3.03 12.14

Stable invariant points
5 d C3AH6 and Al(OH)3

(gibbsite)
8.51 0.68 12.88

5 c C4AH13 and C3AH6 18.71 0.07 13.22
5 c C4AH13 and Ca(OH)2

(portlandite)
21.15 0.04 13.27

25 d′ C3AH6 and Al(OH)3
(gibbsite)

8.03 1.09 12.10

1Metastable with respect to C3AH6 and gibbsite 2metastable with respect to
C3AH6 and portlandite.
solubility of synthetic strätlingite. Calcium and aluminium
concentrations generally decrease with increasing cycles of
redispersion, whereas the silicon concentration increases.
According to Atkins et al. [12], synthetic strätlingite tends to
decompose with increasing redispersions to a C-A-S-H gel the
presence of which alters the solubilities significantly. Accord-
ingly, the maximum number of redispersions was limited in the
title study to two.

As shown in Fig. 24 and Table 12, experimentally-derived
solubilities of calcium and aluminium from strätlingite tend to
increase with increasing temperature, whereas the silicon
concentrations remain relatively constant. With the help of the
fitted thermodynamic data (Table 2), solubility data were also
recalculated to assess the impact of residual sodium, assuming
an arbitrary aqueous concentration of 2 mmol sodium. Although
our solubility measurements agree well with the values by
Atkins et al. [12], recalculation did not reproduce the
experimental data. A computation of the solubility data in the
presence of C–S–H, believed to be present as an impurity, using
the solid solution model described by Kulik et al. [30] and by
Lothenbach et al. [77], resulted in great differences compared to
the experimental values. However if a slight excess of calcium
and aluminium (bulk amounts of CaO and Al2O3 ∼1 wt.%
higher than initially admitted to calculation) were artificially
added, this was sufficient to reconcile calculation and
experiment. Reasons for this behaviour are not clear: the
water content of the Na2Si2O5·2H2O reactant needs to be
checked. On the other hand, it is not clear how to treat the
contaminants thermodynamically as long as uncertainties
remain about their exact amount and composition and further
investigations are needed to solve this problem. However the
consistency between the literature data and those obtained in the
title study should encourage the user to treat these data as useful
but not definitive.

5.2.6. Monosulfoaluminate–hydroxy–AFm solid solution at
25 °C, Ca4Al2(SO4)x(OH)14− 2x·6H2O

The phase relations between the AFm phases likely to occur
in Portland cement were systematically investigated in [62].
AFm phases form only limited mutual solid solutions under
conditions likely to obtain in cement environments. It was
found that monosulfoaluminate and hydroxy–AFm interact



Fig. 21. Comparison of XRD-patterns of nominally strätlingite after ageing at temperatures in the range 5–85 °C (approach from undersaturation).
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with each other and form a limited binary solid solution,
characterised by sulfate replacing up to∼50% of the hydroxide.

Thus according to our own investigations [62], and in
agreement with observations by Poellmann [74] and Roberts
[57] ∼50 mol% of the initial sulfate in monosulfoaluminate
may be replaced by hydroxide due to extensive solid solution
formation. According to Poellmann, sulfate substitution is
unlikely to occur in the structure of hydroxide–AFm (C4AHx).
Our investigations showed the presence of a single AFm phase
at an initial molar SO4/(2OH+SO4) ratio=0.05. This might
indicate slight sulfate incorporation into the hydroxy–AFm end
member. Nevertheless, it is difficult to interpret the results with
precision due to the prevailing detection limits of the XRD
method. Thus uncertainties persist about the extent of
substitution of sulfate in hydroxide–AFm at the 0–5%
replacement level. A detailed description of synthesis and
characterisation of the solid solution series is given in [62].

With the aid of the previously derived thermodynamic data
of monosulfoaluminate and hydroxy–AFm (Table 2) and the
described non-ideal solid solution model, the thermodynamic
properties of the solid solution series can be computed.
According to the procedure described in Section 4.4, two
dimensionless parameters, a0 and a1, defined in Eq. (18), were
Fig. 22. SEM image of strätlingite (left) and correspondi
introduced to determine the excess Gibbs energy of mixing.
Their numerical values were determined using the software
MBSSAS [32] and the known compositional boundaries of the
miscibility gap in the solid solution series.

In agreement with experimental data, the miscibility gap
fractions of C4AHx were set to 0≤x1≤0.5 and 0.97≤x2≤1 (x+
y=1), the latter to accept some sulfate substitution in the
hydroxy–AFm phase according to Eq. (21):

x C3A � Ca OHð Þ2�nH2O
� �

þ y C3A � CaSO4 � nH2Oð ÞY
þH2O xþ yð ÞC3A

� Ca OHð Þ2
� �

x� CaSO4ð Þy�nH2O ð21Þ

Thus 50% of the initial sulfate in the monosulfoaluminate
structure may be replaced by hydroxide and 3% of hydroxide
may be replaced by sulfate in the structure of hydroxy–AFm.
Assuming this miscibility gap, the dimensionless Guggenheim
parameters were estimated to be a0=0.188 and a1=2.49 at
25 °C. Fig. 25 compares the functions of the Gibbs free energy
of ideal mixing,ΔGid, the estimated excess Gibbs free energy of
mixing ΔGex and the resulting estimated Gibbs free energy of
mixing of the monosulfoaluminate–hydroxide–AFm solid
ng TG- and DTG curves at 10 °C/min in N2 (right).



