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ICE PHYSICS

Have you wondered why a snowflake is six-sided?  Why do icebergs float? What causes champagne powder for skiing and snowboarding in Colorado while snowfall in California causes Sierra cement? Why can you pull a wire through a block of ice without cutting the ice? 

Answers to these and other questions necessitate a close look at the water molecule. Water has perhaps the best-known chemical formula in the world, with the formula H2O passing into folklore.  The attitude of most people is that once you know that water is H2O, nothing more needs to be said. Yet, as we saw in chapter 1, this simple molecule results in water having very unique properties. While the chemical formula for water is simple, the components of hydrogen and oxygen interact in complicated ways. 

Snowflakes are composed of ice crystals. The snowpack is primarily a mixture of ice and air. To understand the physical properties of snow we must therefore understand the physics of ice. The realization that water has a structure is fairly recent.  Only in the last several decades has there been consistent research on the chemistry and physics of water in all its phases. So, while it is now proper to say that we understand the general features of water, many of the details are still the subject of vigorous research and debate in the scientific community. Here we present the general features of the water molecule as they pertain to understanding snow.  At times we make simplifications that may not be scientifically rigorous but which convey the essence of the general features of water that make snow such a dynamic substance.

Molecular Structure of Water 

A water molecule is formed when two atoms of hydrogen bond covalently with an atom of oxygen. In a covalent bond electrons are shared between atoms. These are high-energy bonds; it takes about 492 kJ mol-1 to break one H—O covalent bond in H—O—H.  The geometry of a free water molecule in the vapor phase is an isosceles triangle or V-shape (Figure water_molecule). The H—O—H angle is always about 104.5°, leading to the characteristic V-shape of the water molecule. The equilibrium O—H distance is 0.96 Å. Individual water molecules are very stable and tend to behave similarly whether in the vapor phase, as a liquid, or as ice. It is of crucial importance to the properties of water in all phases that the molecule is bent towards the hydrogen atoms rather than having the three atoms in a straight line. Two important properties arise from the triangular shape of the water molecule that form the basis for many of the unique properties of water: (1) it has a permanent dipole moment; and (2) there are 4 sites for potential hydrogen bonds, each at right angles to each other.
Figure water_molecule

The water molecule contains 10 electrons, 8 from the oxygen atom and one from each of the hydrogen atoms (Figure water_bohr).  The characteristic V-shape of the molecule and unique properties of water derive in part from how the electron orbitals of the oxygen and hydrogen atoms are filled. A reminder from Chem 101. Molecules are happiest when their outer electron rings are either filled or empty. The innermost ring (1s) can hold two electrons. The second ring can hold 8 electrons. Hydrogen needs one more electron to fill its ring. The innermost or 1s ring of the oxygen atom is filled and doesn’t participate in bonding activity. The outer ring of the oxygen atom has six electrons and needs two more electrons to fill the outer ring. Covalent sharing of electrons between two hydrogens and one oxygen result in the outermost electron ring of each atom being filled.

Figure water_bohr
The covalent sharing of electrons produces the V-shape characteristic of the water molecule. Hydrogen with a single electron has an electron orbital configuration of 1s1. The electron configuration of the oxygen atom is 1s22s22p4. The energy of orbitals generally increases with distance from the nucleus. So, the innermost ring (1s) has less energy than the next ring (2s). And within the second ring, 2s orbitals have a little less energy than p orbitals. At any one energy level it is possible to have three equivalent p orbitals pointing mutually at right angles to each other. These are arbitrarily given the symbols px, py and pz.  The electron orbitals of the outer ring are populated such that two orbitals-the 2s and 2pz-are filled and the two remaining orbitals contain one electron each. This distribution of electrons follows from Hund’s rule: when two electrons are populating two orbitals of equal energy, then each orbital will contain one electron.  The filled orbitals cannot form bonds and are called lone-pair orbitals (Figure lone-pair).  The two remaining orbitals are half-filled and each participates in bonding with a hydrogen atom. The electron from each hydrogen atom is shared with an electron from either the 2py or 2px orbital of the oxygen atom. The electrical charges in the six electrons in the outer ring of the oxygen atom are balanced when the two single electrons are about 104.5( apart. Covalent bonding of these two electrons with hydrogen atoms results in the characteristic triangle shape or V-shape of each water molecule. In turn, this V-shape results in an unequal charge distribution around the water molecule. The net charge on the water molecule is 0. However, there is a positive charge associated with the hydrogens and a counter-balancing negative charge on the back side of the oxygen atom. 

