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Abstract
Marble and limestone are calcite-based materials used in the construction of
various structures, many of which have significant artistic and architectural value.
Unfortunately, due to calcite’s high dissolution rate, these stones are susceptible to
chemically-induced weathering in nature. Limestone, due to its inherent porosity, also
faces other environmental weathering processes that cause weakening from
disintegration at grain boundaries. The treatments presently available are all deficient in
one way or another. The aim of this work is to examine the feasibility of using
hydroxyapatite (HAP) as a novel protective coating for marble and limestone, with two
goals: i) to reduce acid corrosion of marble and ii) to consolidate physically weathered
limestone. The motivation for using HAP is its low dissolution rate and structural
compatibility with calcite. Mild, wet chemical synthesis routes, in which inorganic
phosphate-based solutions were reacted with marble and limestone, alone and with
other precursors, were used to produce HAP films. Film nucleation, growth and phase
evolution were studied on marble to understand film formation and determine the optimal
synthesis route. An acid resistance test was developed to investigate the attack
mechanism on marble and quantify the efficacy of HAP-based coatings. Film nucleation
and growth were dependent on substrate surface roughness and increased with calcium
and carbonate salt additions during synthesis. Acid attack on marble occurred via
simultaneous dissolution at grain boundaries, twin boundaries and grain surfaces. HAP
provided intermediate protection against acid attack, when compared to two
conventional treatments. Its ability to protect the stone from acid was not as significant
as predicted from dissolution kinetics and this was attributed to incomplete coverage and
residual porosity within the film, arising from its flake-like crystal growth habit, which
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enabled acid to access the underlying substrate. The effectiveness of HAP as a
consolidant for weathered limestone, alone and coupled with a commercially available
consolidant (Conservare® OH-100), was also investigated. To artificially weather
limestone in the lab, a reproducible thermal degradation technique was utilised. The
dynamic elastic modulus, water sorptivity and coating composition of treated stones
were evaluated. HAP was found to be an effective consolidant for limestone, as it
restored the elastic modulus of damaged stones to their original values and exhibited
superior performance to Conservare® OH-100.
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1 Introduction
1.1 Stone	
  deterioration	
  
In art and architecture, stone is widely used in the construction of buildings, monuments
and sculptures. Popular varieties include brownstone, sandstone, limestone and marble.
Unfortunately, these construction materials are vulnerable to various forms of environmental
weathering. For example, in porous stone, water carrying dissolved salts enters via capillary
suction [1]. Due to the repulsive forces between the salt and the pore wall, the growth of salt
crystals in small pores generates stress. As the salt grows, it pushes against the pore wall and
the stress increases and eventually causes damage to the stone. In clay-bearing stones, the
clays swell when the stone is wet and contract when dry [2]. This creates differential strain
between the clays and the stone, which leads to stress and finally cracking. Other forms of
weathering include freeze-thaw cycles, wind erosion and acid rain dissolution [3].
Over time, weathering can lead to severe structural damage, as depicted in Figure 1.
The statue, situated at the Herten Castle in Rhine-Ruhr, Germany, was constructed in 1702 [3].
It is composed of calcareous sandstone (i.e. silicate grains bound by calcite). Unfortunately,
calcite is very soluble in acidic environments. The image on the left was taken in 1908 while the
image on the right is from 1969. In just 60 years, the damage from acid rain was so extensive
that the statue’s features were no longer distinguishable.
The deterioration of stone is an extremely important issue in the world of art
conservation. Due to these structures’ historical and archaeological value, preventive and
curative measures to preserve our cultural heritage are of utmost importance.
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1.2 Motivation	
  
Acid rain is a major problem in many parts of the world today [4]. Unfortunately, calcite,
the mineral of which marble is composed, is extremely soluble in acid [5]. This presents a threat
to structures constructed out of marble. Although a number of treatments have been proposed
to protect marble from the damaging effects of acid rain, many are deficient in one way or
another, be it excessive hydrophobicity, inadequate solubility reduction or poor structural
compatibility [6-8].
Therefore, the first motivation behind this project is to develop a surface protective
treatment for marble, which is chemically resistant to acid attack, structurally compatible with
calcite, involves relatively simple chemistry, is inexpensive and does not noticeably alter the
aesthetics of the stone. For this, the mineral hydroxyapatite (HAP) is proposed and investigated.
The goal is to examine the feasibility and effectiveness of the low solubility HAP mineral as a
protective coating to retard dissolution of marble. Hence, a novel and benign treatment that
reduces the corrosive effects of acid rain on marble is developed and its specifics analysed, in
an effort to preserve mankind’s works of art.
The second motivation of this research is to investigate the application of HAP as a
consolidant for weathered limestone. Limestone, being a porous stone, undergoes physical and
chemical weathering due to various environmental causes, outlined in section 1.6. Gradual
weathering over time reduces stone strength and durability. There are a number of chemicals
that are utilised to consolidate weathered limestone, but these are not entirely effective for
various reasons including creation of stone hydrophobicity, degradation in the presence of
ultraviolet (UV) light or bacteria, and poor penetration of the stone (detailed in section 1.6). The
goal is thus to develop a novel consolidant with high binding affinity, high penetration depth and
the ability to withstand UV and bacterial attack, while increasing stone integrity without impairing
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water transport properties. HAP, which is an inorganic mineral that is immune to microbial and
UV attack, and can be deposited using aqueous chemistry, is thus proposed and explored as a
novel consolidant for weathered limestone.
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1.3 Background:	
  Calcite	
  
1.3.1 Properties	
  
Calcite is the most stable mineral of calcium carbonate (CaCO3) below 400oC [9]. The
other CaCO3 minerals are aragonite (less stable) and vaterite (least stable). Calcite is found
naturally in sedimentary rocks, such as limestone, metamorphic rocks, such as marble, and in
the shells of various sea creatures [3]. It is also present in igneous rocks in certain volcanic
environments [3, 10].
Calcite is found in a variety of hues, but is most commonly colourless or white. Some
properties of the mineral are listed in Table 1. Calcite belongs to the trigonal crystal system and
is distinguishable by its rhombohedral form [11]. However, naturally occurring rhombohedra are
rare and calcite occurs in different habits, such as acute to obtuse rhombohedra, prisms or
scalenohedra. Perfect cleavage occurs in three directions along the rhombohedral angle, on the
(211) plane [11]. The unit cell is displayed in Figure 2. On the left is a view into the z plane and
on the right a view into the x and y planes. Calcite’s unit cell lattice parameters are presented in
Table 2.

1.3.2 Limestone	
  
Limestone is a sedimentary rock composed primarily of calcite. The calcite grains are
present as shell remains of marine organisms (e.g. corals), ooids, intraclasts and extraclasts [3].
Some varieties, such as coquina, are made up mostly of fragments of marine remains, while
others, such as oolitic limestone, are formed mainly as oolites, which are spherical grains of
concentric calcite [12]. In addition, the stone contains small amounts of silica, silt, clay, organic
matter and iron oxide impurities. Because of these impurities, the colour of limestone can vary
significantly.
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Unlike marble, limestone is rather porous, with porosities typically ranging from 5% to
20% [13]. As a result, it undergoes both physical and chemical weathering from various
processes, such as the crystallisation of salts in pores (physical), freeze-thaw cycles (physical),
wind erosion (physical), and acid dissolution (chemical).
Limestone has been one of the most popular building materials both for ancient and
mediaeval architecture, such as the pyramids of Giza and the Reims Cathedral, as well as more
modern applications. For example, the Empire State building is faced with Indiana limestone, a
variety quarried in Bloomington, Indiana and used in many structures in the United States.

1.3.3 Marble	
  
Marble is a polycrystalline rock also composed mainly of calcite, with small amounts of
impurities such as silt, clay and iron oxides [14]. It is a product of the metamorphism
transformation of limestone at elevated temperatures and pressures over many years, which
effectively removes sedimentary textures and recrystallises the rock. This removes its porosity
and creates a compact structure with tightly packed grains connected at grain boundaries [14].
A grain boundary is the interface between two grains, as shown in Figure 3. It is a high-energy
interface and constitutes a defect in the material. When etched with acid, the grain boundaries
are usually attacked first [15].
Marble also contains twin boundaries, which exist between two inter-growing crystals
that are mirror images of each other [15]. These are low energy interfaces as the crystals share
the same lattice points and symmetry, unlike the grain boundary interfaces, where the
connections are via arbitrary orientations. Twinning occurs due to lattice interruptions during
crystal formation and growth or from stresses exerted on existing crystals.
Marble can be found in various colours such as pink, green, black and white. Due to its
appearance and texture, marble, particularly the white variety, has been used extensively as a
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building and sculpting material since medieval times. Examples include Michelangelo’s David
(Florence, Italy), the Parthenon (Athens, Greece), the Taj Mahal (Agra, India), and the Marble
Arch (London, UK).
As marble is essentially nonporous, it is not vulnerable to many weathering processes,
such as damage from ice and salt crystallisation, which plague its parent stone. However,
calcite is a relatively soluble mineral and is thus susceptible to being dissolved in the presence
of acid [5]. This has become a concern in the last century, which has seen an increase in the
acidity of precipitation.

1.3.4 Iceland	
  Spar	
  
Iceland Spar is a transparent, single crystal variety of calcite, originally found in Iceland.
It exhibits double refraction and is used to exhibit light polarisation, with applications in polarised
optical devices [16]. It is obtained by cleavage along the rhombohedra, which can easily be
cleaved further. It is different from marble and limestone in that, as a single crystal, it contains
no grain or twin boundaries.
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1.4 Background:	
  Acid	
  attack	
  
The pH of natural, unpolluted rainwater is approximately 5.6 due to the presence of
carbon dioxide, CO2. The pH is decreased further by the presence of sulphur dioxide, SO2, and
nitrogen oxides, NOx, that arise from natural processes, such as decaying vegetation (CO2),
microbial and volcanic activity (SO2) and electric discharge from lightning (NO) [4]. However,
with the onset of industrialisation in the last century, anthropogenic processes that involve
industrial emissions and fossil fuel production have increased the amounts of SO2 and NOx in
air. In the United States alone, roughly 2/3 of all SO2 and 1/4 of all NOx come from power
generation that relies on the burning of fossil fuels [4]. In parts of the world with high pollution
levels, the pH of rain can be as low as 4.5. Prevailing winds carry these pollutants for hundreds
of kilometres, so that the problem is not only prevalent near power plants, but sometimes as far
away as neighbouring countries. Various estimates on the rate of stone decay due to industrial
pollution exist, as shown in Figure 4. Although the different authors’ ranges of estimation are
large, the general trend in the last 100 years is upward.
As calcite is a rather soluble mineral, this presents a pressing problem for marble
monuments and sculptures. Both sulphur dioxide and nitrogen oxides are responsible for
corroding marble. In the presence of water, SO2 forms sulphuric acid, H2SO4. Calcite reacts with
H2SO4 to produce a gypsum crust, CaSO4•2H2O [17]:

CaCO3 + H 2 SO4 + H 2O → CaSO4 ⋅ 2H 2O + CO2

1.1

The crust collects dust and soot from the atmosphere, causing rough blackened patches
on marble, such as in Figure 5. As gypsum dissolves relatively rapidly compared to calcite, it is
generally found in parts of the stone shielded from rain. NOX interacts with water to produce
nitric acid, HNO3. This then reacts with calcite to produce the extremely soluble calcium nitrate,
Ca(NO3)2, which is washed away with rain [17]:
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CaCO3 + 2HNO3 → Ca ( NO3 )2 + H 2O + CO2

1.2

These reaction rates increase with proton (H+) concentration and hence as the pH of rain
decreases. Figure 6 shows the dependence of calcite dissolution rate on pH. The dissolution
rate, Rdiss (moles•cm-2•s-1) of calcite is compared to those of dolomite, CaMg(CO3)2 and
magnesite, MgCO3. Calcite is the most soluble of the carbonate minerals. Rdiss of calcite
increases rapidly with a decrease in pH in the acidic region: at the pH of normal rainwater (5.6),
Rdiss is approximately 10-10 moles•cm-2•s-1. However, at pH 4.5 which can occur in highly
polluted areas, Rdiss is 30 times higher at approximately 10-8.5 moles•cm-2•s-1.
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1.5 Review:	
  Protective	
  coatings	
  
1.5.1 Historical	
  coatings	
  	
  
Scientists have observed colourful patinas on various marble sculptures and façades in
the Mediterranean for many years, the origins of which are unclear. For example, orange
patinas observed on a Parthenon column by Kouzeli et al. in 1988 were examined and found to
contain phosphate and oxalate compounds [18]. Patinas reported on some of the Elgin marbles
at the British Museum by Jenkins and Middleton were found to contain oxalates [19]. The
patinas obtain their interesting colours from organic matter and iron oxides contained in them.
There are two theories on the origins of these patinas [20, 21]:
Natural processes
Organisms’ metabolic activity releases chemicals that over long periods of time react
with the stone to produce patinas. For example, lichen, fungi and bacteria secrete oxalic acid,
which can react with calcite to form calcium oxalate. Pigeon droppings contain phosphate-rich
compounds that could also react with calcite to form calcium phosphate.
Anthropogenic sources
Another theory is that organic substances, mainly protein-containing substances, such
as milk, lard and egg white, were applied to the surfaces of the stones for aesthetic or protective
purposes, and have over time biodegraded to produce oxalate and phosphate deposits.
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1.5.2 Modern	
  coatings	
  	
  
Since the early twentieth century, the corrosive effects of acid rain on marble have
become more apparent and have led scientists to work on methods to protect the stone. One of
the most effective methods of protection is surface modification. This can be achieved by
chemically treating the exposed surface of marble to convert it to a less soluble material that will
reduce its dissolution rate in acid.
In 1990, Compton et al. studied coating marble with various carboxylic acids to reduce
its dissolution rate [22]. They found that maleic acid, tartaric acid and fumaric acid inhibited the
dissolution rate of calcite, in decreasing order. Tartaric acid is currently patented and being sold
in the US under the trade name Conservare® HCT by PROSOCO, a company that produces
specialty treatments for buildings (Figure 7).
In the mid-nineties, Matteini et al. investigated the use of ammonium oxalate,
(NH4)2C2O4, to obtain protective coatings for marble [23]. Ammonium oxalate reacts with calcite
to produce the mineral calcium oxalate in the form of whewellite, CaC2O4•H2O (more common)
or weddellite, CaC2O4•2H2O (Figure 7). However, tests showed that the protection conferred by
the calcium oxalate was not as great as was hoped [24]. There are two reasons why this may
be the case:
Crystal symmetry and lattice parameters
The minerals belong to different crystal systems. Calcite falls under the trigonal crystal
system, but whewellite is under the monoclinic crystal system and weddellite the tetragonal
crystal system [25, 26]. The lattice parameters of each mineral are given in Table 3.
The large mismatch in symmetry and lattice parameter between calcite and calcium
oxalate, both whewellite and weddellite, would prevent epitaxial growth of calcium oxalate on
the calcite substrate.
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Solubility consideration
The solubility of whewellite (Ksp = 2 x 10-9) [7] is not significantly lower than that of calcite
(Ksp = 4.8 x 10-9) [27], which suggests that even if a coherent film of calcium oxalate on calcite
could be obtained, the retardation of acid attack on the stone would still be limited.
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1.6 Background:	
  Weathering	
  of	
  limestone	
  
Salt crystallisation: This is a phenomenon that occurs when saline water in stone
pores and cracks evaporates, leaving salt crystals such as sodium sulphate, calcium chloride
and magnesium sulphate to form and grow [1]. The difference in crystal structure between the
salt and mineral crystals in the pore walls creates repulsive forces. If the salt was in direct
contact with the stone, it would not be able to grow further. However, due to the repulsive
forces, both solids prefer to be in contact with solution, rather than with each other and so a thin
film of liquid exists between the salt and pore wall, which allows the salt to continue to grow and
generate stress on the stone [28].
Freeze-thaw cycling: When water in the pores of a stone freezes and transforms into
ice, it undergoes a volume expansion of approximately 10%. As with salt crystallisation, damage
is caused not by the volume change but by the pressure exerted on pore walls [29]. If the stone
pores are nearly saturated with water, then the growing ice crystals create stresses on the wall
[30]. Water that enters cracks in the stone and subsequently freezes can cause the cracks to
propagate further and once the ice melts, the water can flow further into the stone cracks and
generate further stress in the next freeze cycle. Over time, this process can cause considerable
damage to the stone.
Thermal stresses: Temperature changes, such as with day and night variations in the
desert, result in stone volume expansion and contraction. Calcite is anisotropic and hence when
heated, it expands in two directions and contracts in the third [31]. Therefore, marble and
limestone are especially susceptible to thermal cycling. The expansion and contraction lead to
granular decohesion of the grains, which results in stone deterioration. Even when temperature
variations are not large, the repeated heating and cooling causes the stone to weaken and

	
  

12	
  

disintegrate. In addition to expansion and contraction from heating and cooling, release of
residual stress after quarrying can result in deformation.
Acid rain: Acid dissolution of calcite crystals (as explained in Section 1.4) causes
limestone, like marble, to disintegrate at grain surfaces and boundaries. This is a form of
chemical weathering, which in addition to the other weathering mechanisms, also contributes to
the weakening of limestone.

1.7 Review:	
  Consolidation	
  
Consolidants are materials applied to weathered stone that act as glue to bind grains
together and restore stone mechanical integrity [32]. There are various classes of consolidants,
including polymeric, lime-based and silicate consolidants.
Polymeric consolidants include epoxy resins, polyacrylates, polyesters, etc. The main
disadvantage of polymer-based consolidants is their limited penetration depth, sensitivity to
ultraviolet rays and susceptibility to microbial attack [33]. Lime-based consolidants consist of
limewater, Ca(OH)2, which when applied to the stone converts to calcium carbonate using
carbon dioxide from the air. The treatment is chemically compatible with calcite but suffers from
slow reaction rate, limited penetration depth and induced changes to the stone’s appearance
[3].
Silicate-based consolidants are effective on silicate stones, such as quartzitic sandstone,
due to their chemical compatibility [8]. One such consolidant is tetra-ethoxy-ortho-silicate
(TEOS), -(Si(OC2H5)4)n- [34]. The main issue with silicate consolidants is the large period of time
required for the consolidant to become fully hydrophilic [8]. Furthermore, this class of
consolidants is excellent for silicate stones, due to the strong bonding, but with carbonate
stones, the bonding is mechanical and hence, less effective.
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1.8 Research	
  Outline	
  
1.8.1 Thesis	
  goal	
  
The aim of this dissertation is to develop a protective surface treatment based on the
mineral hydroxyapatite, to prevent acid attack on marble and to consolidate weathered
limestone. Specifically, the following goals will be addressed:
I.

To explore the feasibility of forming crystalline HAP films on calcite at ambient conditions
suitable for field application

II.

To examine physical and chemical properties of the film, and to investigate the nucleation,
growth and phase evolution of the coatings

III. To analyse the effectiveness of the treatment in protecting marble from acid attack
IV. To investigate the effectiveness of HAP as a consolidant for weathered limestone, alone
and coupled with a silicate-based consolidant

1.8.2 Thesis	
  outline	
  
The thesis is divided into six chapters, of which this introduction is the first. The contents
of the remaining chapters are briefly outlined:
Chapter 2: Chemistry and chemical variations
In Chapter 2, the chemistry of calcium phosphate (CaP) synthesis on calcite is
discussed. Experiments are conducted to determine the feasibility of synthesising crystalline
HAP films on calcite. Various cationic and anionic additions, cationic substitutions and
phosphate precursors are tested to determine the most effective treatment options. The goal is
to obtain a preliminary selection of precursors and reaction conditions to investigate in detail in
the following chapter.
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Chapter 3: Nucleation, growth and phase evolution of HAP on calcite
The dependence of film nucleation and growth on substrate surface roughness, grain
orientation and solution composition are investigated. Film growth is monitored over time, and
comparisons made between films synthesised using the treatments from Chapter 2. The CaP
phases in the film are identified and phase evolution sequence studied, using techniques such
as scanning electron microscopy and X-ray diffraction. The goal is to compare the different
recipes to identify the reaction conditions that result in the film with the most desirable
properties.
Chapter 4: Acid dissolution of marble
In this chapter, the dissolution kinetics of calcite in acid are elucidated. Then, the
dissolution behaviour and attack mechanism of acid on marble are studied. A laboratory
procedure to test the effectiveness of the coatings is developed, and the protection conferred by
the different recipes compared. Finally, a comparison of coating performance with existing
treatments developed by other researchers is made.
Chapter 5: Consolidation of weathered limestone
In chapter 5, HAP is explored as a novel consolidant for weathered limestone, on its own
in place of traditional consolidants and as a coupling agent between calcite and a conventional
silicate-based consolidant. A technique to accelerate the reaction of the silicate-based
consolidant is also developed. Finally, the effectiveness of HAP as a consolidant is compared to
the silicate-based consolidant.
Chapter 6: Conclusions and Recommendations
The conclusions drawn from this dissertation are presented in the final chapter, and
recommendations for future work outlined.
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1.9 Appendix	
  I:	
  Tables	
  	
  
Table 1: Common properties of calcite [27, 35].
Property

Value/Description

Density, ρ

2.71 gcm-3

Molar volume, Vm

36.9 cm3mol-1

Mohs hardness

3

Solubiity, Ksp (25oC)

4.8 x 10-9

Fracture

Conchoidal

Cleavage

Rhombohedra; perfect

Table 2: Lattice parameters of calcite unit cell [36].
Lattice parameters (Å)
Mineral

Calcite

	
  

a

b

c

4.99

4.99

16.91
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Table 3: Lattice parameters of calcite and calcium oxalate [25, 26].
Lattice parameters (Å)
Mineral

	
  

Crystal system
a

b

c

Calcite

4.99

4.99

16.91

Trigonal

Whewellite

6.28

7.29

9.99

Monoclinic

Weddellite

12.37

12.37

7.36

Tetragonal
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1.10 Appendix	
  II:	
  Figures	
  

Figure 1: Statue damaged due to acid rain from industrial pollution [3].