Table 12
Solubility data of strätlingite (C2ASH8) at temperatures 5–85 °C

C2ASH8 (samples from undersaturation1)

Age Temperature Ca Al Si Na pH Log_Ksp Phases

[°C] [mmol/l] [mmol/l] [mmol/l] [mmol/l]

28 5 1.78 0.47 0.05 b0.2 12.18 −19.89 n.d.
561 5 1.38 0.28 0.06 b0.2 12.08 −20.46 n.d.
841 5 1.44 0.17 0.05 b0.2 12.12 −20.92 C2ASH8, C–S–H
28 5 1.68 0.40 0.05 2.35 12.41 −20.08 n.d.
56 5 1.95 0.44 0.04 2.80 12.49 −20.03 n.d.
841 5 1.32 0.31 0.06 0.91 12.20 −20.35 C2ASH8, C–S–H, Calcite
28 25 1.75 0.32 0.07 b0.2 11.45(11.58)2 −19.82 n.d.
28 25 1.75 0.33 0.07 b0.2 11.45(11.54)2 −19.82 n.d.
28 25 1.21 0.35 0.09 b0.2 11.26(11.35)2 −20.00 C2ASH8, C–S–H
561 25 1.55 0.24 0.09 b0.2 11.40(11.40)2 −20.05 n.d.
561 25 1.58 0.24 0.09 b0.2 11.41(11.37)2 −20.06 n.d.
561 25 1.75 0.23 0.10 b0.2 11.46(11.42)2 −19.95 C2ASH8, C–S–H
28 25 1.66 0.50 0.05 2.17 11.65(11.70)3 −19.64 n.d.
56 25 1.94 0.45 0.05 2.60 11.73(11.75)3 −19.61 n.d.
841 25 1.23 0.33 0.07 0.90 11.41(11.48)2 −20.14 C2ASH8, C–S–H, Calcite
28 40 2.04 1.00 0.05 2.17 11.21 −18.91 n.d.
56 40 2.03 1.00 0.04 2.60 11.24 −18.99 n.d.
841 40 1.42 0.53 0.08 1.05 11.02 −19.57 C2ASH8, C–S–H, Calcite
28 50 1.93 0.50 0.09 b0.2 10.74 −19.23 n.d.
561 50 2.14 0.43 0.11 b0.2 10.79 −19.14 C2ASH8, C–S–H
28 50 1.95 0.79 0.05 2.26 10.95 −19.13 n.d.
56 50 1.90 0.76 0.05 2.40 10.95 −19.13 n.d.
841 50 1.49 0.49 0.08 1.14 10.78 −19.53 C2ASH8, C–S–H, Calcite
28 70 1.98 1.56 0.04 2.28 10.13 −18.76 n.d.
56 70 2.03 1.60 0.04 2.20 10.14 −18.74 n.d.
841 70 1.77 1.22 0.06 1.50 10.12 −18.87 C2ASH8, C–S–H, Calcite
28 85 1.95 1.01 0.07 b0.2 9.89 −18.89 n.d.
561 85 1.80 0.71 0.11 b0.2 9.89 −19.06 n.d.
28 85 2.09 1.50 0.04 2.30 10.13 −18.79 n.d.
56 85 2.07 1.55 0.03 2.30 10.12 −18.87 n.d.
841 85 1.75 1.08 0.07 1.50 10.03 −19.02 C2ASH8, C–S–H, Calcite

1Solids filtered and redissolved after previous extraction 2measured values at 23 °C 3)measured values at 24 °C.
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solution series, ΔGM, according to Eqs. (14–16). The Gibbs
energy of the solid solution can be estimated according to
Eq. (13) as the sum of the partial Gibbs energies of mono-
sulfoaluminate and hydroxide AFm and ΔGm, Fig. 25. How-
ever, due to uncertainties about the exact upper and lower limit
of the miscibility gaps, the derived numerical values should be
Fig. 23. Calculated solubility products of strätlingite from solubility experiments
(line shows calculated best fit).
regarded as provisional, because they are sensitive to changes of
the compositional boundaries of the miscibility gap. A more
extended discussion about the estimation of the dimensionless
Guggenheim parameters in connection with the use of Lipp-
mann phase diagrams is provided in [76].
Fig. 24. Recalculated solubility data for strätlingite based on fitted thermody-
namic data from Fig. 23 (markers show experimental values from this study,
lines show calculated fit). Predicted solid phases are shown at the top.



Fig. 25. Gibbs free energy of ideal mixing, ΔGid,, excess Gibbs free energy of
mixing,ΔGex, and resulting Gibbs free energy of mixing,ΔGM, calculated from
Eq. (14) for the monosulfoaluminate–hydroxide–AFm solid solution series.

Fig. 27 Calculated solubility products of ettringite according to solubility
experiments by Perkins and Palmer [14] (◆) and other literature sources (line
shows calculated fit).
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Our best fit of the calculated solubilities of the mono-
sulfoaluminate–hydroxy–AFm solid solution series, compared
to experimental solubility data at 25 °C, was obtained with the
assumed compositional boundaries of the miscibility gap and
the resulting Guggenheim parameters (a0=0.188 and a1=2.49).
As shown in Fig. 26, comparison between experimentally-
derived solubility data using averaged values from super- and
undersaturation and calculated solubilities of the monosulfoa-
luminate–hydroxide–AFm solid solution at 25 °C shows
excellent agreement in the range 0.05≤SO4/(2OH+SO4)≤1,
which accounts for the good internal consistency of the dataset.
Only the solubility data for the pure hydroxide–AFm end
member differ significantly from the calculated values. This
behaviour can be explained by the metastability of C4AHx with
respect to C3AH6 and portlandite. As this decomposition
reaction of C4AHx was only observed in the sulfate-free pre-
paration this might indicate stabilisation of the hydroxy–AFm
end member by substitution of small amounts of sulfate in
the structure. Fig. 26 b) shows that the aqueous sulfate con-
centrations are generally very low and at SO4/(2OH+SO4)
Fig. 26. Solubility data for SO4–AFm and OH–AFm solid solution series (mark
ratios≤0.8 lie below the analytical detection limit. Except for
the hydroxy–AFm end member, the predicted phase assem-
blages agreed well with the experimentally observations. In
agreement with XRD analysis, small amounts of AFt were
predicted to coprecipitate at SO4/(2OH+SO4) ratios≥0.98;
also, traces of C2AH8 were both predicted and observed at
SO4/(2OH+SO4) ratios≤0.80 (see [62]).