Figure lone_pair
Water is therefore a polar molecule with a permanent dipolar moment. The electric dipole moment is oriented along the bisector of the H—O—H angle with the positive end on the hydrogen side of the molecule Figure lone_pair). For free water molecules the dipole moment is about 6.2 x 10-30 C m or 1.86 debye. Water can interact with any substance which has an electrical charge because every water molecule has both a negative end and a positive end. The polar nature of the water molecule explains why it is such a good solvent, why water can adhere to most substances, why water can move by capillary tension in the unsaturated zone.  The polar nature of water also explains why water has surface tension and why rain drops are initially spherical in shape. The dipole moment of water in the liquid phase provides a ‘handle’ for interaction with microwave electric fields in a microwave oven. Microwaves can add energy to the water molecules, whereas molecules with no dipole moment would be unaffected.

Based on the initial work of Pauling in the 1930’s, each of the electron orbits around the water molecules is assumed to have almost exactly the same amount of energy and is considered to be sp3 hybrid orbitals.  Each of these sp3 hybrid orbitals is oriented at right angles to each other. The net result is the ‘rabbit ears’ model of the water molecule. Each water molecule has four sites at right angles to each other where electrical charges radiate away from the molecule, 2 positive (each hydrogen nuclei or proton) and 2 negative (each of the lone pair orbitals. These sites form a charge cloud, similar to rabbit ears, radiating from each of these four points.

The models of sp3 hybridization and lone pair electrons are extremely important and useful tools, and for most students in snow hydrology they are adequate. However, recent investigations have shown that neither of these models is correct.  The one 2s and three p orbitals of the oxygen atom do not have the same amount of energy or symmetry. Rather the four molecular orbitals in the bonding region have four distinct energies.  One of these orbitals, of B1 symmetry, is a pure p orbital on oxygen, and is therefore one of the lone pairs of electrons.  Another orbital, of A1 symmetry, is composed predominately of oxygen s character, and is best described as the second lone pair.  The two orbitals that produce the O—H bonds are of A1 and B2 symmetry.  However, the concept of four equal charges in the form of ‘rabbit ears’ radiating out from each water molecules at right angles to each other is conceptually useful.

The nature of lone pair electrons remains elusive. Research has been conducted lately on lone pairs in isolated, gas phase water molecules by focusing on two invariants of the water wavefunction: the electron density and the molecular electrostatic potential (MEP), derived from this density. All researchers report that the electron density exhibits no significant pattern which might indicate the presence or location of electron lone pairs. However, the electrostatic potential reveals more structure and exhibits two minima in the regions where lone pairs would be expected. These results suggest that it might be fruitful and more physically accurate to consider the lone pairs in water as a derived property of the electron density, e.g., the MEP, rather then as the electron density itself. While the concept of a lone pair is extraordinarily valuable in interpreting, predicting and systematizing many aspects of chemistry, its characterization, as regions of space with significantly enhanced electron density is a considerable oversimplification. Lone pairs (at least in water) correspond to regions of minimum electrostatic potential rather than regions of enhanced electron density.