Figure 2: Calcite unit cell top (left) and side (right) views, where red spheres = Ca, blue spheres
= O, purple spheres = C (CrystalMaker® 8.1).
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Figure 3: Sketch of two crystals, with grain and twin boundaries (HeliosPaint® 1.0, left) and
optical micrograph of calcite crystals showing tightly packed grains (right) [37].

Figure 4: Estimated stone decay by various authors [3].
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Figure 5: Gypsum crusts on marble baluster in Washington DC [38].

Figure 6: Dissolution rates of calcite, dolomite and magnesite with pH [5].

Figure 7: Tartaric acid molecule, which reacts with calcite to produce calcium tartrate (left) and
calcium oxalate molecule, without the hydrate (right).
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2 Chemistry and chemical variations
2.1 Introduction:	
  Hydroxyapatite	
  
2.1.1 Background	
  
Hydroxyapatite (HAP) is a mineral with chemical formula Ca5(PO4)3(OH), usually written
as Ca10(PO4)6(OH)2 to denote that each unit cell consists of two formula units [1]. The unit cell
consists of six phosphate ions, PO43- surrounded by ten calcium ions, Ca2+ and two hydroxide
ions, OH- located along the c-axis [2]. Oxygen atoms in PO43- have three unique environments
(O1, O2 and O3) while calcium atoms have two unique environments (Ca1 and Ca2), depicted
in Figure 8. Ca1 atoms are single atom columns perpendicular to the basal plane that form ionic
bonds with O1 and O2 of PO43-. Ca2 atoms form a channel centred on the c-axis, also
perpendicular to the basal plane. The positions of OH- ions are at a slight offset from the planes
formed by neighbouring Ca2 atoms, which leads to some disorder in the lattice cell. The
structure of HAP is most frequently obtained as hexagonal, although depending on the position
of OH- and the nature of disorder along the c-axis from one unit cell to the next, HAP can be
either hexagonal or monoclinic. Some properties of HAP are listed in Table 4.
In nature, HAP is rarely obtained with perfect stoichiometry and is usually found as
carbonated, calcium-deficient HAP, in which carbonate ions have replaced some of the
phosphate or hydroxide ions in the lattice and a calcium deficiency exists to compensate charge
imbalance and create thermodynamic stability [3]. Carbonated calcium-deficient HAP is the
main inorganic constituent of tooth enamel and bone. It has very low solubility and protects the
bone from acidic conditions, including acidity in foods consumed. However, carbonate
substitution is known to increase the solubility of HAP [4]. Although the exact structure and
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substitutions involved in carbonated HAP remain unclear, it is generally accepted that there are
three types of carbonation [1, 5]:
i)

B-type substitution: CO32- replaces OH-. Since CO32- ions are larger than OH- ions, lattice
constant a increases.

ii)

A-type substitution: CO32- replaces PO43-. PO43- ions are larger than CO32- ions, so lattice
constant a decreases; however, sometimes it increases due to substitution of channel
vacancies and calcium by water molecules.

iii) CO32- replaces both PO43- and OH-. The variety of stable forms is numerous and exact
ratios and structures have not been completely elucidated due to the complexities involved.
Two other forms of apatite exist: chloroapatite, Ca10(PO4)6Cl2 and fluoroapatite,
Ca10(PO4)6F2 [2]. These can be obtained via independent synthesis or by replacing the endmember OH- in HAP with Cl- or F-. Fluoroapatite is found in teeth due to remineralisation of
dental tissue by fluoridated water and has a slightly lower solubility than HAP [6].

2.1.2 Motivation	
  
Structural compatibility
The lattice parameters of HAP, calcite and calcium oxalate are presented in Table 5.
HAP in its usual form is a member of the hexagonal crystal system, specifically the hexagonal
dipyramidal form, and it has a similar crystal structure and close lattice match to calcite [7, 8].
This structural compatibility is expected to favour nucleation of HAP and permit the formation of
a coherent, epitaxial layer of HAP on the surface of calcite, as depicted in Figure 9. However,
calcium oxalate and calcite are both structurally incompatible as well as lattice mismatched.
Calcite belongs to the trigonal crystal system while calcium oxalate is monoclinic. The lattice
parameters are also very different; hence it is not feasible to expect an epitaxial film of calcium
oxalate on calcite.
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Solubility and dissolution rate
Solubility is a thermodynamic feature while dissolution rate is a kinetic feature. HAP has
both a very low solubility ( K sp ! 10 "59 at 25°C) [9] and a low dissolution rate in acid ( Rdiss = 10

!14

moles•cm-2•s-1 at pH 5.6) [10]. Both its solubility and dissolution rate are significantly lower than
those of calcite. To quantify the effect of this, an analysis of surface corrosion was conducted:

Molar volumes:

Vmol,calcite = 36.9 cm 3 ⋅ mol−1
Vmol,apatite = 159.9 cm 3 ⋅ mol−1

From the literature, at pH 5.6 [10, 11]:

Rdiss,calcite = 1× 10 −10 mol ⋅ cm −2s −1
Rdiss,apatite = 1× 10 −14 mol ⋅ cm −2s −1

This gives surface removal rates:

Rremoval,calcite = 3.69 × 10 −9 cm ⋅s −1 = 0.12 cm ⋅ year −1
Rremoval,apatite = 1.59 × 10 −12 cm ⋅s −1 = 5 × 10 −5 cm ⋅ year −1

Assuming it rains 1% of a year, the removal rates are:

Rremoval,calcite = 12 µm.yr −1
Rremoval,apatite = 0.005 µm.yr −1

Hence, apatite is 2400 times more durable than calcite under normal rainwater. The
significance of this is that a dense and adherent HAP film of 1 µm thickness could provide
protection for 200 years, if the pH of rain was 5.6. This decreases at more acidic pH but the
retardation in dissolution would still be on the order of decades.
Polymer comparison
There are a number of reasons as to why HAP is preferable to polymer coatings for
protecting marble from dissolution. Firstly, polymers degrade in the presence of UV rays.
Hence, a polymer coating in the Mediterranean or India may not have sufficient durability, given
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the sunlight exposure in these regions. There are other disadvantages of using polymers, such
as susceptibility to abrasion and breakdown due to microbes. Besides removing the beneficial
effect of the coatings, these factors can also change the appearance of the stone and remove
its aesthetic value. HAP, not being affected significantly by these issues, is more promising as a
protective coating.

2.1.3 Phosphate	
  chemistry	
  
Hydroxyapatite is one of many calcium phosphate phases, which include amorphous
calcium phosphate, monocalcium phosphate monohydrate, tricalcium phosphate, dicalcium
phosphate dihydrate (brushite) and octacalcium phosphate. There is a huge body of research
on calcium phosphate growth and phase equilibria in the biomedical literature [12-14]. The main
points are summarised in this section.
Figure 10 displays solubility isotherms for the CaP phases at 25°C and 37°C and 0.15 M
ionic strength (physiological level ionic strength) [12, 14]. HAP has the lowest solubility over the
pH range of interest, which is above pH 6. In this range, the other phases are metastable and
are expected to convert to HAP. Both OCP and DCPD have been found as precursors in HAP
formation in various in vitro crystallisation studies. However, the phase transformation sequence
is dependent on solution supersaturation: at 25°C, for pH < 6.7, DCPD is the precursor for HAP
while at pH > 6.7, OCP is obtained. At pH between pH 4 and 5, HAP and DCPD switch places
in stability so DCPD is the thermodynamically stable phase at pH below ~5. The influence of a
substrate such as calcite on the sequence of phase formation has not been reported previously.
Amorphous calcium phosphate (ACP)
ACP is an amorphous phase with no long-range order that can be detected by X-ray
diffraction. There is general agreement that ACP forms in solution at sufficiently high
supersaturations and pH as a precursor to OCP and HAP. The composition of ACP largely
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depends on the concentration of the supersaturated solution. It has been found to consist of
aggregates of small nuclei, which are highly unstable and almost instantaneously hydrolyse to
more stable phases. ACP has generally only been detected in neutral to basic conditions. In
acidic conditions, brushite and MCPM are more likely precursors.
Dicalcium phosphate dihydrate (DCPD) or brushite
Brushite is a high solubility calcium phosphate that is more stable in acidic conditions.
Between pH 5 and 7, DCPD nucleates as a precursor to HAP, and below pH 5, DCPD is the
most stable phase. At neutral to basic pH, DCPD is generally not found and OCP becomes the
most likely precursor for HAP (depending on the concentration). Brushite has been found to
consist of chains of calcium phosphate that form parallel to each other, interlayered with lattice
water.
Octacalcium phosphate (OCP)
OCP forms in alternate apatitic and hydrated layers. The apatitic layer consists of
densely packed calcium and phosphate ions in a structure similar to HAP. The hydrated layer is
composed of lattice water and more loosely packed calcium and phosphate ions. Due to the
similarity in crystal structure between OCP and HAP, the two phases can grow epitaxially on top
of each other in layers.

2.1.4 Synthesis	
  routes	
  
Hydroxyapatite has been studied extensively for biomedical applications, such as growth
of artificial tooth and bone implants. Common HAP synthesis methods include wet precipitation
[15, 16], hydrothermal treatment [17] and sol-gel synthesis [18, 19]. Osaka et al. used a wetprecipitation technique to prepare apatite from calcium hydroxide and orthophosphoric acid [16].
They investigated a range of temperatures and found that lower temperatures yielded smaller
crystals of apatite. Brendel et al. used a sol-gel method whereby calcium nitrate was reacted
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with phenyldichlorophosphite to form apatite at 400°C [18]. However, the product they obtained
was of low purity. Liu et al. also utilised a sol-gel route to react triethyl phosphite with calcium
nitrate and found that crystal size and HAP content in the gels increased with calcination
temperature [19].
In this field, most of the literature focuses on synthesising HAP at high temperatures and
pressures for fast reaction rates and high crystallinity. These elevated conditions are not a
concern in biomedical studies, but are not practical for art conservation, as there is no
opportunity to alter field conditions. Hence, the first step was to investigate whether crystalline
HAP could be obtained using a wet precipitation technique at ambient conditions in a
reasonable time period for field application (i.e., within two-three days), and involving only nontoxic precursors and by-products.

2.1.5 Reaction	
  chemistry	
  
Various phosphate precursors can be reacted with calcite to form HAP [19-22].
Diammonium hydrogen phosphate (DAP), for which there is an abundance of literature citing its
use, was chosen due to its non-toxic nature and volatile by-products [19, 21]. Some of the other
phosphates have the potential to precipitate salts during reaction (e.g. disodium hydrogen
phosphate) while others (e.g. phosphoric acid) involve acidic pHs that favour the formation of
more soluble calcium phosphates and would pose hazards during field application. The reaction
between calcite and DAP is essentially a dissolution-precipitation reaction [21, 23, 24]:
10CaCO3 + 5 ( NH 4 )2 HPO4 → Ca10 ( PO4 ,CO3 )6 (OH ,CO3 )2 + 5 ( NH 4 )2 CO3 + 3CO2 + 2H 2O
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2.1

2.2 Introduction:	
  Chemical	
  variations	
  
2.2.1 Cationic	
  addition	
  
In the reaction between DAP and calcite, the calcium ions consumed in HAP
precipitation are leached from the calcite. Clearly it is undesirable to have to dissolve a mineral
in the attempt to protect it. To prevent calcite from dissolving, calcium ions may be provided
externally using a calcium salt precursor. Inclusion of calcium ions at certain levels would make
the solution supersaturated relative to the mineral and hence, prevent its dissolution. This could
also serve to enhance the reaction rate, as calcium ions are made available from the start.

2.2.2 Anionic	
  addition	
  
Although carbonate is not a component of HAP and its substitution into the HAP lattice is
undesirable due to its negative effect on HAP solubility, a certain amount of carbonate salt may
also be required to provide a supersaturated solution and hence suppress calcite dissolution [4].
The amounts of calcium and carbonate additions that would achieve this are calculated in
section 2.4.

2.2.3 Cationic	
  substitutions	
  
To reduce the epitaxial mismatch of 5.5% between calcite and HAP (Table 5), HAP unit
cell lattice parameters could be increased via ionic doping with a larger cation to more closely
approximate the slightly larger lattice spacing in calcite. Various studies have utilised cationic
doping to alter the crystal structure of HAP, and strontium, Sr2+ is a favourable substitution for
Ca2+ due to its slightly larger ionic radius (Table 6), which allows it to enter the crystal lattice in
place of Ca2+ and increase the lattice spacing [25, 26]. Research has shown that substituting
intracrystalline Ca2+ in HAP with Sr2+ and Ba2+ have resulted in the formation of strontiumapatite and barium-apatite with varying degrees of Sr2+/Ba2+ substitution [27-29]. According to a
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study by Dedhiya et al. to investigate ways of reducing dental caries, incorporation of Sr2+
increased HAP lattice parameters and the presence of Sr2+ and PO43- in an acidic solution
containing HAP had the effect of retarding its dissolution rate [26]. A study by Yasukawa et al.
showed that Ba2+ incorporation had the effect of increasing the lattice parameters on Ba-Srapatite (Figure 11) [26, 29]. Magnesium, Mg2+ is slightly smaller than Ca2+ and ionic substitution
with Mg2+ has also been studied, although the results in terms of lattice incorporation and HAP
stability were less promising [30].

2.2.4 Precursor	
  variation	
  
Other possible phosphate precursors for HAP formation are ammonium dihydrogen
phosphate (ADP), (NH4)H2PO4 and triammonium phosphate (TAP), (NH4)3PO4, both of which
were tested, and described in the following sections.
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2.3 	
  Methodology:	
  Experimental	
  analysis	
  
2.3.1 Materials	
  
Carrara marble (CM) was used in this study. It is a pure white variety quarried in
Carrara, Italy with connected porosity of 0.01 - 0.22% [31]. CM samples used were saw-cut
cubes with dimensions of 0.5 x 0.5 x 0.5 cm3. To determine the impurities present in Carrara
marble, an Inductively Coupled Plasma-Optical Emission Spectrometer (ICP-OES, Varian’s
Vista-PRO) was used to analyse samples (ground marble dissolved in 5 wt% nitric acid matrix).
DAP (puriss. p.a. ≥ 99%), ADP (ACS reagent ≥ 99.0%), calcium chloride (CaCl2.2H2O,
ACS reagent ≥ 99.0%), calcium formate (Ca(COOH)2, BioUltra ≥ 99.0%), calcium gluconate
(CaC12H22O14·H2O, Ph Eur) and strontium chloride (SrCl2.6H2O, ACS reagent ≥ 99.0%) were
purchased from Sigma-Aldrich, ammonium carbonate ((NH4)2CO3, assay > 99.8%) from
Mallinckrodt Chemicals and magnesium chloride (MgCl2.6H2O, ACS reagent ≥ 99.0%) from
EMD Millipore, their concentrations made up with deionised (DI) water. TAP was obtained from
City Chemical LLC and labelled as purified, although the exact purity was not provided.

2.3.2 Basic	
  reaction	
  	
  
The feasibility of a reaction occurring between DAP and calcite to produce HAP under
ambient conditions was tested using treatments ranging from 1 mM DAP to 2 M DAP for various
time periods up to 24 hours, first at 105°C, then at 60°C and finally at room temperature. Prior to
reacting, all samples were rinsed in DI water and ethanol to remove excess impurities. The CM
cubes were then immersed in 100 ml solution in 250 ml beakers and sealed with Parafilm®.
Samples treated at higher temperatures were placed in a convection oven pre-set to the desired
temperature.
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2.3.3 Chemical	
  variations	
  
Cationic species were added as calcium gluconate (CaG), calcium formate (CaF) and
calcium chloride (CaCl2), at concentrations ranging from 1 M DAP + 0.5 mM CaX to 1 M DAP +
2 mM CaX (where X = formate, gluconate or chloride) for 24 hours. (NH4)2CO3 was added to
produce solutions of 1 M DAP + 1 mM CaCl2 + X µM (NH4)2CO3, where X = 15, 50 or 150 µM.
Samples were reacted for 24 hours and 48 hours. Doping with strontium and magnesium ions
was investigated by making solutions with compositions listed in Table 7. The solutions were
prepared and mixed in advance, before being reacted with calcite. ADP and TAP were tested as
alternatives to DAP at concentrations of 1 M and 0.1 M respectively, for treatment durations of
4, 12 and 24 hours. All chemical variation experiments were conducted using the technique and
solution quantity identical to the previous section.

2.3.4 Evaluation	
  of	
  treatment	
  
Treated samples were removed at the end of their reaction time interval, rinsed in
deionised (DI) water for 60 seconds, left to dry overnight and then investigated under a
scanning electron microscope (SEM, FEI Quanta 200 ESEM) for signs of film formation and
microstructural changes. This was done in high vacuum and samples were pre-coated with
carbon to render them conductive in the chamber. The instrument’s energy dispersive X-Ray
spectroscopic (EDX) capability was utilised to confirm mineralogical composition. X-Ray
diffraction (XRD) was used to confirm phase composition.
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2.4 Methodology:	
  Theoretical	
  analysis	
  
To determine the governing equilibrium pH and ionic speciation in the systems of
interest and attempt to elucidate experimental results, theoretical analysis of two main systems
were studied: a DI water medium which is in equilibrium with the atmosphere (open system) and
DAP solution that is also in equilibrium with the atmosphere. The analysis involved taking into
account a complex system involving various carbonate species and where DAP was involved,
phosphate species. In a similar manner, the dissolution kinetics of calcite in nitric acid solution
are explored in detail in Chapter 4.

2.4.1 Speciation	
  in	
  water	
  	
  
DI water

⎯⎯
⎯⎯
→ H + OH . In an aqueous system
The dissociation of water occurs as H 2O ←
KW

+

−

containing carbonate, the dissolved carbonate species are present as CO32-, HCO3- and H2CO3,
with equilibrium reactions as follows:
kH
!!
!!
" CO2 (aq)
CO2 (g) #

2.2

K1
!!
!
" H 2CO3 (aq)
CO2 (aq) + H 2O #
!

2.3

!!
!!
" H + (aq) + HCO3$ (aq)
H 2CO3 (aq) #

2.4

K3
""
""
# H + (aq) + CO32! (aq)
HCO3! (aq) $

2.5

K2

In an open system in equilibrium with the atmosphere, the dissolved carbonate
concentration in water is determined by the amount of atmospheric CO2 that forms H2CO3 in
water. Since the partial pressure of CO2 (g) is relatively constant at PCO2 = 0.039% of Patm (i.e.
the atmosphere contains 400 ppm of CO2), [CO2 (aq)] and [H2CO3]eq are set by the atmosphere
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(Equations 2.2 and 2.3) [32]. Following the procedure described in Appendix III (section 2.11),
the extended Debye-Hückel equation was used to determine the activity coefficients, which
were then used to determine the concentration of all species in DI water equilibrated with the
atmosphere. The results are presented in section 2.5.3.
Calcite in DI water
When calcite comes into contact with water, calcite dissociates. The following
equilibrium equations are used to quantify speciation in solution:

⎯⎯
⎯⎯
→ Ca 2+ (aq) + CO32− (aq)
CaCO3 (s) ←

2.6

K5
⎯⎯
⎯⎯
→ CaHCO3+ (aq)
Ca 2+ (aq) + HCO3− (aq) ←

2.7

K6
⎯⎯
⎯⎯
→ CaOH + (aq)
Ca 2+ (aq) + OH − (aq) ←

2.8

K4

As detailed in section 2.11 (Appendix III), the extended Debye-Hückel equation was
used to establish activity coefficients, and the concentrations of all species in DI water
equilibrated with calcite and the atmosphere were then determined. The results are presented in
section 2.5.3.

2.4.2 Speciation	
  in	
  phosphate	
  solution	
  
When a phosphate salt dissolves in water, the equilibrium expressions for the three
phosphate species in solution, namely phosphate, PO43, hydrogen phosphate, HPO42- and
dihydrogen phosphate, H2PO4- are:

⎯⎯
⎯⎯
→ H 3PO4
H + + H 2 PO4 − ←

2.9

⎯⎯
⎯⎯
→ H 2 PO4 −
H + + HPO4 2− ←

2.10

K7

K8
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⎯⎯
⎯⎯
→ HPO4 2−
H + + PO4 3− ←
K9

2.11

DAP dissolves in solution to form NH 4 + , H 2 PO4 − , HPO4 2− and PO4 3− . Ammonium and
phosphate conservation equations were written and these along with solubility equilibrium
equations and electrical neutrality equations were solved numerically to obtain the pH and
distribution of species in 1 M DAP, 1 M DAP + 1 mM CaCl2, 1 M TAP and 0.1 M TAP solutions
(Appendix III).
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2.5 Results	
  
ICP-OES testing of Carrara marble samples indicated impurities of magnesium, iron and
phosphorous in minute quantities (Table 8).