Poellmann et al. [75] reported recently that monosulfoalu-
minate–hydroxy–AFm solid solutions may interact with
hemicarboaluminate forming limited ternary solid solutions
including carbonate, sulfate and hydroxide ions. However no
solubility data for these solid solutions are available. Therefore
these ternary solid solutions cannot as yet be integrated into the
dataset to assess their thermodynamic stability and relations
with other hydrate phases.

5.3. AFt-phases

5.3.1. SO4–AFt, Ca6Al2(SO4)3(OH)12·26H2O
Solubility data by Perkins and Palmer [14] for SO4–AFt were

fitted by Lothenbach et al. [77] in the range from 5–75 °C using
the software GEMS using the same thermodynamic database as
the title study; these data were adopted. Heat capacity coef-
ficients were obtained experimentally from calorimetric heat
ers show experimental values from this study, lines show calculated values).



Fig. 28. XRD pattern (left) and scanning electron micrograph (right) of CO3–AFt used for solubility determinations.
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capacities by Ederova [27]: the derived standard molar ther-
modynamic properties of SO4–AFt are listed in Table 2.

Fig. 27 shows a comparison of calculated solubility pro-
ducts based on the fitted standard thermodynamic properties of
SO4–AFt with solubility products calculated from experimen-
tal solubilities of SO4–AFt at different temperatures and from
different literature sources 12–15,78]. As shown in Fig. 27, the
values generally agree within limits of analytical errors: Δf G

0

(−15,205.9 kJ/mol) and Δf H
0 (−17,535 kJ/mol), consistent

with values calculated by Babushkin et al. [1] (Δf G
0 ∼

−15,205.7 kJ/mol and Δf H
0 ∼−17,578 kJ/mol) and those

extrapolated by Perkins et al. [14] (Δf G
0 ∼−15,211 kJ/mol

and Δf H
0 ∼−17,550 kJ/mol). Δf H

0 is in reasonable accord
with calorimetrically-derived values of Berman [79]: Δf H

0 ∼
−17,543 kJ/mol.

5.3.2. CO3–AFt, Ca6Al2(CO3)3(OH)12·26H2O
The existence of a carbonate analogue of SO4–AFt was first

described by Carlson and Berman [16]. However, as shown in
[16] and subsequently confirmed by Poellmann et al. [80],
Table 13
Solubility data of CO3–AFt at 25 °C

C6Ac3H32

Age Temperature Ca Al

[Day] [°C] [mmol/l] [mmol/l]

35 25 us 6.04 3.59
70 25 us 6.65 3.94
70 25 us 6.16 3.49
70 25 us 5.59 3.23
70 25 us 5.69 3.21
70 25 us 5.81 3.15
70 25 us 5.96 3.51
270 25 us 5.74 3.82
270 25 us 5.49 3.59

Recalculated values for the metastable dissolution of CO3–AFt
3

– 25 Calc. 5.90 3.93
1Calculated values assuming equilibrium with calcite 2measured at 25 °C 3metastability
synthesis of CO3–AFt has only been achieved in a solution
containing sucrose as well as sodium carbonate. This leads to a
strong increase of the solubility of calcium in conjunction with
high carbonate concentrations. Other synthesis methods under
conditions likely to occur in cementitious system were
unsuccessful and gave mixtures of monocarboaluminate and
calcite, suggesting that CO3–AFt is metastable with respect to
CO3–AFm in Portland cement pastes. This contention was later
proved by Damidot et al. [54] who published the first
thermodynamic data for CO3–AFt.

Poellmann et al. [80] and Barnett et al. [81] showed
that incomplete solid solutions formed between SO4–AFt and
CO3–AFt. Approximately 60% of the sulfate may be replaced by
carbonate. Investigations made in the course of the title study
confirmed solid solution formation but with a maximum re-
placement of ∼50% of the sulfate by carbonate at 25 °C. In
contrast to Poellmann et al. [80] and Barnet [81], who used a
sucrose method with strongly supersaturated solutions with
respect to the AFt solid solutions, we prepared solid solutions by
mixing previously synthesized SO4–AFt and CO3–AFt in
CO3
2− 1 pH2 Log_Ksp Phases

[mmol/l]

0.007 11.86(11.93) −46.43 CO3–AFt, Calcite
0.007 11.90(11.83) −46.10 CO3–AFt, Calcite
0.007 11.88(11.83) −46.37 CO3–AFt, Calcite
0.007 11.83(11.81) −46.70 n.d.
0.007 11.84(11.78) −46.64 n.d.
0.007 11.86(11.83) −46.58 n.d.
0.007 11.86(11.80) −46.47 n.d.
0.007 11.82(11.96) −46.59 CO3–AFt, Calcite
0.007 11.80(11.90) −46.74 CO3–AFt, Calcite

0.007 11.82 −46.50 CO3–AFt, Calcite

with respect to carboaluminates suppressed. Abbreviation: us— undersaturation.



Fig. 29. Calculated solubility product of CO3–AFt from solubility experiments.
The solid diamond shows the single value experimentally determined in the title
study. The solid line shows the calculated solubility product: see text and
estimated thermodynamic data.