There are different isotopes of both hydrogen and oxygen. Atoms with the same number of electrons and protons, but different numbers of neutrons, are called isotopes. Different isotopes belong to the same element because they have the same number of electrons, which means that they all behave almost the same in chemical reactions. Hydrogen has three isotopes, hydrogen-1 (1H), deuterium (2H or D), and tritium (3H) (Table xx). Hydrogen-1 and deuterium do not lose neutrons over time and are called stable isotopes. Tritium is a radiogenic isotope of hydrogen formed naturally by cosmic ray spallation in the atmosphere or by human activities such as denotation of atomic bombs. Tritium is not stable over time and decays to helium with a half-life of 12.43 years. Oxygen also occurs in nature as 3 different isotopes, each with 8 protons. The most common isotope is 16O (8 protons, 8 neutrons), which constitutes 99.765% of all oxygen atoms on earth. The isotopes 18O (0.1995%) and 17O are much less common. So, about one molecule out of every 5000 naturally occurring water molecules will contain an atom of deuterium in place of one of the hydrogens, and about one in 500 will contain an atom of 18O instead of the more common 16O. The most common water molecule has the most common isotopes of hydrogen and oxygen and is thus 1H216O. There are also such molecules as 1H218O, and HD16O. Note that we designate isotopes by their mass (protons plus neutrons), which is written as a superscript before the abbreviation of the atom name. However, the isotope is pronounced with the name of the atom first and the mass second. Thus, we say “oxygen-18” or “O-18”, while writing it as 18O. While the different isotopes of hydrogen and oxygen have little affect on chemical reactions, they do cause differences in melting temperatures, Raman scattering, viscosity and other properties. There are remarkable differences in phase changes, with the triple point of D2O at 3.82ºC compared to 0ºC for H2O. The different isotopes of the water molecule turn out to be very useful in understanding how snowmelt runoff travels through a watershed. These isotopes also play a crucial role in dating and understanding past climates stored in glacial ice. The simple water molecule is a complicated structure.

A common question is how many water molecules are in a snowflake. To answer that question, it is helpful to know the mass of an individual water molecule. The mass of an individual water molecule with a normal hydrogen atom (no proton) is 2.992 x 10-26 kg.  The mass of a water molecule with a deuteriated hydrogen atom is 3. 326 x 10-26 kg. An individual water molecule is very light! To calculate the number of water molecules in a snowflake, you simply need to capture a snowflake, weight it, convert the weight to mass, and then divide that number by the mass of an individual water molecule. It’s not as hard as it sounds; think about an easy way to catch and weigh snowflakes that doesn’t involve special equipment except a nice scale.
Hydrogen bonds
Hydrogen bonding in water results from the attraction between the negative (or positive) charge on a water molecule with the opposite charge on a neighboring water molecule. A hydrogen bond can be thought of simply as the attraction between the positively charged hydrogen and the negatively charged lone pair electrons on a different water molecule (Figure hydrogen_bond). What is important is that the hydrogen bond forms a bridge from one water molecule to another water molecule, connecting the molecules together. The hydrogen bond system is often represented as O—H(O. The solid line from O—H represents the covalent bond between the H and O atoms of a water molecule and the dashes from H(O represent the hydrogen bond between the same H and the O of a different water molecule. The molecule to which the hydrogen is covalently bonded is called the ‘donor molecule’ and the other molecule is the ‘acceptor’. Each water molecule can act as a donor for two hydrogen bonds and an acceptor for two other hydrogen bonds. 

Figure hydrogen_bond

Water is unique in that each individual molecule can form a maximum of four hydrogen bonds because it can accept two hydrogen nuclei and donate two hydrogen nuclei. Liquid water's high boiling point is due to the high number of hydrogen bonds each water molecule can have relative to the low molecular mass of water.  Conceptually, you may find it easiest to think of each potential hydrogen bonding site on an individual water molecule as ‘hands’ reaching out to grasp another water molecule. Each water molecule has four ‘hands’ to reach out to other water molecules. These ‘hands’ are all at right angles to each other. The ‘hands’ attach to other water molecules by hydrogen bonds. 