2.5.1 Basic	
  reaction	
  	
  
Reaction at 105°C resulted in sheet-like crystal formation in 1 hour (Figure 12). The
average crystal radius was approximately 3 µm. At 60°C, film formation was observed at 6
hours and the average crystal radius was approximately 2-3 µm. By 18 hours, surface coverage
was almost complete.
At room temperature, there was no crystal formation from reaction with 0.1 M DAP after
24 hours (Figure 13). In 1 M DAP, reaction began at 4 hours and by 24 hours, almost complete
surface coverage was observed. The crystals were more flowery than sheet-like and at 1-2 µm,
smaller in size than in the elevated temperature reactions. In 2 M DAP, there was also almost
complete surface coverage at 24 hours but visible film cracking occurred, resulting in sections
where the film had spalled off. The pH of 1 M DAP solution changed from 8.2 to 7.5 after 24
hours (Figure 14).

2.5.2 Chemical	
  variations	
  
Of the three calcium salts tested, calcium chloride appeared to produce the densest film
of highest surface coverage over the 24-hour testing period (Figure 15). Both calcium gluconate
and calcium formate additions resulted in patchy and incomplete film growth after 24 hours.
Addition of ammonium carbonate resulted in higher growth rate than the base 1 M DAP + 1 mM
CaCl2 (Figure 16). In addition, moderately extensive film cracking in all three carbonate
concentrations was observed.
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All combinations of SrCl2 doping, with and without CaCl2, resulted in lower reaction rates
than DAP-CaCl2. Films synthesised from solutions with SrCl2 contained strontium as confirmed
via EDX, but no separate strontium salt phase was detected via XRD in any of the samples
(Figure 17). The 1-DAP-CaCl2-MgCl2 combination resulted in film growth and coverage similar
to DAP-CaCl2 with no indication of magnesium inclusion, although many large prismatic crystals
were precipitated from the solution on the surface of the film and these contained magnesium
and phosphorous (Figure 18). The remaining MgCl2-containing solutions did not result in
magnesium contribution either, whether to film content or reaction rate. In these solutions, two
of which contained no CaCl2, no magnesium salt crystal precipitation above the film occurred.
CM subjected to 1 M ADP experienced increased reaction rate over its DAP
complement, achieving complete surface coverage in 4 hours (Figure 19, left). The crystals
were also of a visibly different morphology to those synthesised from DAP, appearing flat and
blade-like rather than flowery or plate-like. The crystals were oriented at different angles, from
horizontally positioned to stacked at a 90° angle from the calcite surface (Figure 19, middle).
The size of the crystals decreased with increasing reaction time, and at 24 hours, some crystals
were blade-like while others were shorter and plate-like (Figure 19, right). XRD confirmed the
presence of crystalline brushite in samples reacted for 4, 12 and 24 hours. No other crystalline
or amorphous phase, including hydroxyapatite, was detected. The initial pH of 1 M ADP was
approximately 4.
Reaction with 0.1 M TAP for 24 hours failed to result in film formation. 1 mM TAP + 0.5
mM CaCl2 produced films of patchy coverage with visible and widespread cracking.
Combinations of higher concentrations of TAP and CaCl2 led to clouding of the solution within
72 hours of shelf life, and were hence not reacted with marble. The purity of TAP was not
specified but EDX did not detect any impurities.
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2.5.3 Theoretical	
  analysis	
  
DI water
The following results were generated for the pH and concentrations of all species in DI
water equilibrated with the atmosphere:

Calcite in DI water
When water is in equilibrium with calcite and the atmosphere, the equilibrium species
concentrations and solution pH were determined as:
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This solution would contain ~0.5 mM of Ca2+ ions and ~9 µM CO32-. To suppress calcite
dissolution, CaCl2 and sodium or ammonium carbonate can be added. If only 1 mM CaCl2 is
added to water, the equilibrium conditions would consist of the following:

In addition to the 1 mM of Ca2+ added, there is 0.34 mM Ca2+ resulting from the
dissolution of calcite. To prevent dissolution, 350 µM Na2CO3 may be added, which results in
the following species distribution at equilibrium:
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In this case, the total concentration of calcium ions is equal to the amount of CaCl2
added, so the substrate would not dissolve. As shown below, the addition of carbonate is not
necessary when the solution contains DAP.
Calcite in DAP solution
The speciation of DAP in water equilibrated with calcite and atmospheric CO2 was
calculated and reveals that approximately 99% of the phosphate ions would exist as HPO42-.
Addition of 1 mM CaCl2 would not increase equilibrium PO43- concentration but would decrease
solution pH slightly. Since the final Ca2+ concentration is lower than the amount added to
solution, the analysis reveals that the presence of 1 M DAP + 1 mM CaCl2 is sufficient to
suppress calcite dissolution:

	
  

40	
  

Other possible precursors for HAP formation are ammonium dihydrogen phosphate
(ADP), (NH4)H2PO4 and triammonium phosphate (TAP), (NH4)3PO4. The equilibrium species
concentrations for each precursor can be calculated in a similar manner to the above. For
example, if TAP were used at a 1 M concentration, approximately 13% of the phosphate ions
would exist as PO43-; if 0.1 M TAP were used, this reduces to ~2%.
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2.6 Discussion	
  
At 105°C, the crystals were most clearly distinguishable at 1 hour. By 6 hours, they had
started to coalesce and form a film network, with many flakes undergoing surface changes so
that in some areas the film had a dense and smooth appearance while in others the flakes were
still visible, although more coalesced than at 1 hour. This progression was also observed at
60°C and at room temperature, although the time periods involved were longer. The
phenomena can most likely be attributed to the system initially being kinetically driven and later
thermodynamically driven. At the beginning, when the solution is highly supersaturated, the
nucleation of small crystals occurs and reduces solution supersaturation (kinetically driven).
However, larger crystals are more energetically favourable than smaller crystals, due to their
lower surface area to volume ratio and so as the reaction proceeds, Ostwald-ripening occurs,
where the crystals grow in size and decrease in number to reduce their overall surface area to
volume ratio (thermodynamically driven).
Decrease in reaction temperature resulted in decrease in reaction rate and crystal size,
as expected from collision theory and the Arrhenius’ equation. However, as field conditions
cannot be controlled, it was imperative to ensure that the reaction could occur at room
temperature in a reasonable time period, and this was achieved for reactions at 1 M DAP and
24 hours. Higher DAP concentrations are not recommended as extensive cracking occurred,
most likely due to the drying of a thicker film.
The effect of calcium gluconate and formate on film formation was investigated due to
their partial dissociation and cationic complexation, which was thought to be a mechanism for
controlled release of calcium ions depending on solution concentration to achieve a more
homogenous film [33]. However, the lower dissociation of these salts resulted in lower film
coverage after 24 hours, while calcium chloride produced films with the highest surface
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coverage and no cracking. Therefore, the 1 M DAP + 1 mM CaCl2 combination will be carried
forward for further analysis in the following chapter.
The presence of strontium in the film coupled with the absence of a separate Sr2+ salt
phase indicates that Sr2+ was incorporated into the film lattice. However, the reaction rate was
severely reduced and film coverage was significantly lower after 24 hours than DAP-CaCl2
alone, so Sr2+ doping is not recommended. The higher MgCl2 concentrations yielded immediate
precipitation in solution due to supersaturation of solution relative to the salts. Lowering the
concentration avoided this, but failed to incorporate Mg2+ into the film’s lattice cell. These results
are most likely due to the fact that it is easier to incorporate Sr2+ into the space occupied by
Ca2+, due to the closer proximity in size between Sr2+ and Ca2+ compared to Mg2+ and Ca2+
(Table 6). Numerous attempts in the literature to incorporate Mg2+ into the lattice structure of
HAP have failed and Bigi et al. discovered that where it occurred, Mg2+ incorporation resulted in
destabilisation and conversion of HAP to ! –TCP (tricalcium phosphate, a metastable CaP)
[30].
Reaction with ADP proceeded rapidly and produced coatings of brushite. This is
because the reaction occurred below a pH of 5, which is the threshold pH under which brushite
becomes the most thermodynamically stable CaP phase, as depicted in Figure 10.
Unfortunately, at Ksp of 10-7, brushite is an extremely soluble CaP and despite the high reaction
rates and extensive film formation, it is not expected to be protective against acid attack [12].
Tests to confirm this as well as the performance of samples subjected to ionic doping will be
detailed in Chapter 4.
The DI water pH of 5.6 indicated by numerical simulations is explained by the
contribution of acidic carbonate. The pH of DI water in the lab was found to equilibrate at 5.6
within five minutes, revealing rapid establishment of equilibrium. Simulations indicated that
adding calcite increases the pH to ~8.2, and this is due to the new balance in ionic distribution.
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For 1 M DAP in equilibrium with calcite and the atmosphere, the theoretical pH of 8.4 was
closely matched by experimental values of 7.5-8.2. Simulation results also elucidated why high
concentrations of DAP were needed for sufficient film formation: HAP formation requires PO43but 99% of the phosphate ions would exist in equilibrium as HPO42. According to the
simulations, addition of 1 mM CaCl2 was more than sufficient to prevent calcite dissolution with
no carbonate required. However, experiments revealed high growth rates from carbonate
addition, most likely due to the excessive amounts of ions available for reaction at the onset.
Simulated additions of 1 mM CaCl2 did not increase PO43- concentration, but experiments
revealed higher rates of film formation, most likely due to higher Ca2+ concentration from the
onset, slow equilibrium establishment and intermediate formation of OCP, which uses HPO42- as
well as PO43- (discussed in Chapter 3). The simulations also explained the low reaction rate
between calcite and 0.1 M TAP observed in experiments, as the former predicted that only 2%
of the phosphate ions would exist as PO43- that is required for HAP formation.
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2.7 Conclusions	
  
CaP coatings on calcite were obtained within 24 hours using DAP salt via a wet
chemistry route. As temperature decreased, the reaction rate and crystal size decreased, but
crystalline film formation was still obtained at room temperature. Calcium cation additions were
successful in accelerating the reaction, particularly CaCl2 addition in millimolar quantities.
Carbonate incorporation in micromolar quantities further accelerated the reaction although film
cracking was observed.
Doping with strontium and magnesium were less successful. The former resulted in
strontium incorporation into the HAP lattice but impeded film growth, while magnesium addition
was not found to contribute to HAP composition or growth rate. This difference in lattice
incorporation between the two ions was most likely due to the greater difference in ionic radius
between calcium and magnesium, compared to calcium and strontium.
Reaction with ADP resulted in higher film growth rate but as the reaction occurred in the
region of acidic pH, the formation of the more soluble brushite was favoured. Therefore, DAP is
the preferred phosphate precursor due to its pH regime and anionic components, which favour
HAP formation.
Numerical simulations predicted that 1 M DAP and 0.1 M TAP would dissociate to form
very low concentrations of PO43-, hence elucidating experimental results in which molar
concentrations of DAP were required for film formation and millimolar concentrations of TAP did
not result in film formation.
In the next chapter, the nucleation, growth and phase evolution of films formed from
calcite exposure to DAP, DAP-CaCl2 and DAP-CaCl2-(NH4)2CO3 are discussed. The acid
resistance performance of these films, as well as films formed from reaction with strontium and
magnesium doping and ADP will be elucidated in Chapter 4.
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2.9 Appendix	
  I:	
  Tables	
  
Table 4: Common properties of HAP [9].
Property

Value/Description

Crystal system

Hexagonal

Transparency

Transparent-translucent

Density, ρ (g.cm-3)

3.16

Molar volume, Vm (cm3.mol-1)

159.9

Mohs hardness

5

Solubility, Ksp (25oC)

10-59

Fracture

Conchoidal

Table 5: Lattice parameters of calcite, calcium oxalate and HAP [7, 8].

	
  

Mineral

a (Å)

b (Å)

c (Å)

Calcite (2x)

9.98

9.98

33.82

Apatite

9.43

9.42

6.88

Calcium oxalate (2x)

12.58

29.16

20.32
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Table 6: Ionic radii of magnesium, calcium and strontium [34].
Element

Ionic radius (Å)

Mg2+

0.72

Ca2+

1.00

Sr2+

1.16

Table 7: Description of CM samples subjected to various cationic substitutions.

	
  

Sample

Treatment conditions

1-DAP-CaCl2-SrCl2

1 M DAP + 1 mM CaCl2 + 1 mM SrCl2

0.5-DAP-CaCl2-SrCl2

1 M DAP + 0.5 mM CaCl2 + 0.5 mM SrCl2

1-DAP-SrCl2

1 M DAP + 1 mM SrCl2

1-DAP-CaCl2-MgCl2

1 M DAP + 1 mM CaCl2 + 1 mM MgCl2

0.1-DAP-CaCl2-MgCl2

1 M DAP + 1 mM CaCl2 + 0.1 mM MgCl2

1-DAP-MgCl2

1 M DAP + 1 M MgCl2

0.1-DAP-MgCl2

1 M DAP + 0.1 M MgCl2
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Table 8: ICP-OES results for Carrara marble (CM) against Iceland Spar (IS) standard.
CM conc.
(mg/kg)

SD, σ (mg/kg)

(mg/kg)

SD, σ (mg/kg)

Al

2.956

0.059

6.621

0.582

B

0.078

0.003

-

Ba

1.589

0.132

0.359

0.009

Ca

389831

7797

386601

6732

Fe

12.642

0.923

0.257

0.008

K

-

-

Li

-

-

Element

	
  

IS conc.

Mg

4081

152

877

17

Mn

13.26

0.81

124.89

2.91

Na

-

-

P

18.879

0.568

1.449

0.091

S

261

9

224

7

Sr

126

8

309

5
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2.10 Appendix	
  II:	
  Figures	
  

Figure 8: HAP unit cell [2].

Figure 9: Depiction of crystal structure of HAP (left) and unit cell overlay of HAP on calcite (right)
(HeliosPaint® 1.0).

	
  

50	
  

Figure 10: Solubility isotherms of calcium phosphates at 25°C (solid) and 37°C (dotted), as plots
of (log TCa X TP) (left) and (log PT) (right) vs. pH, where TCa = total calcium concentration (M) and
TP/PT = total phosphate concentration (M) [12, 14].

Figure 11: HAP a and c parameters as a function of Sr (left) and Ba (right) content [29].
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Figure 12: CM treated in 0.1 M DAP for 1 hour (T-L) and 6 hours (T-R) at 105°C and 6 hours (BL) and 18 hours (B-R) at 60°C (T = top, B = bottom, L = left, R = right).

Figure 13: CM treated at RT for 24 hours in 0.1 M DAP resulting in no film formation (left), 1 M
DAP with moderate film coverage (middle) and 2 M DAP (right) with visible crack formation and
spalling.
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Figure 14: pH profile of 100 ml 1 M DAP in contact with CM cube (0.5 x 0.5 x 0.5 cm3).

Figure 15: CM treated in 1 M DAP + 1 mM CaG (left)/CaF (middle)/CaCl2 (right) for 24 hours.
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Figure 16: CM treated in 1 M DAP + 1 mM CaCl2 + 15 µM (NH4)2CO3 (48 hours), 1 M DAP + 1
mM CaCl2 + 50 µM (NH4)2CO3 (24 hours) and 1 M DAP + 1 mM CaCl2 + 150 µM (NH4)2CO3 (24
hours).

Figure 17: 1-DAP-CaCl2-SrCl2 reaction for 24 hours resulted in low film synthesis rate (left) and
no distinct strontium salt phase (right, blue = calcite, red = HAP).
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Figure 18: Large, prismatic crystals precipitated on the film after 24 hours reaction of CM with 1
M DAP + 1 mM CaCl2 + 1 mM MgCl2 (left) and corresponding EDX spectrum.

Figure 19: Reaction with 1 M ADP for 4 hours at low magnification (left) and high magnification
(middle) and 24 hours (right).
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2.11 Appendix	
  III:	
  Numerical	
  simulations	
  
DI water

⎯⎯
⎯⎯
→ H + OH . Kw is the solubility product
The dissociation of water occurs as H 2O ←
KW

+

−

constant for water and the equilibrium reaction is given as:

KW = { H + } {OH − }

⇒

{OH } = {KH }
−

W
+

2.12

Curly brackets denote activity while square brackets denote concentration. Activity is
related to concentration by

{ i} = γ [ i ] ,
i

where γ i is the activity coefficient of component i ,

derived from the extended Debye-Hückel equation [35]:

#
#
&
1
I
! i = exp % "
! i = exp % "A zi2
+ bi I (
1+ B ai I
%$ ! i1 + ! i2
$
' or

! i1 =
where

&
+ bi I (
I
('

2.13

B ai
1
and ! i2 =
2
A zi
A zi2

Solution ionic strength, I =

1 N
ci zi2 , zi and ci are charge and concentration,
∑
2 i=1

respectively, of species i and N is the total number of ionic species in solution. The constants
A, B, ai and bi are tabulated in the literature [36].
In an aqueous solution containing carbonate, the dissolved carbonate species are
present as CO32-, HCO3- and H2CO3. Their equilibrium reactions given as follows:
kH
⎯⎯
⎯⎯
→ CO2 (aq)
CO2 (g) ←

2.14

K1
⎯⎯
⎯
→ H 2CO3 (aq)
CO2 (aq) + H 2O ←
⎯

2.15
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⎯⎯
⎯⎯
→ H + (aq) + HCO3− (aq)
H 2CO3 (aq) ←

2.16

K3
⎯⎯
⎯⎯
→ H + (aq) + CO32− (aq)
HCO3− (aq) ←

2.17

K2

where the equilibrium solubility products, Ksp, are given by:

K1 =

{ H 2CO3 }
{CO2 (aq)}

⇒

{ H }{ HCO }
=
+

K2

{ H 2CO3 }

{ H }{CO }
=
{ HCO }
−

−

⇒

2−

3

⇒

2.18

K H CO
{ HCO } = {{ H } }

−

3

+

K3

{ H 2CO3 } = K1 {CO2 (aq)}
2

2
+

3

{CO } =
2−

3

K 3 { HCO3− }

{H }
+

3

3

=

2.19

K 2 K 3 { H 2CO3 }

{H }
+

2.20

2

In an open system in equilibrium with the atmosphere, the partial pressure of CO2 (g) is
relatively constant at PCO2 = 0.039% of Patm . By virtue of Henry’s law,

{CO2 (aq)}

is set by the

atmosphere (and so is {H2CO3}eq) and can be calculated:

{CO2 (aq)} = kH PCO = ( 3.4 × 10 −2 ) × 0.00039 = 1.33 × 10 −5 M
2

In order to achieve electrical neutrality, the sum of the positive charges in the solution
must be equal to the sum of the negative charges. An electrical neutrality equation can thus be
constructed:

⎡⎣ H + ⎤⎦ = ⎡⎣OH − ⎤⎦ + ⎡⎣ HCO3− ⎤⎦ + 2 ⎡⎣CO32− ⎤⎦

2.21

The concentrations that appear in the electrical neutrality equation can be found from the
activities by dividing by the activity coefficients, γ i :

{ H } = {OH } + { HCO } + 2 {CO }
+

−

−

3

γ H+

	
  

γ OH −

γ HCO −
3

2−

3

2.22

γ CO 2−
3
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Equilibrium activity and concentration distributions of every species can thus be
calculated by simultaneously solving the equilibrium expressions and electrical neutrality
equation via numerical simulations, using iterative methods to determine the unknowns (e.g.
solution ionic strength, I). A programme to do this was written in Mathematica® by Prof. George
W. Scherer, and is available in the enclosed CD labelled “Chapters 2 and 4: Dissolution
simulations”.
Calcite in DI water
To account for dissolving marble, the following equilibrium equations are applied:
K4
⎯⎯
⎯⎯
→ Ca 2+ (aq) + CO32− (aq)
CaCO3 (s) ←

2.23

⎯⎯
⎯⎯
→ CaHCO3+ (aq)
Ca 2+ (aq) + HCO3− (aq) ←

2.24

⎯⎯
⎯⎯
→ CaOH + (aq)
Ca 2+ (aq) + OH − (aq) ←

2.25

K5

K6

where the solubility product constants, Ksp are given by:

K 4 = {Ca 2+ } {CO32− } ⇒

K CaCO3 { H + }

2

{Ca } = {CO } = K K { H CO }
2+

K CaCO3
2−

3

2

3

2

2.26

3

{CaHCO }
{Ca }{ HCO }
+

K5 =

3

2.27

−

2+

3

{CaOH }
=
{Ca }{OH }
+

K5

2+

2.28

−

The electrical neutrality equation changes to include calcium ions:

2 ⎡⎣Ca 2+ ⎤⎦ + ⎡⎣ H + ⎤⎦ = ⎡⎣OH − ⎤⎦ + ⎡⎣ HCO3− ⎤⎦ + 2 ⎡⎣CO32− ⎤⎦
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2.29

The equilibrium activities and concentrations of the species were solved in the same
manner as before, for cases where no CaCl2 was added, with the addition of 1 mM CaCl2 or 1
mM CaCl2 + 350 µM (Na)2CO3 addition.
Calcite in DAP solution
When DAP is added to water containing calcite and open to the atmosphere, in addition
to carbonate equilibria, phosphate equilibria must be considered:

⎯⎯
⎯⎯
→ H 3PO4
H + + H 2 PO4 − ←

2.30

⎯⎯
⎯⎯
→ H 2 PO4 −
H + + HPO4 2− ←

2.31

⎯⎯
⎯⎯
→ HPO4 2−
H + + PO4 3− ←

2.32

K7

K8

K9

The solubility product constants, Ksp are as follows:

K7 =

{ H 3PO4 }

{ H }{ H PO }
+

2

2.33

−

4

{ H PO }
=
{ H }{ HPO }

2.34

{ HPO }
{ H }{PO }

2.35

−

K8

2

4

+

2−

4

2−

K9 =

4

+

3−

4

DAP dissolves in solution to form

NH 4 + , H 2 PO4 − , HPO4 2− and PO4 3− and the

ammonium and phosphate species conservation equations may be written as:
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{NH }
⎤=

2 [ DAP ] = ⎡⎣ NH 4 ⎦
+

+

4

1

2.36

γ NH +
4

[ DAP ] = ⎡⎣ PO

34

{PO } + { HPO } + { H PO }
⎤ + ⎡ H PO ⎤ =

⎤⎦ + ⎡⎣ HPO ⎦ ⎣
24

2

4

⎦

34

γ PO 34

24

γ HPO24

4

2

γ H PO2

2.37

4

The electrical neutrality equation now becomes:

2 ⎡⎣Ca 2+ ⎤⎦ + ⎡⎣ H + ⎤⎦ + ⎡⎣ NH 4 + ⎤⎦
= ⎡⎣OH − ⎤⎦ + ⎡⎣ H 2 PO4 − ⎤⎦ + 2 ⎡⎣ HPO4 2− ⎤⎦ + 3 ⎡⎣ PO4 3− ⎤⎦ + ⎡⎣ HCO3− ⎤⎦ + 2 ⎡⎣CO32− ⎤⎦

2.38

The equilibrium concentrations of all species were calculated for solutions containing 1
M DAP alone and 1 M DAP + 1 mM CaCl2.