Fig. 30. Free energy plot of the formation of CO3–AFt and monocarboaluminate
from the reaction of C3A with calcite and water.
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different stoichiometric ratios in ultrapure water at 25 °C (w/s
∼30) and aged the mixtures for 6–12 weeks. Afterwards the
supernatant and solids were analysed; data confirming extensive
and spontaneous AFt solid solution formation are published in
[82]. An attempt to model the solid solution behaviour using
thermodynamic data for CO3–AFt given by Damidot et al. [54]
failed. A fresh set of solubility experiments was initiated to
determine the solubility of CO3–AFt made using the sucrose
method at 25 °C, as described in Section 3.2. Fig. 28 shows the
XRD-pattern of the dry CO3–AFt powder and its typical needle-
like morphology. Mixtures of previously dried CO3–AFt with
ultra pure water were aged up to 9 months at 25 °C. Despite the
supposed metastability of CO3–AFt with respect to CO3–AFm,
no obvious mineralogical changes were observed: CO3–AFt
continued to coexist with small amounts of calcite. The solu-
bility data of successive extractions are given in Table 13.
The calculated solubility product (log Ksp ∼−46.5, ΔfG

0 ∼
−14,565 kJ/mol) differed significantly from the values given by
Damidot et al. [54] (log Ksp ∼−41.3, Δf G

0 ∼−14,536 kJ/mol)
(see Fig. 29). Hence CO3–AFt appears to have a lower free
energy of formation and is a more stable phase at ≤25 °C than
previously concluded. With the new data for CO3–AFt and
SO4–AFt, together with the non-ideal solid solution model
(Section 4.4), it was possible to reproduce the solubility data of
the solid solutions with reasonable accuracy (see [82]). The
parameters a0 and a1, needed to describe the excess Gibbs free
energy function, were calculated with the software MBSSAS:
the parameters are dependent on the physical location of the
compositional boundaries of the miscibility gap. To find an
agreement between the slightly differing results reported in the
literature compared with our own XRD observations and
solubility data, the boundaries of the miscibility gap were set
to the mean values 0.04≤SO4/(SO4+CO3)≤0.42. Applying
these miscibility limits, the dimensionless Guggenheim para-
meters of the SO4–And CO3–AFt solid solutions were calcu-
lated with MBSSAS as a0=−0.823 and a1=2.82. A more
extended explanation of the derived parameters, including a
discussion of related Lippmann phase diagrams is given in [76].

A thermodynamic sensitivity study [82] showed that major
carbonate substitution in SO4–AFt is unlikely to occur in a
“normal” cementitious system at 25 °C, i.e., at carbonate
activities conditioned by the presence of an excess of solid
CaCO3. In agreement with numerous investigations, mono-
carboaluminate is thus the energetically favoured carboalumi-
nate phase in calcite-saturated cementitious systems at 25 °C.

Although solubility data for CO3–AFt have only been
determined at 25 °C the temperature-dependent behaviour of
CO3–AFt can be estimated using the Helgeson approach [25].
Data can be approximated for other temperatures by formulat-
ing a reference reaction with compounds of similar structure and
known entropies. The reference reaction for CO3–AFt is listed
in Table 3. With the known entropies of anhydrite and calcite
and the previously estimated value for ettringite (see Table 2)
the standard molar entropy of CO3–AFt was estimated
assuming ΔSr

0 =0. Subsequently Δf H
0 was calculated using

the Gibbs-Helmholtz relation (Eq. (12)), the known standard
state entropies of the elements [18] and Δf G

0. In the
literature only one value for ΔfH

0 was found for CO3–AFt
[1]; (ΔfH

0 ~−16217 kJ/mol for the 30 H2O hydrate which
equals ~−16789 kJ/mol for the 32 H2O hydrate) which is
in very good agreement with our estimated value (ΔfH

0 ~
−16792 kJ/mol) for the formula with 32 H2O. The resulting
estimated standard molar thermodynamic data of CO3–AFt are
summarized in Table 2. The computed composition of the
aqueous phase in equilibrium with CO3–AFt and calcite at
25 °C showed good agreement with the averaged solubility data
for CO3–AFt (Table 13).

As noted, although CO3–AFt is metastable with respect to
monocarboaluminate at ∼25 °C, free energy plots are a useful
instrument to derive data about relative stabilities of phases as a
function of temperature. Fig. 30 compares free energy plots for the
formation of monocarboaluminate and CO3–AFt from C3A and
calcite over the temperature range 1 to 99 °C. As expected,
monocarboaluminate is thermodynamically more stable than
CO3–AFt between 1 to 99 °C. But with decreasing temperatures
CO3–AFt is increasingly stabilised and is close to being more
stable than monocarboaluminate at 1 °C. Due to lack of
experimental data and uncertainties in the estimation of
thermodynamic properties, the present state of the data must be
regarded as provisional. Nevertheless, low temperatures tend to
stabilise CO3–AFt and substitution of SO4 byCO3 in the ettringite
structure is clearly favoured at low temperatures, b25 °C.
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Thaumasite is another AFt-type structure containing essen-
tial carbonate. In contrast to CO3–AFt and SO4–AFt,
aluminium is replaced by silicon in thaumasite. According to
the literature [83,84], and in contrast to CO3–AFt, thaumasite
has a stability range in the cement system and is preferably
formed at low temperatures, b10 °C. This is in agreement with
our calculations where we have shown that CO3-containing AFt
structures are stabilised at low temperatures. Furthermore
Macphee and Barnett [78] and others [85–87] have shown
that SO4–AFt forms solid solutions with thaumasite. Thus in a
real cement system, formation of apparently stable thaumasite-
ettringite solid solutions is more likely than the formation of
silicon-free (SO4, CO3)–AFt solid solutions even at low
temperatures. Macphee and Barnett [78] published solubility
data for the solid solutions but not for the thaumasite end
member. Bellmann [88] obtained solubility data for natural
thaumasite, but only at 8 °C. Thus until recently no complete
thermodynamic dataset for thaumasite was available; we are in
the course of collating data to (i) predict the temperature-
dependent stability of thaumasite and (ii) to enable modelling of
the solid solution behaviour between thaumasite and SO4–AFt.