The example in Figure hydrogen_bond is called a dimer (pronounced die-mer), where two separate water molecules are linked by a single hydrogen. Dimers can react with other dimers and single water molecules to form large chains and clusters of water molecules called polymers. Here’s where it gets interesting. Water is composed of dimers and polymers connected by hydrogen bonds. The hydrogen bond in water dimers is sufficiently strong to result in the dimers persisting within the gas state at significant concentrations (e.g. ~0.1% H2O at 25°C and 85% humidity), which contributes significantly to the absorption of sunlight by water vapor. 

The hydrogen bond remains a fairly mysterious object in the theoretical study of quantum chemistry and physics.  While it helps to conceptualize a hydrogen bond as a simple attraction between point charges, it possesses some degree of orientational preference, and can be shown to have some of the characteristics of a covalent bond. By convention the direction is that of the shorter O—H covalent bond. The hydrogen bond is part (about 90%) electrostatic and part (about 10%) covalent. Hydrogen bond strength depends almost linearly on its length, with shorter length giving stronger hydrogen bonding. Typical length of a hydrogen bond in water is about 1.8 Å. The energy of a hydrogen bond varies widely, from about 5 kJ/mol to about 40 KJ/mol for a “perfect” hydrogen bond, averaging about 20 KJ/mol. Increasing temperature and decreasing pressure cause hydrogen bonds to lengthen and become weaker. On forming the hydrogen bond, the donor hydrogen atom stretches away from its oxygen atom (becoming less covalent) and the acceptor lone-pair stretches away from its oxygen atom and towards the donor hydrogen atom, both oxygen atoms being pulled towards each other (increasing the covalency of the hydrogen bond). 

Tetrahedral geometry. Each water molecule has the potential to make four hydrogen bonds, each at right angles to each other. In nature, four right angles lead to a tetrahedral molecular geometry. If all four hydrogen bonding sites are filled on a single water molecule, a tetrahedron shape is generated (Figure tetraA). We have to think in three dimensions now. Picture a three-legged stool, with a fourth leg going straight up into the air from the seat. We now have a tetrahedral molecule, with a central water molecule where the seat of the stool is and attached to four other water molecules at the end of each leg. Here’s another way to picture a tetrahedron. If we draw lines from each of the 4 hydrogens at the end of our stool, we make a pyramid that encloses a central water molecule (Figure tetraB). In a perfect tetrahedral arrangement the bond-bond, bond-lone pair and lone pair-lone pair angles of water would all be 109.47° (Figure tetraB). The O—O—O angles of 109.5( in each tetrahedron of ice are similar to, and driven by, the 104.5( between hydrogen nuclei in each individual water molecule. The length of each leg of our stool is 2.82 Å. In reality the angle and length of each leg can differ slightly from these ideal values. This tetrahedral geometry is the building block for the crystalline structure of ice. This molecular geometry is fairly common, with examples including saturated compounds of carbon (eg methane) and silicon, the sulfate ion SO42- and the phosphate ion PO43-. 

Figure tetra

Crystalline Structure of Ice
So how do we go from a tetrahedral geometry to hexagonal snowflakes? For ideal or perfect ice, each of the four potential hydrogen bonding sites on each individual water molecule are filled. The oxygen atoms of water molecules are all at right angles to each other, separated by a distance of about 2.75 Å, forming a tetrahedron. In the solid form of water, we need to line up individual tetrahedrons of water with minimum distortions of the hydrogen bonds within the individual tetrahedral crystals and among tetrahedrals. When we place two tetrahedra together, point-to point, the easiest way to minimize distortion of the hydrogen bonds is to place three such pairs in a ring, forming a hexagon. The ice crystal lattice at normal temperatures and pressures on and near the surface of the earth is composed of sheets or planes of oxygen atoms joined in a series of open hexagonal rings (Figure ice_lattice). The sheets of hexagonal rings are stacked on top of each other. The resulting hexagonal structure is called ice ‘Ih’. The structure of the ice crystal is similar to hexagonal metals such as magnesium or cadmium.