1

Although slight ammonia, NH3 (g) odour was detected during DAP preparation, NH4+
dissociation was assumed to not occur in the analysis, as it was not possible to gauge how
much NH4+ evaporated to NH3 (g).
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3 Nucleation, growth and phase evolution
3.1 Introduction	
  
The goal of this chapter is to study the process of film formation and identify the reaction
conditions that provide optimal film coverage and properties, using reaction conditions for film
processing chosen from screening tests in the previous chapter. The factors of interest were film
nucleation, growth behaviour and phase evolution.
The formation of HAP crystals on calcite occurs via heterogeneous nucleation.
Nucleation is highly dependent on the supersaturation of the solution relative to the crystallised
phase and the thermodynamic driving force for nucleation can be represented by the Gibbs free
energy difference, !Ghet between the supersaturated and equilibrium solutions [1, 2]:

⎛ IP ⎞
ΔGhet = −RT ln ⎜
⎝ K ⎟⎠

1/v

= −RT ln ( S )

3.1

sp

where v = number of ions, IP = ionic product and supersaturation, S =

IP
K sp

.

When a solution is supersaturated relative to the crystal phase, both nucleation and
growth of small crystals occur. Nucleation is expected to occur preferentially at high-energy
sites such as grain boundaries and dislocations [1]. As time progresses, Ostwald ripening, a
phenomenon in which crystals increase in radius and decrease in number, is expected. Surface
molecules are energetically less stable than interior molecules and larger crystals, having a
lower surface area to volume ratio, occupy a lower energy state [3]. Thus, while smaller crystals
are kinetically favoured, larger crystals are thermodynamically favoured. However, Ostwald
ripening would not occur immediately as nucleation of small crystals dominate initially, reducing
solution supersaturation and preventing the formation of larger crystals.
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As a number of metastable calcium phosphate (CaP) phases, such as amorphous
calcium phosphate (ACP), brushite, CaHPO4.2H2O (DCPD), and octacalcium phosphate,
Ca8(PO4)4(HPO4)2.5H2O (OCP) may also form during HAP synthesis, phase evolution was also
of interest. The polymorphs differ in physical properties and crystal structure [4]. At pH 5.6 and
25°C, the relative stabilities of the CaP phases in increasing order are: DCPD  OCP  HAP
[5, 6]. Various groups have investigated the formation and phase transformation of the calcium
phosphate phases [6-8], but it is not clearly understood for all systems and has not been
investigated in depth for growth on a calcite substrate [9].
It is most desirable to form a nonporous film of HAP crystals to retard marble dissolution
in acidic solutions. Various studies have been conducted to modify HAP growth. El-Hammari et
al. attempted to substitute the inorganic phosphates in HAP powder with organophosphonates
[10]. They found that this increased porosity and decreased HAP crystallinity, which is the
opposite of what is desired in this study. On the other hand, they discovered that the presence
of citric acid, a calcium-chelating ligand, reduced porosity with little effect on crystallinity. A
study by Eanes et al. on free HAP crystals grown in physiological conditions found that crystal
growth was anisotropically influenced by phosvitin and polyglutamate electrolytes, which
increased crystal thickness/width while leaving length unchanged [11]. There is a huge literature
on HAP growth modification, but the vast majority of these are either examining free crystals or
growth in physiological media or on metallic substrates, so the findings are not relevant to the
present study. However, in a similar application where the aim was to conserve marble from
chemical weathering, Liu et al. treated marble powder with solutions of collagen (C12H18O4N3)
followed by DAP, with the expectation that HAP crystals would grow within the collagen network
[12]. However, collagen did not succeed in removing film porosity and the resulting HAP films
were described as “porous and net-like”.
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Thus, the objectives of this chapter were to investigate the factors that affect nucleation
and growth kinetics of HAP films on calcite as well as to monitor CaP phase evolution. For film
nucleation, the effects of substrate surface heterogeneity and crystal grain orientation were
investigated. To study growth kinetics, film coverage, both lateral and vertical, were evaluated
for different reaction conditions. Finally, phase evolution was studied by distinguishing between
phases using differences in crystal morphology and identifying corresponding phases using
grazing incidence X-ray diffraction (GID).
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3.2 Methodology	
  
3.2.1 Materials	
  
Carrara marble (CM) samples were saw-cut cubes with dimensions of 0.5 x 0.5 x 0.5
cm3. Iceland spar (IS) single crystals were purchased from Ward’s Natural Science, as chips
ranging in size from 2 x 2 cm2 to 2 x 4 cm2. Commercial HAP nanopowder (<200 nm, >97%
purity) was obtained from Sigma-Aldrich. The DAP (puriss. p.a. >99%) and calcium chloride
(CaCl2.2H2O, assay >99.0%) were both purchased from Sigma-Aldrich and ammonium
carbonate ((NH4)2CO3, assay >99.8%) from Mallinckrodt Chemicals, their concentrations made
up with deionised (DI) water. Ethanol solvent (200 Proof) was manufactured by Decon Labs,
Inc.
Substrate polishing and grinding were conducted using an Allied Multiprep Polisher,
grinding paper (for roughening) and lapping film (for polishing) of different grit sizes. Prior to
reaction, samples were cleansed by rinsing in ethanol and DI water.

3.2.2 Film	
  nucleation	
  
Effect of surface heterogeneity
Nine cubes (three sets of three cubes each) – saw-cut CM, polished CM and roughened
CM – were prepared. Grinding the roughened CM was done using 3M 401Q Wetordry A wt.
320-grit abrasive sandpaper for 180 seconds, so that its surface became more homogeneously
rough. Polishing was done in four steps: a) 45 seconds using a C-wt silicon carbide 600-grit
paper, b) 180 seconds using a 3M 401Q Wetordry A wt. 2000-grit paper, c) 180 seconds using
Allied Multiprep 3-µm diamond lapping film and d) 300 seconds using Allied Multiprep 1-µm
diamond lapping film.
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After rinsing to clean the surfaces, sample roughness was measured by analysing
topography of random 5 x 5 µm2 and 100 x 100 µm2 sections across the surface using an
atomic force microscope (AFM, Nanoscope Dimension 3000) in tapping mode. The root mean
squared (rms) roughness, Rq was used to compare grain roughness of the three sets of CM
cubes. This is the rms average of the roughness profile ordinates, calculated as:

(Z − Z )
Rq = ∑ n
N
n=1
N

2

3.2

where Zn = nth profile ordinate, Z = mean profile ordinate, and N = number of points.
From each of the three sets, one cube was treated for 3 hours, one for 4 hours and one
for 5 hours in 1 M DAP.
! The cubes were then removed and rinsed in DI water and left to dry
overnight at room temperature (RT), before they were investigated under the SEM to evaluate
the microstructure and EDX to confirm the presence of phosphorous.
Polycrystallinity and grain boundary effect
Marble is composed of polycrystalline calcite, while Iceland spar (IS) is monocrystalline
calcite without grain or twin boundaries. Three pieces each of IS prism and CM cube were
prepared and rinsed clean. The samples were then treated in 1 M DAP for 4, 12 and 24 hours.
EDX was used to detect the point of nucleation and compare growth rates using a technique
based on elemental mapping, detailed in section 3.2.3.
Effect of grain orientation
Two CM cubes were polished lightly to reveal grain boundaries and individual calcite
grains using a) a C-wt silicon carbide 600-grit paper for 120 seconds followed by b) a C-wt
silicon carbide 1200-grit paper for 120 seconds, before rinsing and drying overnight. Using a
technique based on nanolithography, a 4x4 matrix pattern of black dots with diameter of ~100
µm each was printed on each cube with a Nd:YVO4 laser of λ = 355 nm (Coherent AVIA). This
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was to identify the grains for electron backscatter diffraction (EBSD). One CM cube was reacted
in 1 M DAP for 4 hours and another in 1 M DAP + 1 mM CaCl2 for 1 hour. At the end of the
reaction, the cubes were rinsed in DI water, left to dry overnight and then investigated under the
SEM to detect patterns in nucleation density on the different grains. EBSD was employed to
identify the crystal orientations of grains with different CaP nucleation densities.

3.2.3 Growth	
  kinetics	
  	
  
Treatment application
CM cubes were divided into three groups of six cubes each and subjected to the
treatment conditions described in Table 10. After being reacted, the cubes were soaked in DI
water for 60 seconds and left to dry in the fume hood overnight.
Growth mechanism
Using scanning electron microscopy, samples taken from the early stages of reaction
were observed to determine whether growth is epitaxial or non-epitaxial in nature. If CaP crystal
growth on the calcite substrate occurs in an orderly manner with a well-defined crystallographic
orientation, then it is most likely, although not always, due to an epitaxial relationship between
film and substrate. However, if there is no orderly structure, then the growth is judged to be nonepitaxial in nature.
Lateral growth mapping
Phosphorous element mapping and image analysis were conducted as a means of
comparing film coverage as a function of reaction time. Using SEM, six random sections on
each sample were imaged at a magnification of 230X each and their elemental composition
maps auto-generated using INCA Energy software (Oxford Instruments). Each shaded pixel on
an element map indicates detection of the particular element. The phosphorous maps were
exported to ImageJ 1.46r for post-image processing, where they were converted to binary files
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and the area fraction covered by black pixels, denoting presence of phosphorous, was
calculated for each image. This was done for all six maps of each sample and the average area
fraction taken.
A paste approximately 1 mm thick, which is greater than the thickness of EDX detection,
was prepared using 0.5 g HAP nanopowder in 1 m ! DI water, and dried at 60°C for three hours
to evaporate some of the water. Three phosphorous elemental maps of the paste were taken
and the average phosphorous area fraction determined using the procedure described in the
previous paragraph. The result was used as a measure of reference when interpreting the
treated marbles’ phosphorous map data.
Vertical growth profiling
To determine film thickness once the CaP crystals started to coalesce and spread
across the calcite surface, treated samples were coated with a low viscosity epoxy (Resin G1,
Gatan) and polished to reveal their cross-sections. The cross-sections were profiled to obtain
film thickness and detect any elemental composition gradients.

3.2.4 Phase	
  evolution	
  
SEM images of CM 1, 2 and 3 (see Table 10) were used to detect differences in crystal
morphology versus reaction time, as crystals of different polymorphs, such as OCP and HAP,
crystallise with different microstructures. For samples with different film morphologies, GID at
angle, θ = 0.5° was conducted to identify the CaP phases present. GID was chosen over
traditional XRD, because the former technique is more sensitive to surface layers.
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3.3 Results	
  
3.3.1 Film	
  nucleation	
  
Effect of surface heterogeneity
Averaged RMS roughness data for 100 x 100 µm2 (<Rq,100x100>) and 5 x 5 µm2 (<Rq,5x5>)
surface sample sections are displayed in Table 11. The saw-cut CM cube was found to have
intermediate roughness, but a higher standard deviation than either the polished or roughened
samples. The polished sample was found to have a much lower roughness than the other two
samples and a visible shine. The onset of nucleation increased with surface roughness,
occurring before 3 hours for the roughened sample (so that patches of film already existed), at 3
hours for the saw-cut sample, and not occurring within the time span investigated (up to 5
hours) for the polished sample.
Polycrystallinity and grain boundary effect
Nucleation of small crystals was first detected after 3 hours on CM cubes and 12 hours
on IS prisms. The growth rate of CaP film was higher on Carrara marble than on Iceland Spar
(Figure 20). For sections of 5 x 5 µm2 on Iceland Spar, <Rq,5x5> = 9.3 nm while for Carrara
marble, <Rq,5x5> = 138.5 nm.
Effect of grain orientation
Film nucleation on CM treated in 1 M DAP + 1 mM CaCl2 started within 1 hour, while
nucleation on CM in 1 M DAP started within 4 hours. The marble surface, polished prior to
reaction (Figure 21), underwent pitting while in solution (Figure 22, left). Therefore, individual
calcite grains were rougher and not as clearly distinguishable once nucleation began, which
rendered differentiation in grain orientation via EBSD hard to conduct. IS samples treated in 1 M
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DAP + 1 mM CaCl2 also underwent pitting, although the nature of its defects appeared as
regular elevated grooves (Figure 22, right).

3.3.2 Growth	
  kinetics	
  
From SEM images in Figures 26-28, CaP crystals that first nucleated on CM 1, CM 2
and CM 3 appear to have random orientations. No orderly crystal overgrowth orientation to
suggest epitaxy was observed on any of the three samples. However, larger crystals that later
formed on CM 2 and CM 3 (section 3.3) appeared highly oriented and intersected at angles of
90°.
Lateral growth mapping
The phosphorous maps in Figure 23 reveal (at levels barely exceeding the limit of
detection) growth beginning at about 1 hour on CM 2 and CM 3 and at 3 hours on CM 1. After 1
hour, phosphorous area coverage was greatest on CM 3, followed by CM 2 and lastly CM 1.
However, coverage on CM 3 decreased after 6 hours, and at 12 and 24 hours was within the
error margin of CM 2. Film cracking and spalling was also observed on CM 3 from 6 hours
onwards.
Vertical growth profiling
Figure 24 shows the cross-sectional EDX line profiles across the films on CM 2 and CM
3. The calcium count dropped between substrate and CaP film while the phosphorous count
was observed throughout the film layer. No changes in carbon count were observed between
substrate and film, presumably owing to the use of a carbon coating on the samples. Films
appear dense in both EDX cross-sectional profiles.
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3.3.3 Phase	
  evolution	
  
Figure 26 consists of SEM images of CM 1 at 4, 12 and 24 hours of reaction. At 3 to 4
hours, film has just begun to nucleate and grow as small flakes of CaP crystals (size ≈ 1.5 µm).
At 12 hours, the film partially coats the surface of the substrate while the microstructure of the
film still resembles small flakes that are now of about 2 µm in size. These small flakes have
merged so that they appear less as individual crystals and more as a film network. After 24
hours, the film is observed to coat a greater portion of the surface but still consists of small
crystal flakes.
CaP started to nucleate on CM 2 within 1 hour and consisted of small nuclei (size ≈ 1
µm) in which the crystal planes and angles do not appear sharp or defined (“soft-angle”) (Figure
27). At 2 hours, the film consists of clearly defined small crystal flakes (size ≈ 2 µm), akin in size
and structure to the flakes observed on CM 1. At 9 hours, the film consists of large disc-like
flakes (length ≈ 5 µm, width < 200 nm) and a network of the small flakes (size ≈ 2 µm). At 24
hours, the CaP film still consists of large flakes, the length and width as before, and a
continuous network of small flakes.
Crystal growth on CM 3 was identical to CM 2 i.e. small “soft-angle” nuclei form first (size
≈ 1 µm), followed by small flakes and then large flakes (length ≈ 5 µm, width < 200 nm) and
small flakes (size ≈ 2 µm) coexisting (Figure 28). The main difference is the higher quantity of
crystals on CM 3 than on CM 2 up to 12 hours, beyond which there is no longer a visible
difference. Film cracking and subsequent spalling were also observed on CM 3.
GID spectra for CM 1 at t = 4, 6 and 24 hours reveal HAP (Figure 29). HAP peak
intensity and sharpness increase as reaction time increases. No other CaP phase was
observed. In Figure 30, GID spectra for CM 2 at t = 1, 9 and 24 hours are shown. At 24 hours,
GID reveals peaks for OCP and HAP. Like CM 1, HAP peak sharpness and intensity increase
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with reaction time. After 7 days of reaction, both OCP and HAP peaks were detected on CM 2,
while SEM micrographs revealed mostly small crystal flakes, and a small number of large
flakes. A small EDX peak for chloride was obtained on the CM 2 samples, but no peaks for
chloroapatite or a chloride salt were detected in GID.
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3.4 Discussion	
  
Grinding and polishing the samples succeeded in altering surface roughness and
reducing roughness variability. The growth rates for these samples were not quantified, but
were higher at higher roughness, at least during the span of the investigation (3-5 hours). The
highly polished sample was not monitored for signs of nucleation beyond 5 hours. The difficulty
in nucleating HAP on such surfaces is not thought to pose a problem for treatment application in
the field as most outdoor statues and sculptures, although originally polished, would have
attained a certain level of roughness from environmental exposure.
There is no evidence that HAP crystals grew epitaxially, even on highly polished
samples, as might have been expected from lattice compatibility between calcite and HAP.
Instead, growth occurred in a non-orderly fashion and was enhanced by surface roughness.
Growth was slower but also non-epitaxial on polished samples (different to the one used in AFM
studies), despite being highly polished and thoroughly cleaned prior to reaction. Roughness has
already proven to be an effective nucleation-inducing factor for HAP growth in biomedical
applications, and the results of this study indicate that substrate defects on marble, such as
grain roughness and impurities, act as more effective nucleating agents for HAP growth than the
structural match between calcite and HAP [13]. Hence, it can be concluded that epitaxial growth
of HAP on calcite cannot be expected in the field. Although the OCP flakes may have grown
epitaxially on HAP, a coherent layer was never formed from this growth.
The nucleation and growth rates of CaP on single crystal Iceland Spar were
exceptionally low. There are three possible explanations: low roughness, the cleavage plane
orientation, and the absence of grain boundaries. Although the growth rate of the polished
marble sample was not followed for a longer period, so it cannot be said whether marble of
comparable roughness would induce a similar HAP nucleation and growth rate as Iceland Spar,
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the fact that surface roughening occurred on both highly polished marble and Iceland Spar prior
to film nucleation indicates that surface defects and roughness were highly important for film
growth.
Due to surface pitting after a period of contact with DAP solution and prior to film
formation, it was not possible to investigate whether certain plane orientations – including the
cleavage plane – directly affected film growth. However, the surface of marble was not uniformly
rough and certain grain orientations appeared more conducive to pitting than others. Therefore,
although individual grain orientations do not appear to favour nucleation directly, their different
rates of roughening may determine the time at which nucleation is initiated on those surfaces.
There was no evidence to suggest that film nucleation began at the grain boundaries. In highly
polished CM samples, film nucleation was first detected on certain grains (of unknown
orientation due to the inability of EBSD detection on rough grains) and not at the grain
boundaries.
The time of nucleation is affected by both calcium and carbonate but more by calcium,
as seen from the greater difference in nucleation time and initial growth rate, compared to CM 1.
Growth rate was quantified in terms of film area coverage over time, not growth in crystal size,
so a linear growth rate was not measured. However, for the purpose of providing a protective
layer, which was the motivation for this work, coverage is the most important factor. The small
error bars on CM 2 and CM 3 signify greater lateral film uniformity, while on CM 1 the film stays
patchy with some sections completely coated and some partially bare. This might indicate that
higher levels of calcium and/or carbonate addition would be required to sustain rapid growth of
the film. However, since the presence of even minute amounts of carbonate in solution tends to
result in carbonate substitution in the HAP lattice, it would be detrimental to the durability of the
film, as the solubility of apatite has been shown to decrease with increasing carbonation.
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Despite higher nucleation rate and greater film coverage on early stage CM 3, cracking
was already observed at t = 6 hours. The cracking eventually extended throughout the film and
created areas where spalling occurred, which reduced the coverage. This accounts for CM 3’s
poor acid resistance and the CM 3 treatment is therefore not recommended for regular use.
Although EDX cross-sectional profiles reveal dense-appearing films, their performance in acid
attack experiments suggest that the films are composed of porous networks that allow solution
to access the underlying substrate. The cracking is likely to have occurred during the drying of
the film prior to observation, as high capillary stresses would develop in the film, and thicker
films are more prone to cracking [14]. The unchanging carbon count rate between film and
substrate can be explained by the sample cross-section being rendered conductive via a thin
layer of carbon coating. CM 2 was the best of the three treatments due to its fast nucleation,
almost complete film coverage after only 12 hours, film stability and lack of cracking up to at
least 7 days of reaction, and lastly its superior performance in acid, likely the result of the
aforementioned properties.
When CM was subjected to 1 M DAP (CM 1), only HAP was detected, while in 1 M DAP
+ 1 mM CaCl2 (CM 2) and 1 M DAP + 1 mM CaCl2 + 150 µM (NH4)2CO3 (CM 3), the sequence
of evolution was from an unidentified CaP (potentially HAP) to HAP, to both OCP and HAP. No
non-calcite peaks were detected on CM 2 at t = 1 hour. This is because the crystals consist of
few, small, scattered nuclei that would be insufficient for detection. These “soft-angle” crystals
could be a metastable phase or the earliest stages of HAP nuclei, the latter being more likely as
the size and shape of these crystals are similar to HAP crystals observed only 1 hour later. As
GID spectra detected only HAP in CM 1, but both OCP and HAP in CM 2, and given that there
are small flakes in CM 1 and both small and large flakes in CM 2, by process of elimination, it
can be concluded that the small flakes are HAP and the large flakes are OCP. The spectra do
not necessarily indicate that these were the only CaP phases present, as minute quantities of
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other CaP phases, such as the “soft-angle” crystals on CM 2, may have existed in insufficient
quantities for GID detection. However, besides potentially the “soft-angle” crystals, this is
unlikely as no other growth morphologies were observed. The addition of CaCl2 introduces OCP
likely due to an increase in solution supersaturation that permits less stable, more soluble
phases to form. GID at t = 9 hours on CM 2 was only conducted from θ = 5° to 70°, so it is not
known whether there is an OCP peak (Figure 30), but as SEM images reveal a high presence of
large flakes, OCP peaks would be expected. Since the thermodynamically stable phase at these
reaction conditions is HAP, in all cases this was expectedly the final product. From the
experiments conducted, a reaction time of 24 hours is recommended as film coverage had
already stabilised within this time period, while shorter reaction times would not allow for
sufficient film coverage or metastable conversion. Although there was still some OCP in CM 2
and CM 3 at 24 hours and up to 7 days, with Ksp ≈ 10-48 (at 23.5°C) compared to HAP’s Ksp ≈ 1059