5.4. C–S–H

C–S–H (calcium–silicate–hydrate) is the main phase of
hydrated Portland and blended cements and is responsible for
strength development and hydraulic behaviour. Its composition is
normally defined by its calcium/silicon ratio. Several authors
derived solubilities from synthetic C–S–H [89–96] and the
overall picture is consistent. The maximum Ca/Si ratio of C–S–H
in hydrated cement pastes is variously claimed to lie between 1.5
and 1.9 in portlandite-saturated systems and, due to phase rule
restrictions, C–S–H in Portland cements and blended cements
which contain excess portlandite, will have as a first approxima-
tion a nearly constant composition ∼1.5–1.9CaO·SiO2·nH2O,
where n is largely dependent on the humidity of the hydrated
cement paste. Several thermodynamicmodels [5,30,97–101] have
been developed to describe the solubility properties of C–S–H.

In the title study the ideal solid solution model described in
[30] was applied. Tobermorite-type C–S–H (Ca/Si=0.83), a
Fig. 31. Comparison of recalculated solubility of C–S–H at 25 °C (solid line) with e
(see References).
jennite-type C–S–H (Ca/Si=1.67) and amorphous silica were
used as end members of two different solid solution series, as
defined by Lothenbach et al. [77], who gave a detailed
description of the derivation of thermodynamic data for the
C–S–H end members; we compile these data in Table 2. As
shown in Fig. 31, the recalculated solubility of C–S–H agrees
reasonably well with literature values.

According to Kulik and Kersten [30] one solid solution
(tobermorite–jennite) describes the Ca/Si range 0.83≤
(Ca/Si)C–S–H≤1.67 while a second solid solution (amorphous
silica–tobermorite) is used to describe the range 0≤ (Ca/Si)C–S–H
≤0.83. However, according to investigations by Greenberg
et al. [92] and Suzuki et al. [94], and as described by Taylor
[70], C–S–H gel coexists with a silica species with low calcium
content and a composition close to amorphous silica at initial
Ca/Si ratios below ∼0.6–0.85, indicating either a miscibility gap
in the second solid solution series or that it does not have real
existence. Therefore the user has to decide which model to apply
but, in agreement with the literature, we recommend using a
model with one solid solution having tobermorite- and jennite-
type C–S–H as end members. This allows a coexistence of
amorphous silica and C–S–H (Ca/Si=0.83) at low initial bulk
Ca/Si-ratios b0.83, and also enables unambiguous calculation
of the range of Ca/Si ratios of most interest to cement paste to
be encompassed. These conclusions are supported by recent
calculations by Kulik [102].

The C–S–H phase may sorb sulfate, alumina and alkalies.
At present, we are not able to include these chemical variants
into a thermodynamic model. However, Hong et al. [43] gives
distribution coefficients of the sorption of alkalies into C–S–H,
which can be used to estimate the amount of sorbed alkalies in
C–S–H in dependence of the alkali concentration of the pore
solution of the hydrated cement paste. Similarly, the amount of
sorbed sulfate can be approximated. Corresponding tempera-
ture-dependent values for the adsorption of sulfate to C–S–H
are given in [103–106]. Richardson and Groves [106] also
describe aluminium for silicon substitution in the C–S–H
structure. The amount of substituted aluminium increases with
decreasing Ca/Si ratios and can be estimated using the relations
described in [106].
xperimental values from literature (markers) at temperatures between 20–30 °C



Fig. 32. Comparison of solubility products calculated from the three term
temperature extrapolation (solid black line) and integrated Van't Hoff
extrapolation (dashed black line) with values calculated using Cp(T) integration
(grey line) and experimentally-derived solubility products of siliceous
hydrogarnet (markers).
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6. Discussion

6.1. Data accuracy

The data for individual substances vary in quality. The
reasons for this have been developed in the text but it is still
difficult to establish error limits. Firstly, the quality of synthesis
is variable: it is difficult if not impossible to establish the
absolute phase purity of the preparations. Only the use of single
crystals would enable a high confidence in the absolute purity
of the preparations used. Secondly, the substances themselves
vary in crystallinity with as yet unknown consequences to the
numerical values of the data derived from their use. An example
is strätlingite, X ray patterns of which always exhibit line
broadening associated with low crystallinity, small crystallite
size and internal disorder, perhaps with respect to the stacking
of successive layers: we have not attempted to deconvolute the
causes of line broadening or the impact of crystallinity on
thermodynamic properties. But it could be argued that the AFm
phase, particularly strätlingite occurring in commercial
cements, also exhibits disorder and thus the synthetic is
representative of “real” strätlingite.

The results, expressed in tables and diagrams, comprise a
working set of data for subsequent calculations. We do not
claim that the database is perfect and indeed have noted the
shortcomings of particular datasets as appropriate. In a very few
cases where data are incomplete, we have also noted work in
progress. It is our hope that, as the use of thermodynamic
methods become routine, others will add to and improve the
accuracy of the compilation.