Figure ice_lattice

There are more types of ice than just Ih. Ice possesses 12 different crystal structures, plus two amorphous states (Figure ice_types). Most of the phases are produced by the application of high pressures, which results in denser packing of the water molecules compared to the more open structure of Ih. The number ‘I’ was given by Tammann following his discovery of the first of the high-pressure phases of ice in 1900. The ‘h’ is for hexagonal and is commonly added to distinguish the normal hexagonal form of ice from a cubic variant called ice Ic. The different types of ice are designated by Roman numerals I-XII and refer to their approximate chronological discovery and provide no information on structure or function. Ice I converts to Ice II or Ice III at about 2 kb. At the base of the Antarctic Ice Cap (5 km thick) the pressure is only about 0.5 kb. So ice on earth never gets thick enough to convert to a denser phase. However, dense phases of ice almost certainly exist in the interiors of large satellites in the outer Solar System, and are probably easily produced on earth by shock metamorphism during meteoroid impacts.

Figure ice_types 

The existence of different forms of ice up to ice VIII inspired the novel Cat’s Cradle by Kurt Vonnegut, published in 1963.  The central thesis of this novel is a hypothetical form of ice, ‘ice-nine’. Ice-nine can form at room temperature. If ice-nine forms, it may freeze all the surface water of the earth immediately. Supposedly this form of ice is not observed because of a lack of a naturally-occurring freezing nucleus to provide the template for liquid water to freeze into ice-nine. This novel is remarkable in that it’s discussion of nucleation and the various forms of ice are scientifically correct. Except that ice-nine does not exist, although it could. The scientific correctness of this story is perhaps not surprising given that Kurt’s brother, Bernard Vonnegut, was an atmospheric scientist who specialized in cloud physics. Bernard Vonnegut was one of the original developers of the theoretical basis for cloud-seeding with silver iodine and other substances to enhance snowfall. Cat’s Cradle is a delightful story of the quest for the ice-nine freezing nucleus and the consequences of that discovery.

Turns out it’s a little harder than it seems to make hexagon rings using tetrahedral coordination. To understand the crystalline structure of ice we just need to follow the tetrahedral pattern of the oxygen atoms and we can ignore the hydrogen atoms. The oxygen atoms in an individual hexagonal ring are not in one plane but in two planes, forming a dimpled or puckered hexagonal ring (Figure ice_cartoon). The oxygens alternate atoms in the upper and lower planes as you move along a hexagonal ring, producing a sequence of +-+-+-. The spacing between adjacent planes of 0.0923 nm is much less than the 0.276 nm between layers of hexagonal rings. Each hexagon is 0.4523 nm in width. Adjacent layers or sheets of hexagonal rings are mirror images of each other.  This puckering or dimpling of each hexagonal ring is caused because when the bases of the two tetrahedrons we started with to make the hexagonal are slightly offset from each other.

Figure ice_cartoon

A crystal of ice has two basic facets or faces, a basal plane parallel to the sheets of hexagonal rings and the prismatic plane perpendicular to the basal plane (Figure ice_facets). Hexagonal ice crystals form hexagonal plates and columns where the top and bottom faces are basal planes, and the six equivalent side faces are called the prism faces. The basal plane is the a-axis and is composed of three axes each 60° apart. The stacking of the hexagon rings results in large tunnels being formed as you look down the c-axis or through one of the prism faces (Figure ice_facets2). Perpendicular to the basal plane is the c-axis or optical axis. Ice crystals get larger through growth on either or both axes. The many shapes of snow crystals are driven in part by differential growth on the two axes as a result of different atmospheric conditions.