(at 25°C), it is not likely to be an undesirable film component in terms of acid protection. Yet, if

desired, the reaction time could be increased slightly, such as to 48 or 72 hours, to allow for
greater conversion of OCP to HAP.
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3.5 Conclusions	
  
The nucleation and growth of calcium phosphate crystals on calcite substrate apparently
occurred non-epitaxially and were highly dependent on substrate roughness and defects.
Octacalcium phosphate growth on hydroxyapatite may have occurred epitaxially but the
evidence for this is insufficient to draw a firm conclusion. Besides OCP and HAP, no other
metastable phases or salt impurities were detected. Film growth and uniformity were enhanced
by the addition of calcium chloride and ammonium carbonate precursors in milimolar and
micromolar quantities, respectively. In particular, calcium chloride precursor increased film
growth and uniformity without causing cracking or other undesirable effects. Addition of calcium
chloride also introduced metastable OCP growth. Ammonium carbonate addition had the
undesirable effect of causing excessive film growth and cracking. Moreover, from numerical
simulations in Chapter 2, it is known that carbonate addition is not necessary to suppress calcite
dissolution when 1 M DAP and 1 mM CaCl2 are used in combination. Thus, carbonate precursor
addition is not recommended as routine treatment application. In the following chapter, the
dissolution of calcite and the performance of treated samples in acidic environments are
discussed.
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3.7 Appendix	
  I:	
  Tables	
  	
  
Table 9: Crystal structure properties of calcite, hydroxyapatite and calcium oxalate (whewellite).
Mineral

a (Å)

b (Å)

c (Å)

Crystal system

Calcite (2x)

9.98

9.98

33.82

Trigonal

Hydroxyapatite

9.43

9.42

6.88

Hexagonal

Whewellite (CaC2O4.H2O)

6.29

14.58

10.16

Monoclinic

Table 10: Treatment definitions for samples used to measure CaP growth rate.
Sample

Treatment

Reaction time, t (hours)

CM 1

1 M DAP

3, 4, 6, 12, 18, 24

CM 2

1 M DAP + 1 mM CaCl2

1, 2, 3, 6, 9, 12, 24

CM 3

1 M DAP + 1 mM CaCl2 + 150 µM (NH4)2CO3

1, 3, 6, 9, 12, 24

Table 11: RMS roughness and nucleation onset for samples with different levels of roughness.

	
  

Sample

<Rq,100x100> (nm)

<Rq,5x5> (nm)

Nucleation, t (hours)

Roughened

1102.5

170.3

<3

Saw-cut

772.7

138.5

3-4

Polished

20.2

4.2

>5
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3.8 Appendix	
  II:	
  Figures	
  

Figure 20: Phosphorous area coverage (%) for Carrara marble (light grey) and Iceland Spar
(dark grey) as a function of reaction time in 1 M DAP solution. Error bars, representing standard
deviation of the different values, indicated in black.

Figure 21: Sample with 4 x 4 matrix pattern prior to reaction with 1 M DAP + 1 mM CaCl2
solution. Surface etching occurred before nuclei formation, rendering EBSD data on grain
orientation within matrix difficult to capture.
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Figure 22: Surface etching observed on polished CM (left) after t = 10 min and IS (right) after 4
hours reaction in 1 M DAP + 1 mM CaCl2.

Figure 23: Phosphorous area coverage (%) as a function of reaction time for CM 1, CM 2 and
CM 3. Error bars, representing standard deviation from recorded data, indicated for each point.
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Figure 24: Cross-sectional EDX profiles for CM 2 (left) and CM 3 (right) after 24 hours.

Figure 25: BET surface area, SA for duramite (light) and camelfine (dark) powders unreacted
(1st set), reacted in 1 M DAP (2nd set), 1 M DAP + 1 mM CaCl2 (3rd set) and 1 M DAP + 1 mM
CaCl2 + 150 µM (NH4)2CO3 (4th set) for 24 hours. Error bars are indicated in black.
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Figure 26: SEM images of film growth on CM 1 after 4 hours (T-L, x = 3 µm), 12 hours (T-R, x =
10 µm), 24 hours – high mag. (B-L, x = 10 µm) and 24 hours – low mag. (B-R, x = 100 µm) [T =
top, B = bottom, L = left, R = right, x = scale bar].
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Figure 27: SEM images of film growth on CM 2 after 1 hour (T-L, x = 1 µm), 2 hours (T-R, x = 2
µm), 9 hours (B-L, x = 20 µm) and 24 hours (B-R, x = 50 µm) [T = top, B = bottom, L = left, R =
right, x = scale bar].
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Figure 28: SEM images of film growth on CM 3 after 1 hour (T-L, x = 5 µm), 3 hours (T-R, x = 10
µm), 12 hours (B-L, x = 20 µm) and 24 hours (B-R, x = 50 µm) [T = top, B = bottom, L = left, R =
right, x = scale bar].
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Figure 29: GID spectra for untreated CM and CM treated in 1 M DAP for 4, 6 and 24 hours
indicate presence of HAP (labelled ❋) in treated samples.

Figure 30: GID spectra for untreated CM and CM treated in 1 M DAP + 1 mM CaCl2 for 1, 9 and
24 hours indicate OCP (labelled ★, unique peaks circled) and HAP (Figure 29).
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4 Acid dissolution of marble
4.1 Introduction	
  
Marble has very low porosity and a compact structure with tight grain boundaries [1]. It
also exhibits twin boundaries, which are low energy interfaces that exist between two intergrowing crystals that are mirror images of each other. As calcite is a relatively soluble mineral
(Ksp = 5 x 10-9), marble is susceptible to being dissolved in acid [2].
In the 1970s, Plummer et al. systematically studied the dissolution of calcite and the
factors controlling its rate [1, 3]. Their work, since confirmed by others, revealed that the
dissolution of calcite far from equilibrium is governed by three independent forward reactions:
i) In highly acidic conditions (pH < 4.5) and low carbon dioxide partial pressure, PCO2 , the
dissolution rate is predominantly dependent on proton activity:

CaCO3 + H + " Ca 2+ + HCO3#

4.1

ii) In the moderately acidic pH range (4.5 < pH < 5.5) or high PCO2 , the rate is dependent on the

!

concentration of dissolved CO2:

CaCO3 + H 2 CO3 " Ca 2+ + 2HCO3#

4.2

iii) In near neutral conditions (pH > 5.5) and the absence of CO2, the rate is independent of

!

proton and carbonate concentration, and given by the hydrolysis reaction:

CaCO3 + H 2O " Ca 2+ + HCO3# + OH #

4.3

When there is a high degree of disequilibrium, the process is likely to be diffusion-

!

controlled [4, 5]. Diffusion of H+ into the boundary layer and adsorption on the surface of calcite
are the rate-controlling steps. As the level of undersaturation decreases, the regime moves from
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diffusion-controlled to surface-controlled. The pH that marks this shift is influenced by factors
such as calcium ion activity, carbonate activity and solution temperature. Therefore, the
transition pH is different for every system and in a number of studies, it was found to occur
above a pH of 3.5 [4, 6, 7].
The dissolution of calcite is an exothermic reaction, so calcite solubility increases as
temperature decreases [8]. Carbonate activity in an open system is complex, since dissolved
carbonate from the atmosphere and carbonate generated from the reaction influence calcite
solubility by contributing to reaction (2). The dissolved carbonate species are present as CO32-,
HCO3- and H2CO3, their equilibrium reactions given as follows (described in detail in Chapter 2):
kH
!!
!!
" CO2 (aq)
CO2 (g) #

4.4

K1
!!
!
" H 2CO3 (aq)
CO2 (aq) + H 2O #
!

4.5

!!
!!
" H + (aq) + HCO3$ (aq)
H 2CO3 (aq) #

4.6

K3
""
""
# H + (aq) + CO32! (aq)
HCO3! (aq) $

4.7

K2

The concentrations of the ions (indicated by square brackets), [Ca2+], [CO32-] and [HCO3], change as a function of [H+]. As a result, during the course of the reaction, the ratio of calcium
ions generated, [Ca2+]gen, to protons consumed, [H+]con, would be expected to lie between 1 and
2, according to whether reaction (1) or (2) is dominant. In the study by Plummer et al., the shift
occurred at approximately pH 5.5. The influence of equation 4.3 increases closer to neutral pHs
and in the absence of CO2, which would not occur in the field.
In a system where dissolution may be interface controlled, the kinetics of mineral
dissolution may be explained by the transition state theory [9]. The theory and experimental
data indicate that dissolution occurs preferentially at active sites, such as dislocations, kinks,
point defects, grain boundaries and twin boundaries [10, 11]. Dissolution at active sites results
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in etch pits and other related topographic features on the mineral surface. There is a large body
of literature on the importance of active site density and concentration in influencing surfacelimited dissolution rates, the relative significance of active site dissolution to bulk dissolution,
and the dependence of active site dissolution on solution supersaturation [12-14]
HAP has a very low solubility (Ksp = 10 x 10-59) and dissolution rate (Figure 31) [15, 16].
Therefore, a nonporous, adherent coating of HAP with thickness of 5-10 µm should confer many
years of protection against the corrosive effects of acid rain. Two treatments have been
proposed in the past to protect marble from the damaging effects of acid rain, namely calcium
tartrate (Ksp = 8 x 10-7) [17] and calcium oxalate (Ksp = 2 x 10-9 for the monohydrate) [18]. As the
solubilities of these two minerals are significantly higher than HAP, their acid resistant properties
are expected to be lower.
The foci of this chapter are to: a) understand the mechanism of acid attack on marble, b)
investigate the protection conferred by CaP coatings against acid dissolution and c) compare
the performance with calcium tartrate and calcium oxalate coatings.
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4.2 Methodology:	
  Experimental	
  analysis	
  
4.2.1 Materials	
  
CM samples used were sawed cubes with dimensions of 0.5 x 0.5 x 0.5 cm3 and
rectangular slabs with dimensions of 2 x 1 x 0.5 cm3. DAP (puriss. p.a. ≥ 99%), calcium chloride
(CaCl2.2H2O, ACS reagent ≥ 99.0%) and strontium chloride (SrCl2.6H2O, ACS reagant ≥ 99.0%)
were purchased from Sigma-Aldrich, ammonium carbonate ((NH4)2CO3, assay >99.8%) from
Mallinckrodt Chemicals and magnesium chloride (MgCl2.6H2O, ACS reagant ≥ 99.0%) and nitric
acid, HNO3 (GR ACS grade) were purchased from EMD Millipore, their concentrations made up
with DI water. Buffer solutions of pH 4.0, 7.0 and 10.0 were obtained from Fischer Chemicals for
calibration purposes. Ammonium oxalate was obtained from Sigma-Aldrich ((NH4)2C2O4·H2O,
puriss. ≥99%) while ammonium hydrogen tartrate (Conservare® HCT) and its finishing rinse
(Conservare® HCT finishing rinse) were obtained from PROSOCO, Inc. HCT finishing rinse is
composed of limewater, which was expected to react any leftover HCT solution. Ethanol solvent
(200 Proof) was manufactured by Decon Labs, Inc.
Two Oakton 1100 pH/mV meters, with built-in temperature sensors, one with a pH
electrode and the other with a calcium ion selective electrode, were used to record solution pH
and calcium concentration. The meters were connected to two separate computer systems with
automated data acquisition software (CyberComm Pro), which allowed automatic pH or mV and
temperature logging. The ionic strength adjuster (ISA) solution (KCl, 4M) for calcium
concentration tests was purchased from Cole-Parmer.

4.2.2 Acid	
  attack	
  procedure	
  
Untreated CM cubes were used to determine the acid attack mechanism on marble.
Unpolished cubes were used to obtain acid dissolution profiles for bare marble while polished
cubes were used to examine surface attack mechanism during reaction. Samples were polished
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using an Allied Multiprep Polisher in two steps: a) for 45 seconds using a C-wt silicon carbide
600-grit paper and then b) for 180 seconds using a 3M 401Q Wetordry A wt. 2000-grit paper.
The pH meter was calibrated using buffer solutions according to the instruction manual.
The pH probe was left in each buffer for 30 minutes to ensure a stable pH reading. After
calibration, the probe was placed in a magnetically stirred HNO3 solution with a set pH (pHinitial)
for 60 minutes prior to use.
Each unpolished CM cube was reacted in a 250 ml beaker containing 200 ml HNO3 with
pHinitial = 3.5 for 10 hours, the time required for the solution to neutralise. The CyberComm Pro
data acquisition system was programmed to record pH and temperature at 30-second intervals.
This was repeated for unpolished CM cubes treated in HNO3 solution with pHinitial = 2.5, 4.5 and
5.5 for 24, 8 and 6 hours respectively, i.e. the time periods required for neutralisation.
Polished CM cubes were also reacted in HNO3 with pHinitial = 2.5, 3.5, 4.5 and 5.5, but
were not connected to the pH probe, as the main purpose of using these samples was to
assess the acid attack mechanism. Cubes were removed from the acidic solution at intervals of
2, 3, 4 and 5 hours, rinsed in DI water, left to dry overnight and then investigated under the SEM
for acid etching and topographical features. This was done in high vacuum and samples were
pre-coated with carbon to render them conductive in the chamber. The instrument’s electron
backscatter diffraction (EBSD) capability was utilised to determine individual grain orientations
and to attempt to identify any relationship between grain orientation and acid-etched texture.
All beakers were sealed with Al foil, placed on a VWR 310 magnetic stir plate set at stir
rate 6 and continuously stirred with a 1.2 cm magnetic stir bar (Figure 32).

4.2.3 DAP	
  treatment	
  effectiveness	
  
To compare the effectiveness of the various DAP treatments, rectangular CM slabs were
treated as listed in Table 12. Each slab was placed upright in the beaker, with its bottom surface
(0.5 x 1 cm2) marked with ‘X’. After 24 hours of reaction, the samples were removed and soaked
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in DI water for 60 seconds and then left to dry in the fume hood overnight. Coated CM slabs
were reacted in 250 ml beakers containing 200 ml HNO3 solutions with pHinitial = 3.5, following
the above procedure (section 2.2). However, samples were not removed at intermediate
intervals, instead being allowed to react for the full 10 hours. The CM slabs were placed upright
in the beaker, so that the side marked with ‘X’ was placed at the bottom. After 10 hours, the
slabs were removed and rinsed in DI water, left to dry overnight and then examined under the
SEM. In each treatment category, two identically treated samples were reacted in acid
independently and the average of the pH evolution data plotted.

4.2.4 DAP-‐CaCl2	
  modifications	
  
To improve the quality of coatings by attempting to reduce porosity, increase coverage
and hence increase acid resistance, two modifications to the DAP-CaCl2 treatment from Table
12 were made:
Triple DAP-CaCl2 application
Two CM slabs were treated in DAP-CaCl2 solution for 24 hours, then removed and dried
in the hood for 30 minutes. During the drying period, the slabs were not rinsed in DI water.
Following this, they were treated in fresh DAP-CaCl2 solution for a second 24-hour period, and
the drying and solution treatment were repeated. At the end of the third application, the
specimens were rinsed in DI water and left to dry overnight at room temperature (RT), before
being subjected to acid attack.
HCT finishing rinse
After one DAP-CaCl2 application, the specimens were left to dry for 30 minutes and
subsequently submerged in 100 ml of Conservare® HCT finishing rinse for 30 seconds to react
any remaining unreacted DAP. After this, the slabs were dried for 24 hours, then rinsed in DI
water and dried overnight for acid attack experiments.
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4.2.5 Comparison	
  with	
  other	
  treatments	
  
To compare the effect of the DAP-CaCl2 treatment with ammonium oxalate and
ammonium hydrogen tartrate, the following treatments were prepared according to the
manufacturer’s recommended procedures [19, 20]:
Ammonium oxalate (AmOx)
Two CM slabs were reacted in 100 ml of 5 wt% (370 mM) AmOx solution for 24 hours,
then rinsed in DI water and left to dry overnight at RT.
Ammonium hydrogen tartrate (HCT)
Two slabs were reacted in 100 ml HCT (undiluted) for 4 minutes, conducted thrice with
30-minute drying intervals between each application. After the final drying period, the slabs were
soaked in 100 ml HCT finishing rinse for 30 seconds to react any remaining HCT. Finally, the
samples were left at RT for 24 hours, then rinsed with DI water and left to dry overnight.
AmOx- and HCT-treated samples were reacted in HNO3 of pHinitial = 3.5 for 10 hours,
using the procedure detailed in section 2.2.

4.2.6 Data	
  transformation	
  
The quantity of interest is not the pH change over time, but the extent of mineral
dissolution, which is better approximated by the concentration, or rather activity, of calcium ions
released. In most of the tests, pH change was recorded and the data transformed to obtain the
theoretically expected calcium ion activity. To confirm this data transformation, a final set of
experiments was conducted using a calcium ion probe.
As discussed in section 4.1, the !"Ca #$ gen !" H #$ con ratio is expected to lie between 1:1 and
+

2+

1:2, depending on reaction kinetics, and is expected to change over the course of the reaction.
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For purposes of data presentation, a 1:2 ratio was chosen and [Ca2+]gen related to [H+]con using
the following formula:

!" H + #$ = !" H + #$ % !" H + #$ = !" H + #$ % 2 !"Ca 2+ #$
0
con
0
gen

4.8

where [H+] = measured proton activity and [H+]0 = initial proton activity. The choice of this ratio
+
% pH
will be justified later in the chapter. Substituting !" H #$ = 10
and solving for [Ca2+]gen gives the

following:

[Ca ]
2+

gen

=

1 ! pH 0
(10 !10! pH )
2

4.9

From eq. (8), it can be observed that changing the "!Ca #$ gen "! H #$ con ratio changes the
2+

+

factor and hence the slope of the profile while leaving the linear relationship intact. Therefore, as
long as the conversion is consistent across experiments, and the ratio doesn’t change with time,
the ratio chosen is not critical.
To validate the kinetic theory and determine the actual relationship between [Ca2+]
release and [H+] consumption, a calcium ion selective probe was used in parallel with the pH
probe to experimentally determine the !"Ca #$ gen !" H #$ con ratio. A set-up similar to section 4.2.2
+

2+

was established, with two CM cubes (instead of slabs previously used). It was not possible to
place both the pH and calcium probes in the same beaker as this created fluctuations in voltage
and affected reading accuracy for both pH and mV. Therefore, identical configurations in two
separate beakers were set-up to run at pHinitial of 3.5 for 10 hours. Each probe was connected
separately to the data-logging program, with one laptop set to record pH and the other mV. To
reduce inconsistencies between the two systems, the same batch of nitric acid was used in both
beakers, the stir bar, electrodes and samples set at roughly the same positions, the stir rates set
to the same value and calcite specimens of similar size and mass chosen. The experiment was
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repeated to obtain two sets of pH and mV data. The mV data were translated to calcium ion
activity by first calibrating the probe using calcium salts of known concentration and measuring
the corresponding mV readings. A semi log plot of mV (linear) vs. log10 [Ca2+(ppm)] was used to
translate mV results to [Ca2+].
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4.3 Methodology:	
  Theoretical	
  analysis	
  
Theoretical profiles of pH and [Ca2+]gen versus time for calcite dissolving in aqueous
HNO3 were obtained for comparison with experimental results. The first step was to calculate
the equilibrium species in the acidified solution using a procedure similar to that discussed in
Chapter 2. The major difference here is that the system is not in equilibrium after the solution is
exposed to calcite. Published values for the dissolution rate of calcite as a function of pH were
used, which indicate the amount of Ca2+ and CO32- ions released into the solution in a given
time step; the equilibrium equations were then used to adjust the speciations of HCO3-, CO32-,
and CO2 (aq). The solution was assumed to be in equilibrium with atmospheric CO2, and hence
most of the CO32- released from the dissolution of calcite evaporates.
For aqueous nitric acid, the equilibrium equation is:

!!!
!!
" H + (aq) + NO3$ (aq)
HNO3 (aq) #
!
K HNO3

4.10

The equilibrium constant is thus:

K HNO3 = { H + } { NO3− }

⇒

{ NO } = { H }
−

3

K HNO3

4.11

+

K HNO3 has a value of 40, so complete dissociation may be assumed. Therefore, ⎡⎣NO3 − ⎤⎦
is equal to the proton concentration corresponding to pH0 (i.e., the initial pH of the solution):