A general source of experimental uncertainty concerns the
analytical data. Some of the very low concentrations, e.g. the
aluminium concentrations of C3AH6 in equilibrium with
portlandite, have numerical values close to the limit of ac-
curate analysis. Carbonate concentrations generally had to be
estimated assuming equilibrium with other carbonate phases
whose thermodynamic properties were known, e.g., calcite.
However, as shown in the title paper, many solubility data
generally pass two tests: of self-replication; that is, when used
as inputs for calculations they reproduce reliably the input
data, usually in the form of solubilities, and second, that they
are derived from approach to equilibrium from both oversat-
uration and undersaturation. This latter test, while not infalli-
ble, is generally regarded as substantive proof of the attainment
of equilibrium. Moreover the data presented are broadly com-
parable with those for other substances recorded in the litera-
ture. Care was taken to assess all main solubility investigations
recorded in the accessible literature. However, as many of
the investigations go back to the 1930's, when analytical
techniques were often not advanced sufficiently to analyse low
concentrations of species, these add another source of
uncertainty.

Impurities present in solutions can significantly influence the
solubility data. For example a large data scatter was observed for
the solubilities of hydrogarnet, C3AH6. The older datasets by
Wells et al [17] and Peppler et al. [34], used to derive ther-
modynamic values in previous databases, differ significantly from
data obtained in the course of the title study. Wells et al. [17] and
Peppler et al [34] used glass flasks in the course of the solubility
determinations. Thus it is likely that silicon was dissolved in the
course of the experiment. As shown in Section 5.1, silicon can be
bound in the hydrogarnet structure and the resulting siliceous
hydrogarnet, Ca3Al2(SiO4)3− x(OH)4x, will be significantly stabi-
lised and have lower solubility than the silicon-free composition.
Atkins et al. [107], who determined solubilities of C3AH6 assem-
blages, confirmed this hypothesis. In the silicon-free samples the
solubility product of C3AH6 at 25 °C was close to the values
obtained in the title study whereas in assemblages containing
silicates, e.g. C–S–H and strätlingite, the solubility products
attributed to hydrogarnet were significantly lowered. Indeed,
Wells and co-workers recognised significant silicon substitution
was occurring in the structure of ferrous and aluminous
hydrogarnets arising from dissolved silica [108] although no
specific statement about the role of silicon impurities was made in
their study of “C3AH6” solubility.

Furthermore it is generally known that CO2 interacts strongly
with the cement hydrates. Thus, while care was taken in the title
study to avoid CO2-contamination by using in a N2-atmosphere,
traces of carbonate were invariably present.

Another source of uncertainty is the fitting procedure of the
experimental data used to derive standard molar thermodynamic
data. Kulik [28] gives an overview concerning uncertainties of
temperature extrapolations of thermodynamic data. Thermody-
namic data of the title study were fitted by a three-term
temperature extrapolation and this method is believed to be
more reliable than other commonly-used temperature extra-
polations [28]. As demonstrated in Fig. 32, solubility products
estimated with the widely-used integrated Van't Hoff approach
show significantly larger deviations from the experimentally-
derived values at elevated temperatures. The difference between
extrapolated temperature-dependent solubility products of the
hydrates using the three term extrapolation and solubility
products, calculated from the fitted standard thermodynamic
properties and the estimated heat capacity coefficients accord-
ing to Section 4.2, are generally small over the temperature
range 0 to 99 °C (for example see Fig. 32).
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6.2. Relations between equilibrium and kinetics

In the course of preparing this paper we have received
numerous comments that, while we study equilibrium, we ignore
kinetics. This comment contains an element of truth: it is not
possible for us to advance both topics given constraints on
resources. But we do not entirely ignore kinetics. For example in
the system CaO–SiO2–H2O, the stable phases tobermorite and
jennite are suppressed in favour of metastable C–S–H: C–S–H
is assigned a definite set of thermodynamic properties and is
allowed to participate in reactions with other phases including
some that are thermodynamically stable under the conditions of
the calculation. We do this in the knowledge that the C–S–H
phase is persistent.

While accepting that the kinetics are important, relatively
little progress has been made in their quantification. A
thermodynamic approach is immediately successful in show-
ing why this is so. Reactions can be divided into two types:
internal, in which overall composition does not change
(isochemical) and externally-induced, where cement solids react
with their service environment. The latter class of reaction are
intrinsically more difficult to quantify because the bulk com-
position of solids changes in the course of reaction. But
thermodynamics immediately shows us that, in seeking to
understand the diffusion of a single species into (or out of)
cement, it is in fact necessary to constantly recalculate mass
balances: diffusion of a single species in isolation is insufficient to
account for the overall reactions. A thermodynamic approach,
which automatically tabulates mass balances, provides a mass
balance template for subsequent kinetic studies and usefully
highlights the underlying mechanisms and their probable
importance. Many examples are given in the text of reactions
which occur relatively rapidly (hours to days) while others occur
slowly or not at all. An example of slow reactions is the stability of
siliceous hydrogarnet at low temperatures and at low carbonate
and sulfate activities (see paragraph below). There also exists a
third class of reactions: those predicted to occur but where
observation and experiment are inadequate to determine whether
or not the relevant prediction is confirmed. It is thus suggested that
the kinetics are best approached in conjunction with ther-
modynamic equilibrium calculations rather than as a separate
exercise: the driving forces responsible for change have a
thermodynamic basis and, moreover, comparison of calculation
and experiment shows that with few exceptions, the principal of
local equilibrium is maintained, or nearly so, in the course of
environmentally-conditioned reactions.

Many of the verification experiments performed in the
course of the title study and in other supporting studies disclose
that reaction occurs relatively rapidly: within days or weeks. Of
course the experimental conditions were selected to facilitate
reaction, as for example, by using high water: solid ratios.
Nevertheless further work may disclose that phase changes in
cement mineralogy driven by temperature changes occur
relatively rapidly. It is of course a well-known generalisation
that reaction rates become more rapid at higher temperatures,
but perhaps surprisingly, some mineralogical conversion
reactions were found to proceed rapidly (days or weeks) at
5 °C. Thus while kinetics are important, much evidence
indicates that, with the notable exception of C–S–H, the
internal constitution of hydrated Portland cements tends to
approach a thermodynamic equilibrium.