Figure ice-facets, ice-facets2

Single crystals of icce shear readily in discrete bands, parallel to the basal planes of an ice crystal. Shear failure thus occurs along the c-axis. A single ice crystal normally deforms by gliding along the basal planes. An analogy with cards may help understand this phenomenon. Think of an ice crystal as a deck of cards. The basal planes are the faces of the cards. If you tap the deck of cards from the side, individual cards easily slide over each other. The stress needed to cause deformation of the basal plane is on the order of a 100 times that of the c-axis. Graphite has a similar hexagonal structure to ice, shears in a similar matter to that of ice, and serves as a good lubricant. The sliding of skis on ice may be facilitated by the same shear failure property. Glacier flow may also be facilitated by this shear property; there is some evidence that as crystals grow in glacial ice there is a tendency for their hexagonal axes to be aligned in a preferential direction. 

The unit cell of the average ice crystal is composed of four water molecules, no surprise their (Figure unit cell). The basic structure consists of a hexameric box where the two planes that compose a basal face consist of chair-form hexamers and the vertical plane is composed of boat-form hexamers that extend over three basal faces. All molecules experience identical molecular environments. The lattice parameters near the melting point are a = 0.4523 nm and c = 0.7367 nm. The c/a ratio of 1.628 is very close to the ideal ratio of 1.633 predicted for perfect tetrahedral symmetry (calculated as 
[image: image1.wmf]), and is almost independent of temperature. The ice Ih unit cell is relatively open with a packing factor of about 1/3, compared to simple cubic (~1/2) or face centered cubic (~3/4) unit cell. With four molecules per unit cell, there are 3.074 x 1028 molecules per m3 at a temperature of -20°C. Multiplying the number of water molecules by the mass per molecule, the density of ice at -20°C is 919 kg m-3. The low packing factor accounts for ordinary ice being less dense than water.
The lattice parameters provide the information to calculate the density of ice. Here’s another card analogy that might provide an intuitive understanding of why the density of ice is less than the liquid phase of water. Think about the deck of cards we imagined to help understand the deformation of an ice crystal. Now, build a house with the deck of cards by stacking the cards in alternate vertical and horizontal rows. If we manage to use the entire deck (not likely!), the volume of the house we’ve just built is much greater, and density much less, than when we simply stack the cards in a normal deck. Filling all four potential sites for hydrogen bonds on each water molecule is similar to building a house from a deck of cards. When all the hydrogen bonds are filled, individual water molecules are separated from each other at a rigid distance of 273 Å. Like the house built from the deck of cards, there is a lot of connected space between the individual water molecules (eg figure ice_facets2).  

Ice as a mineral. Ice is not often thought of as a mineral, but it is! Most mineralogists define minerals as having an homogenous chemical composition, with an organized structure and of a natural inorganic origin. Ice fits all these characteristics; it has a homogenous formula, H2O, it has an organized structure, with hexagonal symmetry, it is formed naturally as snow, and it is formed inorganically. Ice is a very soft solid, with a hardness of 1.5 on Moh's scale; being scratched by most crystalline solids except soapstone. Ice can be cut easily with a knife or chainsaw without scratching the metal. Streak is clear. Cleavage is absent. Fracture is conchoidal. Luster is vitreous. Ice crystals are transparent. Crystal habits include generally flat hexagonal crystals, ornately complex when found as snowflakes. Also massive in blocks large enough to actually flow in fluid manner. Specific gravity is approximately 0.917 (extremely light for any mineral - ice floats in water, of course)

Physical Properties of Ice.

It turns out that ice crystals aren’t perfect. Ice crystals are characterized by: (a) disorder of the hydrogens, and (b) point defects. In order to understand many properties of ice it is necessary to think in detail about the disorder of the hydrogens and point defects. For example, in order to understand the way in which ice responds to applied electric fields (i.e. its electrical conductivity and dielectric constant), one needs to understand how the hydrogens can move. So, while we don’t really need hydrogens to understand the structure of ice, knowledge of hydrogen placement and movement are essential to understanding many of the physical, particularly electrical, properties of ice.