⎡NO3 − ⎤ = 10 − pH0 . The electrical neutrality equation is then:
⎣
⎦
2 ⎡⎣Ca 2+ ⎤⎦ + ⎡⎣H + ⎤⎦ = ⎡⎣OH − ⎤⎦ + ⎡⎣NO3 − ⎤⎦ + ⎡⎣HCO3 − ⎤⎦ + 2 ⎡⎣CO3 2− ⎤⎦

4.12

This was combined with the equilibrium equations presented in Chapter 2. Equilibrium
with calcite was not required, because the solution remained undersaturated with respect to that
crystal. By manipulating these equations, it was possible to obtain an equation for the proton
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activity, as follows:

{H } + (c + c {Ca }){H } ! c {H } ! c
+

3

2+

1

+

2

+

2

3

4

=0

4.13

where {Ca2+} is the activity of calcium, and the parameters c1, c2, c3 and c4 depend on the
activity coefficients and the equilibrium constants. As in Chapter 2, the activity constants were
calculated using the extended Debye-Hückel theory [21].
The dissolution rate of calcite has been studied by many authors, and the results were
reviewed by Brady [22] and Morse and Arvidson [5]. The data show considerable scatter, as
indicated in Figure 48. Based on the pattern of the data, it was assumed that the rate would
show a linear dependence on acid concentration for pH below a certain value, pHL, and be
constant at higher pH. The location of pHL was adjusted to provide a good fit to the experimental
data, resulting in the rate indicated by the solid line in Figure 48, which is given by:

(
(

)

⎧⎪exp −14.56 − 1.76pH , pH≤ 5.2
Rdiss = ⎨
, pH> 5.2
⎪⎩exp −10.3

)

4.14

This rate was at the lower bound of the reported data for pure calcite, possibly owing to
the impurities in marble. This Rdiss is applicable when [Ca2+] is at or near zero. To account for
the contribution from dissolving calcite, Rdiss was multiplied by the saturation index, βSI:

{Ca }{CO }
2+

!SI = 1"

2"
3

4.15

K sp,CaCO

3

It was found that βSI was always close to unity in the experiments. The calculation
proceeded as follows: For a given initial pH, the species in equilibrium with atmospheric CO2
were calculated. In the first time step, calcite was allowed to dissolve according to the value of
Rdiss βSI for the current pH, resulting in a new concentration of ions in the solution. The activity
coefficients were updated, and the pH adjusted by solving eq. (13) with the new value of {Ca2+}.
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The cycle was then repeated, with the dissolution rate corresponding to the new pH and
saturation index. The analysis was run on Mathematica®, using a programme developed by
Prof. George Scherer. The analysis is available in the enclosed CD labelled “Chapters 2 and 4:
Dissolution simulations”.
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4.4 Results	
  
4.4.1 Experimental	
  Analysis	
  
Acid attack procedure
The acid attack profiles showed an increase in pH with time (Figure 33). The time
required for neutralisation was inversely related to starting pH, so the solution subjected to
pHinitial = 2.5 required the most time to neutralise. The higher the pHinitial, the closer the profiles,
e.g. the gap between profiles of pHinitial = 3.5 and pHinitial = 4.5 is smaller than that between
pHinitial = 3.5 and pHinitial = 2.5.
When plotted against log(time), inflection points were observed at pH ≈ 4.5 in each
curve, except the pHinitial = 5.5 curve, which started above a pH of 4.5. Each profile is the
average of multiple curves produced for samples subjected to identical conditions. This was
done to obtain representative profiles for acid attack on bare marble. The shaded regions
around the profiles indicate the error bars. Furthermore, the higher the pHinitial, the lower the
reproducibility of the profiles, so the highest standard deviation was obtained from the trials
conducted at pHinitial = 5.5. However, although the final pH value differed from one trial to the
next, the shapes of the curves were almost identical.
SEM images taken of samples at the end of their respective acid attack reactions (Figure
34) indicated similar microstructures, with the exception of the sample subjected to pHinitial = 2.5,
in which grain and twin boundaries became apparent after attack.
The surface texture of polished marble (Figure 35a) was smooth and relatively
featureless when compared to unpolished marble (Figure 34a). After t = 2 hours in HNO3 at
pHinitial = 3.5, the boundaries between individual grains were revealed, with few twin boundaries
visible. After t = 3 hours, both grain and twin boundaries were exposed. After t = 4 hours,
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surface etching was observed and finally, after t = 5 hours, the surface was uniformly etched
and the grain and twin boundaries were no longer as clearly defined.
EBSD on individual grains (pHinitial 3.5, t = 3 hours) revealed that different acid-etched
surface textures corresponded to different grain orientations (Figure 36). However, as EBSD
requires smooth surfaces, the rougher grains could not be indexed.
DAP treatment effectiveness
All the treated slabs produced acid neutralisation profiles with similar trajectories to the
bare calcite profile (Figure 37). An inflection point at pH 4.5, observed for bare calcite, was also
evident across the treated samples. The inflection was reached first by bare calcite, then DAP,
then 2-DAP, then DAP-CaCl2-(NH4)2CO3 and lastly DAP-CaCl2. The time taken for neutralisation
followed this pattern, with the DAP-CaCl2 samples taking the longest time. All DAP treatments
produced films with small flowery HAP crystals (size ≈ 2 µm).
SrCl2 doping produced crystal nuclei with a different morphology (Figure 38) and energy
dispersive spectroscopy (EDX) on these crystals revealed the presence of strontium peaks. No
additional phases from strontium doping were detected via X-ray diffraction. Although the DAPCaCl2-SrCl2 coating appeared to pack more densely than the DAP-CaCl2 coating, the surface
coverage was poorer and an acid neutralisation profile similar to the DAP-CaCl2 profile was
obtained (Figure 39). MgCl2 doping did not change the film morphology, coverage or content
and its neutralisation profile was similar to the DAP-CaCl2 profile.
DAP-CaCl2 modifications
The acid dissolution profiles of the triple DAP-CaCl2 and HCT finishing rinse modification
(Figure 40) produced trajectories similar to those following the single DAP-CaCl2 treatment.
However, both modification curves reached their inflection points and pH neutrality before the
single DAP-CaCl2 treatment. The maximum standard deviations occurred in the middle of the
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trials, with the highest value being for the HCT finishing rinse at ! = ±0.6 and the lowest for the
single DAP-CaCl2 application at ! = ±0.2 .
Triple DAP-CaCl2 application resulted in the same flowery crystal nuclei as the single
treatment, but additionally produced hairline cracks across the coating. Post-acid dissolution
SEM images revealed extensive cracking and partial removal of the coating, resulting in several
bare patches of calcite. The sample subjected to HCT finishing rinse also produced a coating of
HAP crystals, but with extensive cracking like the triple application. Acid attack produced further
and more extensive cracking, with some sections of the coating removed.
Comparison with other treatments
HCT application resulted in a small number of large prismatic crystals (size ≈ 50 µm) and
a higher number of small octahedral crystals (size ≈ 20 µm) on the surface of calcite (Figure 41a
and b). In a few areas, dense patches of the small octahedral crystals were found, although the
majority of the crystals, both large prismatic and small octahedral crystals, were sparsely
distributed with most of the calcite surface remaining bare after HCT treatment. Subsequent
acid attack was found to remove all surface crystals, as indicated in Figure 41c, taken after 10
hours in acid at pHinitial = 3.5.
The ammonium oxalate treatment resulted in a coating of rectangular prisms (size ≈ 1
µm) on the surface of calcite (Figure 42a and b). The coating appeared dense and continuous,
with almost complete coverage of the underlying substrate. After acid attack, the coating
remained mostly intact, with some film degradation evident and a few bare patches of exposed
calcite now revealed (Figure 42c).
Reaction with HNO3 of pHinitial 3.5 produced similarly shaped profiles for bare calcite, the
DAP-CaCl2, HCT and AmOx treatments (Figure 43). The HCT-treated sample’s profile also had
the characteristic inflection point at pH 4.5, but it was far less pronounced. Bare calcite reached
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this inflection point first, at t ≈ 150 min, followed by DAP-CaCl2-treated calcite at t ≈ 210 min and
finally AmOx-treated calcite at t ≈ 250 min.
Data transformation
The profiles from tests to determine the ratio between [Ca2+]gen and [H+]con are displayed
in Figure 44. Initially, particularly during the first 40 minutes, the !"Ca #$ gen !" H #$ con ratio was
2+

+

extremely high and unstable. However, after approximately 100 minutes, it had stabilised to a

!"Ca 2+ #$ gen !" H + #$ con ratio of approximately 1.2. Both runs yielded similar trajectories, with high
reproducibility throughout the run, except at the beginning when the readings were unstable.
The final pH after 10 hours was approximately 4.5, indicating that the CM cubes had not fully
neutralised the solution, unlike the CM slabs in the previous sections.

4.4.2 Theoretical	
  analysis	
  
The adjusted dissolution rate required to match experimental pH data placed Rdiss
outside of but close to the lower boundary of the envelope of literature data (Figure 48). This
new Rdiss provided a fit with experimental data for bare calcite dissolution and by reducing Rdiss
by 25%, a fit was obtained for the rate of dissolution of DAP-CaCl2-treated calcite (Figure 49).

	
  

104	
  

4.5 Discussion	
  
The more acidic a solution, the higher the [H+] and hence the more severe the acid
attack. However, the low pHinitial reactions also require longer time to neutralise the larger
amounts of H+. Furthermore, as CM dissolved, it resulted in an increase in [Ca2+] in solution.
Thus, when the solution of pHinitial = 2.5 reached pH 3.5, there was already a larger amount of
Ca2+ than when the pHinitial = 3.5 solution was at pH 3.5. This increase in [Ca2+] decreased the
rate of the forward dissolution reaction and so at any given pH, the rate of attack was slowest
and reaction time longest for pHinitial = 2.5, followed by pHinitial = 3.5, 4.5 and lastly 5.5. This can
also be visualised using the transformed plots of [Ca2+]gen over time (Figure 45). In this case, the
[Ca2+]gen was not normalised as a function of {H+}0, as {H+}0 was naturally different for each
pHinitial. Thus, a similar magnitude of difference in [Ca2+]gen was expected, but what was of
greater interest was the nature of the profiles: nothing in the [Ca2+]gen plots revealed the
inflection point observed in the pH plots. This indicates that the inflection was more likely an
artifact of the logarithmic time scale than a result of regime shift or changes in attack
mechanism.
The post-attack surface textures of the samples treated in pHinitial = 2.5 were noticeably
different from the surface textures of pHinitial = 3.5, 4.5 and 5.5, the main difference being the
smooth texture and evidence of grain and twin boundary dissolution on the pHinitial = 2.5
samples. This suggests that an alternate attack mechanism, which first involved stripping of
entire layers of calcite to reveal smooth and homogenous mineral surfaces followed by
dissolution at specific sites, occurred at pH = 2.5, and the threshold for this mechanism lies
somewhere between pH = 2.5 and pH = 3.5. This validates the choice of pHinitial = 3.5 for testing
the effects of different treatments as the physical damage mechanism of marble at pH 3.5 is
more reflective of natural conditions, but the pH is still low enough to observe differences in ion
activity trajectories between different treatments. Marble attack at pHinitial of 5.5, despite being
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more representative of natural acidic rain pH, is too mild for differences between treatments to
be noticeable in lab-scale time periods and presents larger standard deviations owing to the low
proton concentration, thus hampering reproducibility.
Standard deviations between profiles for different specimens at identical reaction
conditions can be attributed to small differences in surface area, topography and sample
position within the beaker. Despite sample geometric surface area being roughly the same,
variability in surface texture and presence and character of active sites can naturally be
expected to exist from sample to sample and could lead to differences in dissolution rate,
particularly when surface-controlled dissolution is important [10, 11]. Although sample position
was similar for each trial, minor differences in sample positioning may contribute to variability in
reaction rates. Despite this, the standard deviation between trials was small, particularly at
pHinitial of 3.5 and 2.5. Moreover, the transformed curves for calcium ion activity, [Ca2+]gen,
significantly reduced the standard deviation between trials, particularly at lower pHinitial cases.
For surface attack mechanism, SEM images reveal that acid attack occurred at grain
boundaries, twin boundaries and grain surfaces. This is in line with the literature on calcite
dissolution, which indicates that both are preferential sites of attack [10, 11]. The onset of
dissolution at each active site, including the grain surface, appears to be simultaneous as
opposed to sequential, which is in line with Morse and Arvidson’s findings that each is a parallel
process in crystal dissolution [5]. All three modes of attack were observed near the start of the
reaction, and the attack became more pronounced as the reaction progressed. After five hours,
SEM images revealed deeply etched grain and twin boundaries and high relief topographies on
the calcite grain surfaces.
All EBSD patterns obtained on the smoother post-acid attack grains reveal orientations
of low-index planes parallel to the crystal surface. It is therefore possible that orientationdependent surface etching occurred, with the attack being less severe on low-index planes and
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more severe on high-index planes, which were not detected for any of the smoother grains.
However, as the EBSD technique is unable to provide indexing of rougher surfaces, conclusive
matching of specific grain orientation with etching topography or extent was not possible.
DAP treatment effectiveness in passivating the surface against acid attack decreased in
the following order: DAP-CaCl2 DAP-CaCl2-(NH4)2CO3 2-DAP DAP bare calcite. DAP
alone created a patchy and porous film, as the rate of film formation was dependent on
dissolution of calcite to provide Ca2+ ions, which is an extremely slow process at neutral to
slightly basic conditions. The enhancement in protection conferred by calcium chloride addition
can be attributed to the increase in film growth rate and coverage from providing Ca2+ externally.
However, even with CaCl2 addition, there were a few bare patches on the mineral surface, as
evidenced by SEM images and this allowed acid to penetrate the film and reach the substrate.
Carbonate addition had a negative effect on acid passivation and one reason for this
could be increased film porosity due to the creation of channels for CO2 release. CO2 bubbling
was observed during the course of the reaction and BET measurements on ground calcite
powder indicated higher surface area for DAP-CaCl2-(NH4)2CO3 treated specimens compared to
DAP-CaCl2 treated specimens. Furthermore, films formed using DAP-CaCl2-(NH4)2CO3
underwent high initial growth rates and surface cracking was observed on samples treated for
as little as six hours. The cracks, which probably occurred during drying, and subsequent
spalling would also contribute to their poorer performance in acid dissolution experiments.
SrCl2 doping altered both film microstructure and composition. From the high strontium
count detected in the film via EDX and the absence of any additional distinct phases such as
strontium chloride via X-ray diffraction, it can be concluded that strontium ions were
incorporated into the apatite lattice. However, as this inclusion did not improve film density,
coverage or dissolution rate, it cannot be anticipated to favourably alter coating performance in
the field. MgCl2 doping also produced no noticeable difference in acid passivation over the DAP-
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CaCl2 treatment, but in this case, the doping was unsuccessful, as Mg2+ ions were not detected
in the film, and there was no observable effect on film microstructure. The Mg2+ concentration in
these tests was ten times lower than the CaCl2 and SrCl2 concentrations, because MgCl2
additions in concentrations comparable to SrCl2 were attempted previously and no ion
incorporation into the film was detected; instead large, sparsely distributed crystals of
magnesium phosphate salt were precipitated on the film surface.
The purpose of the triple application and HCT rinse modifications to the DAP-CaCl2
treatment was to decrease film porosity and increase surface coverage, to provide greater
protection against acid attack. However, while the modifications increased film thickness, they
did not improve film coverage or acid resistance of marble. Extensive cracking was observed in
these films after synthesis and prior to acid attack, probably during drying of the sample. Crack
propagation occurs once a film reaches a critical thickness at which the strain energy released
from creating the crack is greater than the energy required to break the bonds to form the crack
[23, 24]. As a triple application or limewater addition increased HAP film formation and hence
film thickness, it is likely that the films crossed the critical thickness threshold for crack formation
to be energetically favourable. The poor performance of these modifications is then expected,
as cracking causes the film to spall off and allows acid to access the substrate more easily.
Hence, based on these results, neither of these modifications is recommended.
Comparing the transformed neutralisation profiles in Figure 46, it can be seen that the
concentration of calcium ions generated was lowest for the calcium oxalate coated sample,
followed by the HAP coated sample, by bare calcite and lastly by the calcium tartrate coated
sample. With a solubility product constant, Ksp of 8 x 10-7, calcium tartrate would theoretically be
expected to dissolve faster than calcite and this was verified by the pH and transformed
neutralisation profiles, in which calcium activity in solution was greater than the baseline of bare
calcite. As also indicated by the absence of calcium tartrate crystals in SEM images taken post-
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acid attack, it can be concluded that tartrate crystals dissolved in addition to marble. The
calcium tartrate crystals, although large in size, were sparsely distributed and therefore offered
little barrier to acid attack, even as a sacrificial coating.
In contrast, the calcium oxalate coating had almost complete coverage with an absence
of cracks prior to acid attack and only a few exposed patches of the underlying mineral, and still
no cracks after acid attack. Due to this extent of coverage, the oxalate formed a protective layer
against acid penetration. In addition, the relative concentration of calcium ions dissolved in
solution was lower in the AmOx coated sample than bare calcite, indicating that, although the
−9

solubilities of the two minerals are similar (Ksp ≈ 10 ), their dissolution rates are not necessarily
comparable. No comparison between the dissolution rates of calcite and calcium oxalate under
identical conditions was found in the literature, as the majority of dissolution studies on calcium
oxalate are conducted to mimic kidney stones in simulated body fluid conditions. Nonetheless, it
can be deduced that calcium oxalate may serve as more than just a sacrificial coating in its
capacity as a surface protective acid-passivating agent.
The DAP-CaCl2 treatment performance was superior to the HCT treatment but inferior to
the AmOx treatment. This is because the HAP film had a higher percentage of bare patches
than the calcium oxalate film prior to acid attack and its microstructure consisted of high surface
area, flowery crystals that likely resulted in porosity and provided the acid with access to the
underlying mineral. In such circumstances, no matter how low the film’s solubility and
dissolution rate, it would provide access for the acid to reach the substrate and a more soluble
but more extensive coating may be preferable to achieve passivation.
The logarithmic nature of pH distorts proton activity changes; that is, at lower pHs, large
differences in H+ activity appear small on the pH scale, while small fluctuations in H+ activity
near neutral conditions are amplified. Furthermore, the variable of interest in calcite dissolution
is not time required to achieve pH neutralisation, but the rate of substrate dissolution, which is
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more appropriately represented by the increase in dissolved calcium ion concentration in
solution with time. For these two reasons, the pH evolution data were transformed to present
calcium ion activity data.
As illustrated in section 4.1, three reactions govern calcite dissolution rates and to
determine which might be the rate-controlling reaction, it is necessary to consider pH regime
and reaction conditions. In the tests, the reaction conditions changed from low to intermediate
pH. Hence, equations 4.1 and 4.2 are predicted to play the larger roles, particularly far from
equilibrium. In an open system where dissolved CO2 from the atmosphere contributes to PCO2 ,
reaction 2 plays a role from the onset. As the reaction progresses, the proton and carbonate
species concentrations change and so the relative influence of the reactions should also
change. The [Ca2+]gen to [H+]con ratio is expected to start closer to 1:1 and move towards 1:2 as
the pH rises. A 1:2 ratio was chosen for data transformation as it was observed that CO2
bubbles were continuously and aggressively released during reaction. Moreover, for most of the
reaction period, the pH was in a range that according to the literature most closely
corresponded to regime 2.
The simulations showed very good agreement with the experimental pH change during
acid attack on bare CM and CM treated with 1 M DAP + 1 mM CaCl2, including the location of
the inflection point and the final pH. The calculations indicated that the release of each Ca2+ ion
from calcite was accompanied by the loss of two H+ ions until [Ca2+] ≈ 200 ppm (Figure 50).
During this period, all the CO32- ions released by dissolution of calcite were reduced to CO2 gas,
which bubbled away. Eventually, the pH had risen enough so that the released carbonate was
transformed to bicarbonate, which remains in solution, so bubbling stops. Beyond this point, H+
activity remained constant, because the acidity is maintained by equilibrium with atmospheric
CO2 (Figure 51).
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The experimentally determined ratio between [Ca2+]gen and [H+]con was found to lie slightly
above 1, which is higher than the range of 0.5-1 that was expected on the basis of the literature
and our own simulations. In comparing the pH progression of the CM cube used to
experimentally obtain [Ca2+]gen/[H+]con with the pH progression of the CM slabs used to
theoretically derived [Ca2+]gen/[H+]con, the difference between the two was within the error range
of individual specimen measurements (Figure 47). It should be noted that the latter was
multiplied by a factor of five to adjust for differences in geometric surface area between cubes
used in the [Ca2+]gen experiments and slabs used in the original pH experiments. These
experiments were consistent with the rate of change of pH with time (Figure 47), but the amount
of calcium released per proton consumed was more than twice as high as expected.
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4.6 Conclusions	
  
The attack of HNO3 acid on marble proceeds via simultaneous grain boundary, twin
boundary and grain surface attack instead of in a sequential format starting with grain
boundaries, then twin boundaries and finally individual grains. Certain grain orientations
experienced faster dissolution than others. A difference in acid attack mechanism at low and
high pH was observed, with the boundary being between pHinitial 2.5 and 3.5. The HAP coatings
were relatively insoluble and remained bound to calcite after acid attack; however, due to their
porosity and incomplete coverage, the protection was compromised and acid could reach the
substrate and partially dissolve it. The most effective DAP treatment was the single DAP-CaCl2
treatment, which increased coating coherency, substrate coverage and acid passivation by a
dissolution reduction of approximately 25%. Additional DAP-CaCl2 modifications only served to
increase film thickness and result in cracking, which worsened acid dissolution performance.
Ammonium tartrate produced an extremely poor passivating coating, and served only as an
incomplete sacrificial barrier. Ammonium oxalate however, formed a coherent and dense
coating and was thus more protective against acid attack. To justify using DAP as an acidresistant treatment for calcite, its porosity must be eliminated, such as via the use of organic
growth habit modifiers and fillers that would increase coating density and reduce porosity.
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4.8 Appendix	
  I:	
  Tables	
  	
  
Table 12: Pre-treatment conditions for CM slabs subjected to acid attack.