6.3. Applications

The database is not in itself a solution to the problems of
cement chemistry and mineralogy but, in conjunction with an
appropriate computer modelling code, it comprises a tool kit
enabling the solution of a broad range of problems. The data
presented here have already applied in the calculations pre-
sented in references [77,105,109–111] to explore a diverse
range of problems including the role of carbonate as a reactive
admixture, carbonation of cements and the distribution of
sulfate in cement hydration.

Inspection of data tables does not directly reveal relation-
ships between chemistry and mineralogy and its variation with
temperature — to see the effects, much thermodynamic
modelling calculations are needed. But five features stand out.
Firstly, the assemblage of portlandite and C–S–H dominate the
products of cement hydration. With few exceptions, these
phases persist in most of the assemblages and are rather
insensitive in composition to the presence or absence of other
phases and, although the C–S–H phase can vary widely in its
Ca/Si ratio, its ratio is effectively fixed at or near its highest
attainable value (1.5–1.9) by the presence of portlandite.
Secondly, the minor phases of hydrated Portland cement (AFm,
AFt,…) are very variable in composition and structure. By not
forming complete solid solution even within a structural family,
the nature of the minor solid remains very sensitive to changes
in bulk composition and temperature: note for example, the
chemical-mineralogical complexity of the AFm and AFt
families. Thirdly the temperature dependence of the nature of
the stable phases is quite remarkable and will be explored in a
subsequent paper, following additional calculations. Fourthly,
changes between assemblages, particularly in respect of the
minor phases, require mass transport and structural reconstitu-
tion. This creates a series of buffering reactions within the
cement paste matrix. For example internal buffering systems
exist for hydroxyl, sulfate and carbonate: while the first of these
is relatively well-known, the existence of buffers for other
species has been less well recognised. The workings of these
buffer systems and their interactions, as well as their
consequences to environmentally-conditioned reactions of
cement systems, will undoubtedly assist the future development
of chemical/mineralogical models of cement performance.
Finally, the database derived in the title paper redefines the
stability of sulfoaluminates hydrates. The undoubted persis-
tence of sulfate AFm amongst the hydration products of
commercial cements has long been at variance with its supposed
instability at b40 °C: it has been necessary to attribute its
persistence to metastability. However, the title study shows
sulfoaluminate hydrates to be more stable than hitherto
supposed, with a lower limit of thermal stability at ∼5 °C in
the system CaO–Al2O3–CaSO4–H2O. This revision immedi-
ately resolves a long-standing conflict.
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Albert et al. [112], have recently suggested that calcium
monosulfoaluminate was preserved to lower temperatures,
b40 °C, by the reduced activity of water in hydrated cement
paste. While they direct attention to an important factor, it is not
in fact necessary to invoke special conditions to explain the
stability of sulfate AFm according to the revised data. However,
we agree with these authors about the importance of extending
knowledge of cement hydration to regimes characterised by
having reduced water activities, as for example may occur in
alkali-activated systems or in normal compositions at low w/s
ratios.

The relative thermodynamic stabilities of the cement
hydrates are very sensitive to chemical environment. Care has
to be taken that the calculated temperature-dependent stability
regions for each mineral depend on the total chemical
composition of the system and cannot be extrapolated to more
complex chemical environments, such as those in commercial
cement. Two examples will be discussed briefly:

6.3.1. The influence of sulfate and carbonate on the stability of
hydrate phases containing calcium and aluminium

Fig. 33(a) shows the temperature dependent free energy plots
of the reaction of tricalcium aluminate (C3A) and gypsum with
water in dependence on the carbonate activity. Until recently it
was believed that the assemblage ettringite +C3AH6 was more
stable than monosulfoaluminate [44]. However, applying the
dataset of the title study as shown in Fig. 33 (a), for a carbonate-
free system with an initial molar bulk ratio SO3/Al2O3=1,
reactions 2 and 3 show that monosulfoaluminate (C4AsH12) is
calculated to be more stable (ΔrG

0 of reaction 2bΔrG
0 of

reaction (3)) than a mixture of ettringite (C6AsH32) and C3AH6

at temperatures N∼5 °C: see Fig. 33. This is in agreement with
our own investigations, which have shown that monosulfoalu-
minate forms and persists at 25 °C for more than 20 months.
However the stable hydration products change significantly if
carbonate is introduced. According to reaction 1, gypsum will
react with part of the alumina to form ettringite whereas the
remaining alumina reacts with calcite to form monocarboalu-
minate. Thus the addition of calcite leads indirectly to a low
temperature stabilisation of ettringite in the system.
Fig. 33. Influence of sulfate and carbonate on th
On the other hand, as shown in Fig. 33 b), monocarboalu-
minate is predicted to be stable up to 85 °C (reaction (4)) and
C3AH6 and calcite will be formed at higher temperatures
N85 °C, according to reaction (5) (see point B Fig. 33 b)). In
agreement with the investigations of the title study (see Section
5.2), as well as observations by Kuzel et al. [55], this upper
stability temperature (∼85 to 90 °C) is valid in the sulfate- free
system CaO–Al2O3–CaCO3–H2O. However from these inves-
tigations one cannot conclude that monocarboaluminate will be
stable up to 85 °C in a sulfate-containing environment, e.g. in
Portland cement. In a sulfate-containing system, monocarboa-
luminate will only be stable up to 50 °C andmonosulfoaluminate
will instead form according to reaction (2) at higher tempera-
tures; see Point A of Fig. 33 a). This means that the reported
upper stability temperature of monocarboaluminate will de-
crease significantly in hydrated Portland cement where sulfate is
normally present.