The hydrogen atoms in an ‘ideal’ ice crystal are arranged following the Bernal-Fowler rules, proposed in 1933: 

1. Two hydrogens must be associated with each oxygen. No surprise here, water is after all H2O.

2. There must be a single proton on a hydrogen bond connecting two oxygen atoms.

Okay. Not exactly rigorous rules. Pretty intuitive, in fact. The crystalline structure for ice we presented in the previous section was built using the Bernal-Fowler rules. However, in reality, violations of the Bernal-Fowler rules are common and lead to structural defects in ice, responsible, among other things, for its high electrical conductivity, high dielectric constant, and its long (10-4 s) electrical relaxation time. 

Within these rules, the hydrogens can be arranged in ordered or disordered ways. Since the H-bond length for ice Ih is 274 pm and the 0—H distances are only 98.5 pm, the position of the protons in the H-bonds is asymmetric. If we look at two oxygen atoms and the hydrogen bond linking them, as in Figure asymmetric_hbond, the proton can be covalently bonded and near the oxygen on the left, or just as likely it could be covalently bonded and near to the oxygen atom on the right. There are six different orientations possible for a water molecule in its tetrahedral bonding environment, each corresponding to a different arrangement of protons in its four H-bonds (Figure hbonds_disorder). If all the possible orientations of the hydrogen position for a water molecule at each lattice site are equally realized throughout the crystal lattice, the phase is proton-disordered; if one orientation is preferred the phase is proton-ordered.

Figure asymmetric_hbonds, hbonds_disorder

Neutron diffraction has been used to experimentally determine whether ice is proton-ordered, disordered, or partially ordered. The space-time average lattice structure, as determined by diffraction, is the average of all the orientations in a given structure. Thus, a fully disordered structure will appear as a tetrahedral network of oxygen atoms with two hydrogen atoms per O—O bond; the probability of finding a hydrogen at each site is, however, only 50%. For a partially ordered structure, these probabilities will depart from 50%. Fourier maps of neutron scattering density clearly show two half-protons at sites part way along each hydrogen bond, leading to the ‘half-hydrogen model’. The half-hydrogen model asserts that a proton is equally likely to be at either of the two positions shown in Figure asymmetric_hbonds, leading to Figure half-hydrogen model. At times it is difficult to say which water molecule the hydrogen nucleus belongs to. As shown in Figure half-hydrogen, conceptually it helps to think of the hydrogen nucleus as having two stable positions (H' and H'') on the hydrogen bond, with a half-positive charge at each of the stable positions. The hydrogen nucleus oscillates between positions H' and H''on the hydrogen bond about once every 5 x 10-5 s. The oscillation in the movement of the hydrogen nucleus along the hydrogen bond can set up a charge imbalance, causing another hydrogen nucleus to move. Ice is thus fully disordered, with an equal probability that an individual proton will occupy either of the two possible postions on a single hydrogen bond.  The disordered state of ice provides the ability for hydrogens to move about the ice lattice as a result of defects in the ice lattice. 

Figure half-hydrogen_model

A point defect is an atomic or molecular site in a crystal which differs in some way from a normal site in the lattice. The primary categories of point defects in ice are protonic defects and molecular defects. Also important are crystal dislocations (line defects) and subgrain or grain boundaries (surface defect). 

Protonic defects are caused by violation of the Bernal-Fowler rules. Bjerrum defects are caused when a water molecule undergoes rotation from one of its six possible proton orientations to another without compensating adjustments by the adjacent molecules to which it is H-bonded. If the single molecule A in Figure protonic_defects is turned to a new orientation, the rotation interchanges some of the molecules protons and lone-pair sites, creating Bjerrum defects. The result is that one of the hydrogen bonds has no protons, and is called an L-defect, from the German word for empty, which is leer. There is a corresponding bond with two protons which is called a D-defect, from the German word for doublet, which is doppeltbesetzte. Bjerrum defects violate the second rule that there must be one and only one proton on each hydrogen bond. Ionic defects violate the first rule, that there must be two protons around each oxygen atom. If a proton moves along the hydrogen bond, closer to one hydrogen than the other, and causes a proton to jump to another oxygen atom, it creates OH- and H3O+ ions (Figure protonic_defects).  The net effect within the crystal lattice is to transfer protons along a chain of molecules. Without the migration of both defects, long-range protonic conduction could not occur within ice.