	
  

Sample

Treatment conditions (t = 24 hours)

DAP

1 M DAP

2-DAP

2 M DAP

DAP-CaCl2

1 M DAP + 1 mM CaCl2

DAP-CaCl2-(NH4)2CO3

1 M DAP + 1 mM CaCl2 + 150 µM (NH4)2CO3

DAP-CaCl2-SrCl2

1 M DAP + 1 mM CaCl2 + 1 mM SrCl2

DAP-CaCl2-MgCl2

1 M DAP + 1 mM CaCl2 + 0.1 mM MgCl2
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4.9 Appendix	
  II:	
  Figures	
  

Figure 31: Rdiss (mol cm-2s-1) of calcite and apatite as a function of pH at 25°C [16, 22].

Figure 32: Experimental set-up of acid dissolution experiments.
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Figure 33: Acid dissolution profiles for pHinitial = 2.5, 3.5, 4.5 and 5.5.
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a)

b)

c)

d)
Figure

34:

SEM

images

of

unpolished CM cubes post attack:
a) unreacted (control); b) pHinitial =
2.5; c) pHinitial = 3.5; d) pHinitial = 4.5;
e) pHinitial = 5.5 (scale-bar: 500 µm)

e)
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a)

b)

c)

d)
Figure 35: SEM images of polished
CM cubes post-attack at pHinitial 3.5:
a) t = 0 hours (unreacted); b) t = 2
hours; c) t = 3 hours; d) t = 4 hours;
e) t = 5 hours (scale-bar: 200 µm)

e)
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Figure 36: EBSD patterns for two grain surfaces with different levels of acid etching
reveal different orientations: grain a (top) had more twin boundaries and rough
patches than grain b (bottom). ‘+’ signs (left) represent points from which patterns
were generated and correspond to the crystal orientation windows (right).
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Figure 37: pH neutralisation profiles for DAP-based treatments.

Figure 38: Microstructure of DAP-CaCl2-SrCl2 film on calcite.

Figure 39: Acid neutralisation profiles for samples doped with SrCl2 and MgCl2.
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Figure 40: Acid dissolution profiles for samples subjected to DAP treatment with modifications.

a.

b.
Figure 41: SEM images of HCT-treated
calcite reveal: (a) large prismatic crystals
and

small

octahedral

crystals

with

underlying calcite exposed (scale-bar:
200 µm); (b) few areas of dense,
continuous
c.

small

octahedral

(scale-bar: 50 µm); (c) no remaining
tartrate

crystals

post-acid

(scale-bar: 200 µm)
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dissolution

a.

b.
Figure 42: SEM images of AmOx-treated
calcite reveal: (a) dense, continuous
distribution of oxalate crystals (scale-bar:
100 µm); (b) large magnification view of
dense prismatic crystals (scale-bar: 10
µm); (c) post-dissolved microstructure

c.

with some film degradation and few
areas of exposed calcite (e.g. in image
centre) (scale-bar: 10 µm)
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Figure 43: Acid dissolution profile comparison of DAP-CaCl2 treatment with HCT and AmOx
treatments.

Figure 44: Experimental results for [Ca2+]gen/[H+]con over ten hours at pHinitial 3.5.
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Figure 45: Comparison of [Ca2+]gen profiles at pHinitial of 2.5, 3.5, 4.5 and 5.5.

Figure 46: [Ca2+]gen/[H+]0 plots for DAP-CaCl2, HCT and AmOx treated samples.

Figure 47: pH progression for CM cube (experimentally determined [Ca2+]) versus CM slab
(transformed [Ca2+]) (surface area-adjusted pH).
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Figure 48: Adjusted Rdiss (solid line) close to the lower bound of the literature data.
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Figure 49: Simulated vs. experimental Rdiss of calcite and DAP-CaCl2-treated calcite.

	
  

125	
  

Figure 50: Change in [H+] (left ordinate) and [HCO3-] (right ordinate) as a function of the
concentration of [Ca2+] in the solution.

Figure 51: Concentration of calcium ions released by dissolution of calcite, and the cumulative
amount of gaseous CO2 that bubbles out of the solution. After [Ca2+] exceeds ~ 200 ppm,
bubbling stops but calcium dissolution continues.
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5 Consolidation of weathered limestone
5.1 Introduction	
  
Limestone, a calcite-based sedimentary stone with chemical formula CaCO3, has been
used for millennia in the construction of various monuments, buildings and sculptures around
the world. Unfortunately, due to its porosity and chemical properties, it is vulnerable to various
forms of weathering, such as salt crystallisation, freeze/thaw cycles, clay-induced swelling and
acid dissolution [1, 2]. Over the years, such weathering can lead to severe structural damage.
Due to the historical and archaeological value of these structures, preventive and curative
measures to preserve and restore limestone are of utmost importance.
A consolidant is intended to restore the mechanical integrity of deteriorated stones by
binding the grain boundaries and fracture surfaces, either physically or chemically [3]. The ideal
consolidant should retain the stone’s water transport properties and aesthetics, and the
treatment should be reversible, or at least not hamper further treatment. There are various
classes of consolidants, including polymeric, lime-based and silicate-based materials.
Polymeric consolidants, which include epoxy resins, polyacrylates, polymethacrylates,
polyesters and polyvinyls, can be divided into two categories: thermoplastic polymers and
thermosetting polymers [4, 5]. Thermoplastic polymers stiffen as the solvent evaporates, but the
chains are not crosslinked; thermosetting polymers are formed via cross-linking of chains to
form a three-dimensional insoluble network. In both cases, the polymer solidifies inside the
stone and holds the grains together. The main disadvantage of polymer-based consolidants is
their limited penetration depth, sensitivity to UV rays and susceptibility to microbial attack [6, 7].
Lime-based consolidation consists of applying limewater, Ca(OH)2 to the stone, which in
the presence of atmospheric CO2, converts to calcium carbonate, CaCO3. The treatment is
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chemically compatible with calcite, but is plagued by its slow reaction rate, limited penetration
depth and induced changes to the stone’s appearance [4]. To address some of these issues,
recent work on lime-based consolidants has focused on the development of nanolimes, but
penetration is still limited to about one millimetre [8].
Silicate-based consolidants are very effective on silicate stones, such as quartzitic
sandstone, due to their chemical compatibility [9, 10]. One such consolidant is tetra-ethoxyortho-silicate (TEOS), -(Si(OC2H5)4)n- [11] (commercially available in the U.S. as Conservare®
OH-100) [12]. It is usually applied via brushing or spraying and penetrates via capillary suction.
Over time, atmospheric water replaces the -OC2H5 groups with -OH groups. This process is
known as hydrolysis, and is very slow, taking six to eight weeks to complete [10]. Once TEOS
has hydrolysed, the oligomers condense with each other to form a silica gel. The gel can then
form covalent bonds with the silanol groups on the surface of sandstone [13], as illustrated in
Figure 52.
Unfortunately, TEOS is not as effective on carbonate stones, as it can only bond
mechanically i.e. by filling in the irregularities in the stone [4]. This is due to the absence of –OH
groups in calcite that would allow chemical interaction to occur. A variety of chemical coupling
agents has been tested with the goal of enhancing bonding between silicate consolidants and
carbonate stones [10], but none is widely used. Exposure of carbonate stones to ammonium
hydrogen tartrate results in formation of calcium tartrate, which is potentially useful as a
coupling agent (owing to exposed –OH groups) or as a consolidant in itself [9, 14]. However, the
occurrence of a condensation reaction between the tartrate and silicate species has not been
directly demonstrated.
To address the lack of an effective consolidant for limestone, HAP was tested as a
consolidant for limestone using DAP precursor as in the case of marble dissolution. The
reaction occurs via a dissolution/precipitation process at ambient temperature and pressure and
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HAP formed through this reaction was found to be crystalline in nature (Chapter 2). As
illustrated by Sassoni et al., this treatment restores the mechanical integrity of deteriorated
Indiana limestone, in certain cases to its initial undamaged conditions [15]. In addition, the
benefits of this treatment are: a) structural compatibility (i.e. similarity in crystal symmetry and
lattice spacing) between calcite and HAP (Chapter 1), b) retention of water transport properties,
c) no chromatic alteration, and d) the inorganic and non-toxic nature of treatment. In fact,
consolidation of stones with HAP has been independently investigated by several groups [1517].
The incorporation of a calcium-based precursor provides calcium ions for HAP formation
externally, which increases the reaction rate significantly and prevents dissolution of calcite from
within the stone as the calcium is provided at a concentration above the solubility limit of calcite.
Calcium chloride, CaCl2, was found to be the most effective calcium precursor for this purpose,
among a number of calcium salts that were investigated (Chapter 2).
The motivation for this study is to evaluate the use of HAP as a coupling agent between
calcite and a silicate consolidant. Therefore, the effectiveness of treatment with DAP followed by
Conservare® OH-100, in comparison with DAP or Conservare® OH-100 alone was tested. The
availability of –OH groups on the surface of HAP was also examined spectroscopically to
rationalise the results of the consolidation tests. Lastly, a technique to accelerate the reaction of
the silicate-based consolidant was developed and the efficacies of the different treatments were
investigated and compared, in an effort to find the most effective consolidant for weathered
limestone.
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5.2 Methodology	
  
5.2.1 Materials	
  
Indiana limestone (IL) is composed mainly of calcite (CaCO3, > 97%) and minute
amounts of MgCO3, Al2O3 and SiO2. Most of the calcite is in the form of calcite-cemented
oolites, with trace amounts of sparry crystals. IL has a porosity of approximately 14% [18]. IL
samples used in this study were core-drilled cylinders with a diameter of 2 cm and a height of 5
cm.
DAP (puriss. p.a. >99%) and calcium chloride (CaCl2.2H2O, assay >99.0%) were
purchased from Sigma-Aldrich, their concentrations made up with deionised water. TEOS was
obtained from PROSOCO, Inc. as Conservare® OH-100 and diluted in a 1:3 v/v ratio with
ethanol (EtOH) before application. This was done as undiluted Conservare® OH-100 was found
to form cracks inside the stone [13].
For spectral analysis, commercial HAP nanopowder (<200 nm, >97% purity) was
obtained from Sigma-Aldrich. Trimethylethoxysilane (TMES, > 98%) was obtained from SigmaAldrich, sodium hydroxide (NaOH, ACS reagent grade > 97%) from ACROS and hydrochloric
acid (HCl) from EMD Chemicals. Deuterium oxide (D2O, >99.9% purity) was purchased from
Cambridge Isotope Laboratories, Inc.
Ethanol solvent (200 Proof) was manufactured by Decon Labs, Inc., decane (99.5%
purity) from Fisher-Scientific and hexane (assay >98.5%) from EMD Chemicals.

5.2.2 Accelerated	
  weathering	
  
Subjecting limestone samples to heat induces accelerated degradation of the stone [15,
19]. The higher the temperature, the greater the damage. Heating beyond an hour has minimal
further effect, as once the cracks between the grains open, only a further increase in
temperature can create further damage. It was found that subjecting IL samples to 300°C for 1
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hour decreases the stone’s dynamic elastic modulus by 40%, comparable to the decrease in
Edyn due to natural weathering in the field of ~36% [20]. Hence, using a furnace, IL samples
were heated at 300°C for one hour to induce artificial degradation.

5.2.3 Consolidant	
  application	
  
Thermally weathered samples were divided into seven pairs of cylinders, each pair
subjected to different treatment conditions, as described in Table 13. In each case, there were
two cylinders (e.g., IL 1 consisted of IL 1a and IL 1b) subjected to identical conditions.
DAP solutions were applied to both samples in a beaker by filling up to 1 3 the height of
the samples. After the solution had completely risen to the stone’s surface via capillary suction,
the remainder was poured in up to 5 mm from the top surface of the stone. This was done to
allow air bubbles to escape from the stone. To prevent evaporation and subsequent
concentration changes, the beakers were sealed with Parafilm®. After 48 hours, samples were
removed, water-saturated for 3 days to remove unreacted DAP (with the water being replaced
daily), then dried under a fan at ambient conditions until constant weight (approximately 7 days).
Subsequent treatment, where indicated, was then applied in the same manner and the process
repeated.
After samples IL 5 (IL 5a and IL 5b) were dry, they were submerged in Conservare® OH100 for 12 hours, then removed and dried and finally immersed in a solution of EtOH-H2O in 1:5
v/v ratio for 24 hours. This was done to accelerate the hydrolysis of TEOS, as ethanol is
amphiphilic and would allow transport of water into the now hydrophobic stone to promote
hydrolysis. A low ethanol-high water mixture was used to limit the concentration of volatile
organic compounds.
Samples IL 7, after Conservare® OH-100 application, were left to hydrolyse naturally
over seven weeks, with dynamic elastic modulus measurements taken weekly. This time frame
was chosen as the manufacturer’s instructions recommend a curing period of three weeks, and
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so twice that time period is expected to be more than sufficient for complete hydrolysis. After
seven weeks, samples IL 7 were rinsed in a 1:5 (v/v) EtOH:H2O mixture. To investigate the
effect of an earlier EtOH-H2O rinsing, samples IL 8 were left to cure naturally for two weeks,
then rinsed in a 1:5 (v/v) EtOH:H2O mixture.

5.2.4 Evaluation	
  of	
  treatment	
  
Microstructural analysis
To investigate consolidant deposition and penetration depth, specimens from the centre
of each cylinder were obtained by hammer fracturing, then viewed under the SEM. This was
done in high vacuum, and samples were pre-coated with carbon to render them conductive in
the chamber. The instrument’s EDX capability was utilised to confirm mineralogical composition.
Mechanical properties
The relationship for dynamic elastic modulus is given by Edyn = ρv2, where ρ is sample
density and v is pulse velocity, calculated by distance travelled over time taken for the pulse to
transverse the sample. A PUNDIT device (CNS Farnell) with two 54 kHz transducers was used
to measure time taken for the sound pulse to travel through the material. Edyn was recorded for
all samples when dry - before and after heat treatment, and after each treatment. An increase in
dynamic modulus is indicative of the quality of binding of the consolidant to the stone and a
subsequent increase in stone stiffness.
Sorptivity
Sorptivity is a measure of the rate of water uptake by capillarity. It was used to determine
changes in water transport properties of treated samples. Cylindrical IL samples were
suspended from a balance and a water dish raised slowly until contact with the bottom of the
sample was established. Mass increase was then continuously recorded by a computer data
acquisition system (DASYLab) and the sorptivity, S calculated from the initial linear portion of
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" !mass %
' , where SA = cylinder surface area and t =
# SA t &

the mass change versus time plot as S = $
time.

5.2.5 Surface	
  chemistry	
  
To determine the presence or absence of bonding between TEOS and HAP, synthetic
HAP nanopowder was treated with TMES in a vacuum desiccator, under various conditions.
Unreacted reagent was removed using a Büchner funnel and the powder rinsed with
decane/hexane solvent. At the end, nitrogen was flushed through to dry the powders. Infrared
(IR) spectra for the powders were collected using a Fourier Transform Infrared Spectrometer
(FTIR, Thermo Nicolet Model 6700). All beakers were stirred magnetically to facilitate reaction.
TMES was used instead of TEOS due to its distinct Si-CH3 spectral peak at wavenumber 1250
cm-1. The presence of this peak would confirm bonding of TMES to HAP, as any unreacted
reagent was removed after reaction. TMES should have a lower reactivity than TEOS due to an
inductive effect from its methyl groups, which are electron donating that push some of their
electron density on to the silicon atom, thus making it a less reactive centre. Hence, if HAP
reacts successfully with TMES, it should do so more easily with TEOS.
Basic reaction
After reacting 60 mg HAP powder with 10 ml TMES for 6 hours and 18 hours, the
powder was filtered and then washed with decane. This was also done for 160 mg HAP with 10
ml TMES for 6, 18 and 24 hours. The procedure was repeated in a glove box to create an inert
atmosphere without moisture.
Catalysed reaction
In an attempt to catalyse the reaction between HAP and TMES, HCl was used. HCl was
prepared in a concentration of 0.002 M in EtOH solvent (see Fig. 13 of ref. [11]). HAP and
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TMES were added to 10 ml of this solution in HAP/TMES molar ratios of 1/5, 1/10 and 1/1 and
left to react for 2 hours.
Accessibility of –OH groups
To investigate whether surface –OH groups in HAP were accessible for chemical
bonding, HAP was treated with D2O for 1, 6 and 24 hours. If –OH groups are present on the
surface, the deuterium atoms from D2O should replace the hydrogen atoms and create a shift in
the –OH stretch peak on the IR spectra, as indicated in Figure 62a. The –OD group has a clear,
distinct peak, making it easily identifiable via IR Spectroscopy.
To determine whether surface carbonation from the atmosphere is responsible for
replacing surface –OH groups and thus hindering reaction between TMES and HAP, HAP
powder was treated in a solution of NaOH at pH 11 for 15 hours. This would allow substitution of
any surface carbonate with hydroxide from NaOH. After excess unreacted reagent was
removed, the powder was reacted with D2O for 12 hours. Unreacted D2O was filtered out and
the desiccator flushed with nitrogen. The dried powder was sealed and transferred for IR
testing.
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5.3 Results	
  
5.3.1 Evaluation	
  of	
  treatment 	
  
Microstructural analysis
Figure 53a shows the limestone sample subjected to treatment IL 4. EDX spectra taken
on the surface of one grain indicate the presence of carbon, oxygen, phosphorous and calcium
(Figure 53b). However, no nitrogen peaks were detected, thus confirming that there was no
residual DAP or ammonium salts in the film. Ammonia odour was detected during the reaction,
indicating that the ammonium carbonate produced had evaporated. No chloride peak was
detected.
As seen in Figure 54a, the sample subjected to treatment IL 5 also showed film
formation at pores and grain surfaces. The EDX spectrum in Figure 54b confirms the presence
of oxygen, carbon, calcium and phosphorous. In addition, a silicon peak is obtained, confirming
deposition of the TEOS consolidant.
Mechanical properties
Figure 55 shows that heating the IL samples at 300oC for 1 hour caused a reduction in
dynamic modulus of ~40%. The single DAP treatments brought the modulus back up to the
original value, and the double treatments increased the modulus above the original undamaged
values. The change in Edyn is most dramatic after the second 1 M DAP + 1 mM CaCl2 treatment
(IL 4).
All treated samples (1L 1 to 6) displayed a significant increase in Edyn. This increase was
most dramatic for sample 1L 4, which went from Edyn (damaged) = 22.0 GPa to Edyn (treated) =
46.3 GPa (Figure 56).
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Samples subjected to treatment IL 7 experienced a gradual increase in dynamic
modulus over the seven-week curing period, as indicated in Figure 57. However, the dynamic
modulus never returned to its original, undamaged value. After seven weeks of curing, Edyn
recorded was 14.6% lower than undamaged Edyn. Rinsing in EtOH:H2O for 24 hours reduced the
dynamic modulus by 3.6%, from 33.0 GPa to 31.8 GPa (Figure 57), which is within the error
margin of IL moduli.
Sorptivity
Water uptake data for untreated and treated IL samples (Figure 58) showed a marked
reduction in sorptivity in treated samples, except IL 1, which experienced only a slight reduction.
A decrease in sorptivity also occurred between the single and double DAP and DAP-CaCl2
applications, with Suntreated = 0.04359 g.cm-2.min-1/2 while SIL1 = 0.03317 g.cm-2.min-1/2, SIL2 =
0.02646 g.cm-2.min-1/2, SIL3 = 0.02828 g.cm-2.min-1/2 and SIL4 = 0.02236 g.cm-2.min-1/2 (Figure 59).
Comparing sorptivity between the DAP- Conservare® OH-100 rinsed (IL 5) and unrinsed
(IL 6) samples (Figure 60) revealed a small increase with ethanol-water rinsing, from SIL6 =
0.00224 g.cm-2.min-1/2 to SIL5 = 0.00300 g.cm-2.min-1/2.
IL 7, which was left to cure naturally over seven weeks showed a low sorptivity of
0.00282 g.cm-2.min-1/2, which upon rinsing with ethanol-water mix, rose eight-fold to 0.02236
g.cm-2.min-1/2. IL 8, left to cure for only two weeks, had a sorptivity of 0.01414 g.cm-2.min-1/2 after
rinsing (Figure 61).