Several other aspects of the data will require to be investi-
gated. Arguably, the most important concerns the potential for
phase changes in cement pastes at low temperatures. Low
temperatures, in the range 0°–20 °C, increasingly stabilise
carbonate substitution into the ettringite phase.

This potential substitution could enable formation of ettringite
without need for additional sulfate and may help explain why
enhanced ettringite formation appears to be a precursor to
thaumasite: reaction proceeds in two stages by replacement of
sulfate in ettringite by carbonate followed by silicate replacement
of aluminate, with conversion of carbonate ettringite to
thaumasite.

6.3.2. The influence of silica on the stability of hydrate phases
containing calcium and aluminium

Silica is one of the main constituents of Portland cements.
Fig. 34(a) shows free energy plots of the reaction of C3A, with
gypsum and water. As pointed out previously in the silica-free
system CaO–Al2O3–CaSO4–H2O, with an initial molar bulk
SO3/Al2O3-ratio=1, monosulfoaluminate is more stable than the
phase assemblage of ettringite (C6AsH32) and C3AH6 at
temperatures N∼5 °C (reactions 2 and 3, Fig. 34 (a). But if
silicon is added to the system, according to reaction (1) the phase
e relative stabilities of aluminate hydrates.



Fig. 34. Influence of silicon on the relative stabilities of aluminate hydrates.
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assemblage of C6AsH32 and C3AS0.8H4.4, which represent a
member of the solid solution series Ca3Al2(SiO4)3− x(OH)4x, has a
lower Gibbs free energy of reaction and is therefore thermody-
namically more stable than monosulfoaluminate (reaction (2)) at
temperatures from 1 to 99 °C. In the system CaO–Al2O3–
CaCO3–H2O, addition of silicon causes an analogous thermody-
namic stabilisation of the hydrogarnet phase (Fig. 34 b). Whereas
in the silicon-free system,monocarboaluminate is calculated to be
more stable than the assemblage of C3AH6 and calcite at
temperatures below ∼85 °C, if silica is added according to
reaction (4), C3AS0.8H4.4 and calcite becomes more stable than
monocarboaluminate. Thus calcite is predicted to be an essentially
inert material in the system CaO–Al2O3–CaCO3–SiO2–H2O at
all temperatures, 1–99 °C.

Probably due to kinetic reasons, siliceous hydrogarnet is
rarely observed in hydrated Portland cement at room temper-
ature. Numerous researchers have shown that AFm-phases are
abundant reaction products of Portland cements. In agreement
with experimental results, sulfate and carbonate AFm-phases
are observed as persistent phases in Portland cement.

It is not possible to extrapolate stability regions obtained
from simplified model systems with two or three components
directly to complex chemical systems, e.g. to commercial
Portland cement, with numerous components present. However,
with the knowledge of the thermodynamic properties of all
potential reaction products and a suitable software, it is possible
to undertake the additional calculations necessary to predict and
quantify the phase assemblages. On the other hand, as shown
above, the database cannot be used as a “black-box” approach
and fundamental knowledge about the processes of cement
hydration, including the knowledge of reaction pathways and
metastable vs. stable phase assemblages–the latter based on
experimental observations–is necessary to guide calculations.

Nomenclature in cement chemistry
C CaO
A Al2O3

S SiO2

s SO3

c CO2

H H2O
Other abbreviations used in calculations
A Debye–Hűckel solvent parameters dependent on the

dielectric constant of water and temperature (A=
0.5114 at 25 °C)

αi parameter dependent on the size of species, i, taken
from Kielland's table (cited in [24])

B Debye-Hűckel solvent parameters dependent on the
dielectric constant of water and temperature (B=0.3288
at 25 °C)

bi common extendedDebye–Hűckel parameter (bi∼0.064
at 25 °C)

Cp
0

standard molar heat capacity of species at T, P (J K−1

mol−1)
ΔrCpT

0
standard molar heat capacity change of reaction at T
(J K−1 mol−1)

ΔrCpT0
0

standard molar heat capacity change of reaction at
T0=298 K (25 °C) (J K−1 mol−1)

ΔfGT0
0

standard molar Gibbs energy (of formation from
elements) at T0=298 K (25 °C) (kJ mol−1)

ΔrGT
0

standard Gibbs energy change in a reaction (kJ mol−1)
ΔGex excess molar Gibbs energy of mixing for the solid

solution series (kJ mol−1)
ΔfGi

0
standard molar Gibbs energy of formation of end
member i of a solid solution series (kJ mol−1)

ΔGid molar Gibbs energy of mixing of an ideal solid solu-
tion (kJ mol−1)

ΔGM molar Gibbs energy of mixing for end members i of
the solid solution series (kJ mol−1)

ΔGss molar Gibbs energy of a solution between different end
members i (kJ mol−1)

γi Activity coefficient of species i
ΔrHT

0
standard change of enthalpy of reaction at T (kJ K−1

mol−1)
ΔrHT0

0
standard change of enthalpy of reaction at T0=298 K
(25 °C) (kJ K−1 mol−1)

ΔfHT0
0

standard molar enthalpy at T0=298 K (25 °C) (kJ K−1

mol−1)
I effective molal ionic strength of aqueous solution
KT thermodynamic equilibrium constant of reaction at T
R universal gas constant (8.31451 J K−1 mol−1)
ΔrST

0
standard entropy change in reaction at T (J K−1 mol−1)
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ΔrST0
0 standard entropy change in reaction at T0=298 K

(25 °C) (J K−1 mol−1)
ST0
0 standard molar absolute entropy at T0=298 K (25 °C)

(J K−1 mol−1)
T temperature of interest (K)
T0 reference temperature (298 K)
V 0 standard molar volume (cm3 mol−1)
Xi mole fraction of end member i in solid solution
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