5.3.2 Surface	
  chemistry	
  
The IR spectrum of untreated HAP powder (Figure 62a) displayed a tiny, sharp peak at
3572 cm-1, corresponding to the –OH stretch peak. The PO43- bands were at 560-640 cm-1 and
960-1090 cm-1. The –OD stretch peak, expected to appear at 2500 cm-1 if –OD substitutes for –
OH during D2O reaction, was not detected.
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The reaction between HAP and TMES for 24 hours in the glove box resulted in the
spectrum shown in Figure 62b. The absence of a peak at 1250 cm-1 indicated that no Si-CH3
band was observed. A wide hump in the region of 3000 to 3500 cm-1 is attributed to liquid water.
HAP-TMES combinations treated for less than 24 hours did not reveal any Si-CH3 peaks either.
HAP powder treated with D2O for periods up to 24 hours did not result in an –OD stretch
peak at 2500 cm-1 (Figure 62c). HAP powder that was treated with NaOH followed by D2O for
12 hours did not reveal the –OD stretch peak either.
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5.4 Discussion	
  
SEM and EDX analysis of limestone treated in 1 M DAP for 48 hours indicated that a film
of calcium phosphate had formed around the calcite grains, in pores as well as at grain
boundaries. The film was not cracked and, given that the only species detected were Ca2+ and
PO43-, the presence of damaging salts can be excluded. Chloride was not detected because the
quantity used was minute (i.e., millimolar). However, chloride is sometimes detected by EDX
even after extensive washing. Hence, it is believed that it is incorporated into the crystal
structure of HAP, which can undergo ionic substitution [21]. As a result, the presence of a
calcium salt is unlikely, and has never been detected via XRD.
The dynamic modulus decrease with heating at 300oC for 1 hour was due to the
anisotropic thermal expansion of calcite grains that expand in the c-axis and contract in the aand b-axes, thus creating stresses that cause microcracks to appear [22]. Stiffness was
restored to its original value after treating in DAP for two days as the solution formed a film that
entered the pores and bridged the grains. The second application of DAP increased Edyn above
the undamaged value, indicating a benefit of a double application of consolidant.
The benefit of adding CaCl2 to the DAP solution was also apparent from the 100% Edyn
restoration after the first DAP-CaCl2 treatment and a further 23.4% increase in Edyn after the
second treatment. This is likely attributed to the enhanced reaction between DAP and Ca2+ from
the calcium salt, which increased film formation in pores and at grain boundaries. In the case of
DAP alone, the reaction is dependent on the dissolution of limestone to supply Ca2+ ions, which
is slow at the mildly basic conditions of the solution. After treatment was applied, the samples
were washed in deionised water and dried completely before measurements were taken, so that
surface deposits and unreacted reagents were removed. Thus, the Edyn values recorded
represent the true Edyn of treated samples.
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A preceding study showed that limestone treated in 1 M DAP for 48 hours experienced a
slight reduction in total open porosity, with the fraction of coarser pores (rp > 1 µm) reduced and
the fraction of finer pores (rp < 0.1 µm) increased [15]. This is consistent with sorptivity results in
Figure 58, where the lower initial sorptivities of treated samples can be attributed to reduction in
coarser pores that would otherwise allow faster water uptake. The single DAP and DAP-CaCl2
treatments have comparable sorptivities, as do the double treatments. However, the total water
uptake of the DAP double treatment eventually approaches that of the single treatment and the
untreated stone, indicating that water uptake and water vapour exchanges are not impeded.
This is because the total pore volume of the sample remains almost unchanged, although the
pores in the treated samples are smaller in size. The total water gain of the DAP-CaCl2 treated
stones also approach each other, but plateau at 86% of total water uptake of the untreated
samples. Although there is enhanced reaction from additional Ca2+ ions resulting in a thicker
film, a mass change of less than 1% cannot be accompanied by a water uptake change of 14%.
Therefore, it is suspected that a large part of this final difference is due to trapped air in the
pores.
Limestone treated in Conservare® OH-100 and allowed to cure naturally over seven
weeks displayed a gradual but consistent increase in stiffness, indicating that hydrolysis
continued to occur over the trial period. Furthermore, given the poor sorptivity of the IL 7
sample, it was evident that the stone was still hydrophobic after seven weeks and therefore
hydrolysis was far from complete. The EtOH:H2O rinse was successful in increasing the
sorptivity eight-fold. This can be attributed to the amphiphilic ethanol medium allowing water to
enter the hydrophobic stone and accelerate curing, which renders the stone hydrophilic. The
total water uptake for the rinsed sample was still 50% lower than untreated stone, suggesting
that some curing was still occurring. Nonetheless, rinsing Conservare® OH-100-treated samples
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with EtOH:H2O mix is beneficial in accelerating the reaction significantly so that conservators
would not need to wait six months for the stone to become hydrophilic.
To see what effect the stage of curing has on the effectiveness of the EtOH:H2O rinse, IL
samples were rinsed in EtOH:H2O after only two weeks of natural curing. The sorptivity after
rinsing at two weeks was 42% of the sorptivity after rinsing at seven weeks. Hence, rinsing is
recommended later rather than earlier in the curing process to increase hydrophilicity as much
as possible. However, if time is a concern, rinsing after two weeks is recommended as the
further improvement from rinsing at seven weeks is not commensurate to the additional curing
time required.
The samples treated in DAP followed by Conservare® OH-100 displayed negligible
sorptivity, which can be explained by the expected hydrophobicity of the IL samples. The
EtOH:H2O rinse application produced a negligible increase in the sorptivity and failed to restore
water uptake. As it has already been established from the results of the naturally cured IL
samples that rinsing improves stone hydrophilicity, this lack of improvement is most likely due to
pore blocking by the large amount of material deposited from both DAP and TEOS, so that the
EtOH:H2O mixture was unable to penetrate the pores and hydrolyse the silicate. Dynamic
modulus was restored with both the DAP-Conservare® OH-100 rinsed and unrinsed treatments,
with the rinse not affecting IL stiffness beyond the error margin for moduli readings. Although a
combination of DAP-CaCl2 followed by Conservare® OH-100 was not investigated, it is not
expected to produce promising results as the calcium chloride addition would only serve to
worsen pore blockage due to the additional amount of HAP film.
The presence of phosphorous and silicon EDX peaks in limestone treated in DAP for 2
days followed by Conservare® OH-100 for 12 hours indicated that TEOS had deposited on the
calcium phosphate. However, as FTIR spectroscopy on TMES-reacted apatite powder did not
reveal Si-CH3 peaks that would have appeared had a chemical reaction occurred, the
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interaction between calcium phosphate and TEOS in limestone is evidently mechanical in
nature. Reacting apatite powder with NaOH prior to exposure to D2O also failed to result in
detectable –OD groups. This either means that no carbonate substitution was present or that
the surface was rapidly re-contaminated during the measurement. As the reactions were
conducted in a glove box under vacuum, if the short atmospheric exposure periods were
sufficient to replace surface –OH groups, then a chemical coupling between apatite and TEOS
in the field cannot be expected.
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5.5 Conclusions	
  
All of the DAP-based treatments applied were effective consolidants for weathered
Indiana limestone, based on improvement in mechanical properties, retained water uptake and
absence of harmful by-products. The DAP treatment’s performance was significantly improved
by the addition of millimolar quantities of CaCl2, which provides calcium ions for HAP formation.
The double treatment of DAP and DAP-CaCl2 provided further improvement in mechanical
properties over the single treatment, but negatively affected the sorptivity due to the additional
amount of consolidant in the pores. If a double treatment is applied, the DAP double treatment
is superior to the DAP followed by Conservare® OH-100 double treatment, as the latter had
extremely poor water sorptivity and no improvement in mechanical properties over the single
DAP treatment.
The Conservare® OH-100 treatment rendered Indiana limestone hydrophobic for at least
seven weeks, which was more than double the time stated in the product manufacturer
instructions. Therefore, if Conservare® OH-100 is applied as a consolidant in the field,
EtOH:H2O rinsing would be beneficial, as it was found to accelerate hydrolysis and improve the
stone’s hydrophilic properties significantly.
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5.7 Appendix	
  I:	
  Tables	
  
Table 13: Description of treatment conditions.

	
  

Sample

Treatment conditions

IL 1

1 M DAP 48 hrs (single treatment)

IL 2

1 M DAP 48 hrs (double treatment)

IL 3

1 M DAP + 1 mM CaCl2 48 hrs (single treatment)

IL 4

1 M DAP + 1 mM CaCl2 48 hrs (double treatment)

IL 5

1 M DAP 48 hrs → Conservare® OH-100 12 hrs → EtOH-H2O 24 hrs

IL 6

1 M DAP 48 hrs → Conservare® OH-100 12 hrs

IL 7

Conservare® OH-100 12 hrs (natural curing for seven weeks)

IL 8

Conservare® OH-100 12 hrs (natural curing for two weeks)
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5.8 Appendix	
  II:	
  Figures	
  	
  

Figure 52: Chemical interaction between hydrolysed TEOS consolidant and silanol groups on
the surface of silicate stone.

Figure 53: SEM image (left) of two calcite grains connected at a grain boundary (middle of
image) in IL 4, with indication of where EDX spectrum was taken (on coating deposited on the
top grain’s surface). Working distance: 9.8 mm, applied voltage: 10 kV. EDX pattern revealing
the presence of phosphorous in the coating (right).
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Figure 54: SEM image (left) of a three-grain intersection (image centre) in sample IL 5, with
indication of where EDX spectrum was obtained on the top grain’s surface. Smooth region at
centre right is a fracture surface without coating. Working distance: 9.5 mm, applied voltage: 10
kV. EDX pattern indicating Si and P peaks (right).

Figure 55: Dynamic modulus of DAP-treated IL samples. Error bars represent the values for the
pairs of samples.
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Figure 56: Edyn comparison of different treatments. Error bars represent the values for the pairs
of samples.

Figure 57: Dynamic modulus change with time for natural curing of IL 7 sample. Error bars
represent the values for the pairs of samples.
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Figure 58: Compiled sorptivity data for all IL samples.

Figure 59: Initial water uptake of samples IL 1-4.
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Figure 60: Initial water uptake of DAP-TEOS treated samples.

Figure 61: Initial water uptake of naturally cured TEOS sample, pre and post rinsing
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(a)

(b)

(c)
Figure 62: FTIR spectra of synthetic HAP powder: (a) Untreated; (b) treated with TMES for 24
hours; (c) exposed to D2O for 24 hours
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6 Conclusions and recommendations
6.1 Conclusions	
  
6.1.1 Dissolution	
  reduction	
  of	
  marble	
  
In this study, it was found that crystalline, inorganic HAP coatings on calcite are
attainable in ambient conditions applicable in the field. HAP films were obtained within 24 hours
using molar quantities of DAP via a simple, wet chemistry route. As temperature decreased, the
reaction rate and crystal size decreased, but crystalline film formation was still obtained at room
temperature. However, the films synthesised from DAP had incomplete coverage and porous
growth.
Calcium salt additions in millimolar quantities accelerated both nucleation and growth
rate, thus improving film coverage. Of the four calcium salts investigated, the fully dissociated
calcium chloride was found to be most proficient at improving growth rate and film coverage,
compared to the other partially dissociated salts. From equilibrium calculations, millimolar
quantities of CaCl2 were predicted to be sufficient to suppress dissolution of the substrate.
Carbonate salt addition in micromolar quantities promoted growth rate further, but caused
excessive growth that led to film cracking, most likely during the drying of thick films.
Simulations of solution equilibrium also revealed that carbonate was not necessary to suppress
calcite dissolution when the 1 M DAP + 1 mM CaCl2 combination was applied.
The use of inorganic salts to achieve cationic substitution (strontium) and change in
growth morphology (magnesium) were less successful. Magnesium addition was not successful
in influencing film composition, growth rate or growth habit. Strontium substitution altered film
composition, most likely from incorporation into the unit cell of HAP, as indicated by the
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presence of strontium in the film and the lack of a separate salt phase. However, the purpose of
using strontium was to improve the lattice match between HAP and calcite so that epitaxy might
occur, but the evidence for epitaxy with and without strontium was low. In addition, strontium
addition hampered film growth and created lower coverage, thus reducing the acid protection
achieved from the 1 M DAP + 1 mM CaCl2 case.
For heteroepitaxial growth of HAP on calcite to occur, the surface of calcite needs to be
exceptionally clean, pure and free of dust and other growth enhancers. This is difficult to
achieve and requires specific experimental conditions, and is certainly not possible to implement
in field conditions. Beyond this, the difference in lattice spacing between HAP and calcite is
close to 5.5%, which is slightly higher than the generally accepted “within 5%” mismatch
required for epitaxial growth. Given these factors and the indication that surface roughening of
the substrate occurs prior to film nucleation even on cleaned, highly polished substrates,
epitaxial growth of HAP on calcite is unlikely. The lack of epitaxy is not necessarily a negative
feature, as even if epitaxial growth of HAP were to occur, fracture mechanics predicts that a film
would crack before reaching a thickness of 100 nm. Instead, growth of HAP nuclei most likely
occurs without epitaxy, on surface defects on marble, as indicated by natural surface
roughening prior to reaction and the correlation found between time for nucleation and surface
roughness.
When DAP was used alone, the only phase detected in the film was HAP. No other
amorphous or crystalline phase was observed. With ADP, brushite formed instead of HAP due
to the reaction occurring in the acidic region where brushite is the most stable calcium
phosphate phase. Although the growth of brushite was fast and complete surface coverage was
achieved within 12 hours of reaction, the film was highly soluble and did not confer any
protection against acid attack in dissolution experiments. When 1 M DAP was used in
conjunction with millimolar quantities of CaCl2, OCP and HAP were both detected in the film.
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This is likely due to the increase in supersaturation from calcium addition, which allows the
formation of a less stable phase. However, unlike brushite, OCP has a low solubility, only
slightly higher than that of HAP, and the film formed from the DAP-CaCl2 combination provided
greater protection against acid attack, compared to when CaCl2 was not added.
The dissolution of bare marble was found to occur via simultaneous dissolution of grain
boundaries, twin boundaries and grain surfaces at pH 3.5 and above. Some grains dissolved
faster than other, but due to acid etching which increased grain roughness, the orientations of
the grains which dissolved fastest could not be determined, so a link between grain orientation
and acid attack could not be established. At a pH of 2.5, the mechanism of dissolution was
entirely different, and involved the stripping of entire layers of calcite. Therefore, to mimic the
nature of acid attack in the field, but still provide pronounced attack so that the dissolution may
be monitored in the lab, a pH of 3.5 was found to be optimal.
From all the treatments tested, the film synthesised from DAP-CaCl2 provided the
highest protection against acid attack, most likely due to high film coherency, high surface
coverage and low surface area compared to the other films. Quantification of its dissolution rate
using numerical simulations revealed a 25% reduction in dissolution over bare, uncoated calcite.
The dissolution rate required to achieve this fit with experimental data from pH progression
experiments was in close proximity to the range of literature data for dissolution rate of pure
calcite. As the initial pH used in these experiments was 3.5, but the pH in nature is rarely below
4.5, even in highly polluted areas, the actual protection conferred in the field is expected to be
higher. Nonetheless, had the film provided complete coverage of the substrate, a much lower
dissolution rate would have been expected, given that the dissolution rate of HAP is orders of
magnitude lower than that of calcite. The calcium tartrate coating was not protective, while the
calcium oxalate coating was highly protective despite its high solubility. This latter effect was
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due to the oxalate’s complete coverage, which prevented the acid from accessing the
underlying substrate.
Thus, although synthesis of inorganic, crystalline HAP films on calcite is feasible in
ambient conditions suitable for field application, and under certain conditions, significant
reduction in dissolution rate over bare calcite can be achieved, the application of HAP is not
suitable for protecting marble due to the growth habit of HAP creating inherent porosity that
allows acid to still access the substrate. Therefore, to justify using DAP as an acid-resistant
treatment for calcite, film porosity must be eliminated, for example via the use of organic growth
habit modifiers and fillers that would increase coating density and reduce porosity.

6.1.2 Consolidation	
  of	
  weathered	
  limestone	
  
The application of 1 M DAP and 1 M DAP + 1 mM CaCl2 formed coatings of HAP in the
pores and cracks of the stone, which restored the dynamic elastic modulus of weathered
Indiana limestone to its original values. The double treatments, particularly DAP-CaCl2, further
enhanced the elastic modulus beyond the undamaged values. In all of these cases, much
greater improvement in stiffness was obtained compared to TEOS alone, and slightly better
than DAP followed by TEOS. The improvement in stiffness arising from TEOS alone increased
with time in the first several weeks after consolidant application, due to the ongoing hydrolysis
reaction. However, even after six weeks, the time stated by the manufacturer for complete
hydrolysis, the improvement in modulus and water uptake was still low. Rinsing with an ethanolwater mixture accelerated hydrolysis, and there was significant improvement in dynamic
modulus and sorptivity post-rinsing. Rinsing with ethanol and water at a later stage of the
hydrolysis (i.e. seven weeks instead of two weeks) was more efficient in raising the sorptivity.
The sorptivities of the DAP-treated samples were high, but there were slight reductions
compared to untreated samples. As a ~14% difference in final water uptake between DAP-
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treated and untreated limestone samples cannot be accounted for by less than 1% change in
mass between treated and untreated samples, the most likely cause of this was trapped air in
the pores.
All attempts to form a chemical bond between HAP and TMES were unsuccessful, and
no surface –OH groups were detected, most likely due to carbonation of HAP. Although it is
unclear whether carbonation occurs during HAP synthesis or upon atmospheric exposure, the
absence of surface –OH groups implies that the condensation reaction between TEOS and HAP
cannot be expected in the field; therefore, the DAP-TEOS double treatment must be mechanical
in nature. When tested on limestone, the benefit of the DAP-TEOS was diminished by its
excessive thickness, which blocks the pores, as determined from sorptivity of samples treated
with DAP. Whereas rinsing TEOS coatings with a water-ethanol solution accelerated hydration
of ethoxy groups and rendered the coatings more hydrophilic, the effect was minimal on DAPTEOS coatings, owing to pore blocking that prevented penetration of the solution into the stone.
In conclusion, HAP was found to be an effective consolidant for weathered Indiana
Limestone, as the DAP treatments, particularly the 1 M DAP + 1 mM CaCl2 double treatment,
restored the modulus of damaged stones to and above their original values and produced
coatings of superior properties to the conventional Conservare® OH-100 silicate consolidant.
These results are most likely extendible to other types of limestone, although the absolute
improvements in modulus, sorptivity and strength may differ from stone to stone. In fact, in
studies conducted by collaborators, the treatment has been found to be more effective than
conventional consolidants on at least one other variety of limestone and two lithotypes of
sandstone [1, 2]. Therefore, DAP treatment can be recommended for field application, although
further tests to establish its effect on salt crystallisation and thermal cycling should first be
conducted (see following section). Conservare® OH-100 is not recommended for field use on
limestone or marble due to its inferior restoration of modulus and strength, as well the slow
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hydrolysis reaction. However, when it is used, such as for consolidating silicate-based stones,
the recommendation from this study would be to post-rinse treated materials with ethanol-water
mixtures (1:5 v/v ratio) to accelerate hydrolysis and improve the consolidation effect on the
stone.
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6.2 Recommendations	
  for	
  future	
  research	
  
6.2.1 Dissolution	
  reduction	
  of	
  marble	
  
The pivotal reason for the failure of HAP to fully protect marble from acid attack is the
flowery growth habit of HAP crystals. This crystal structure is well documented in the literature
and is the preferred growth habit of HAP. To change this and reduce the surface area and
porosity of the film, growth habit modification would be required, such as from the use of organic
additives. For example, in the literature, there is evidence of fatty acids being used to modify the
crystal habit of calcite [3, 4]. Citric acid, a calcium-chelating ligand, was found to reduce the
porosity of apatite with little effect on the crystallinity [5]. However, the nature of these
interactions is not entirely clear and the result is not always a lower surface area habit that
reduces porosity. Furthermore, the vast majority of studies on HAP growth modification were
conducted on free crystals or growth in physiological media or on metallic substrates, which are
not applicable for this application. There is also a wide range of species that can adsorb on HAP
that might influence the growth of the film, so considerable exploration may be required.
However, as a start, fatty acids and alkyl phosphates may be investigated due to indication of
success in modifying calcite and HAP growth, as shown in Figures 63 and 64 [4, 6].
Another possibility is to provide a matrix or filler for growth to occur, e.g. collagen,
although collagen itself is not recommended as a first choice due to findings of HAP growth in
collagen matrix as being porous and “net-like”, according to the literature [7]. Furthermore,
studies in the biomedical literature often use collagen templates for HAP growth and, in these
cases, HAP grows in needle-like structures, which is not ideal for application in art conservation.
Nonetheless, the concept is worthy of consideration and other templates (e.g. agar-agar or even
dilute silicate gel) may provide greater reduction in film porosity.
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6.2.2 Consolidation	
  of	
  weathered	
  limestone	
  
The effect of the consolidant on salt crystallisation needs to be investigated, as it is
important to determine that the treatment does not exacerbate the issue of salt crystallisation, or
ice formation for that matter. It is also important to determine the performance and integrity of
the consolidant with temperature changes, particularly due to differences in the thermal
expansion coefficients of consolidant and stone. To do this, samples can be subjected to
temperature cycling i.e. repeated heating and cooling cycles to determine the coating
performance under temperature cycling (e.g. day and night, winter and summer). Ideally, the
coating should remain bound to the substrate without experiencing cracking or causing the
substrate to crack, although the latter is less likely.
Finally, this study can be extended to investigate the effect of HAP as a consolidant for
marble. While acid dissolution tends to be the primary issue that concerns conservators, due to
the lack of porosity in marble, marble also undergoes sugaring over time, which causes
disintegration of its grains [8]. The problem of incomplete substrate coverage and a high-surface
area growth habit is also less important for consolidation as the purpose is not to completely
block the substrate from the environment but to bridge cracks and bind grains to restore the
strength and durability of the stone.
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6.3 Appendix	
  I:	
  Figures	
  

Figure 63: SEM images of calcite particles obtained using malic acid (4 hours at pH 9), with
malic acid concentrations of (a) 0, (b) 0.4, (c) 0.8, (d) 4, (e) 20 and (f) 40 mM [4].

Figure 64: Interaction models of 10-methacryloyloxydecyl dihydrogen phosphate (MDP) with
HAP: (I, II) Ionic binding models of MDP interacting electrostatically with Ca2+ in HAP; (III)
Covalent binding model of MDP condensation with PO43- in HAP to form pyrophosphate groups
[6].
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