Figure protonic_defects

Molecular defects occur when whole water molecules are displaced from their normal sites in the ice lattice. Vacancy formation occurs where an H2O molecule is missing from its normal site. Impurities can be added by substituting a different ion for the water molecule or in the interstitual space formed by the hexagonal rings. Despite the fact that water is a universal solvent, the solubility of substances in ice Ih is very low. When an aqueous solution is frozen, the solutes are largely rejected from the ice lattice and ejected into the liquid.  Impurities may be incorporated into ice as inclusions of concentrated solution (such as sea ice), or trapped in grain boundaries. In either case, solutes are not part of the ice lattice. However, specific impurities such as HF and NH3 can be substituted for H2O in the ice lattice (Figure substitute). Alkali hydroxides such as KOH result in the cation occupying an interstitual site. These molecular replacements in turn cause protonic defects, enhancing electrical conductivity. 

Figure substitute

The third law of thermodynamics states (roughly speaking) that there is no disorder in a substance in equilibrium at the absolute zero of temperature. In that case we might expect that when we cool ice, the random arrangement of the hydrogens in ice should be replaced by an ordered arrangement. In fact, this does not happen. Why don't the hydrogens order? As the temperature falls, the motion of defects in the hydrogen arrangement becomes slower, they move through the ice less quickly. Remember that a defect is necessary in order to allow the hydrogens to move about the oxygens. Since the defects move less quickly, the rate at which hydrogens can order becomes very slow. By the time the equilibrium state of the hydrogens would like to become order, there are essentially no mobile defects and the ice is ‘stuck’ in the disordered state. Thus the anomously high zero point entropy of ice, 3.41 J K-1 mol-1. Ice-XI is the ordered structure of ice Ih, usually prepared from a dilute KOH solution (to promote proton hopping) kept just below 72 K for about a week.

Quasi-liquid Surface Layer (slippery when wet).

The surface of ice Ih shows unique properties, termed a quasi-liquid layer. Coined by Faraday in the 19th century, quasi-liquid is a term describing liquid-like layers that form on solid surfaces at temperatures below and generally near the solid's melting point. The quasi-liquid layer of the surface of ice at temperatures near the melting point may be a key to many of the processes in snow hydrology. Near the melting point, the ice surface contains many broken hydrogen bonds (Figure quasi-liquid). These dangling bonds promote the existence of a liquid-like layer, bearing a resemblance to liquid water. There is good evidence that the surface layer is indistinguishable from normal liquid water with a thickness that depends upon the temperature (i.e. the further below the freezing point, the thinner the layer). 

Figure quasi-liquid 

The quasi-liquid layers that form on atmospheric ice particles and in the world's snow pack affect the chemistry of those systems and have far-reaching environmental implications. Thus, from being a mere scientific curiosity, the study of these layers has become an inquiry into the mechanisms that drive global change. For example, preliminary results suggest that both the uptake of organic compounds in snow and the chemistry of tropospheric ozone are affected by the presence of quasi-liquid layers. One proposed evolution of the surface structure of ice is shown with data from Antarctica (Figure quasi-liquid), as temperature rises from absolute zero (at left) to above the bulk melting point (273 K, at right). Large vibrational amplitudes of the outermost water molecules, still in the crystalline state (blue), exist at extremely cold temperatures. As temperature rises, molecular agitation induces more crystalline defects, yielding an amorphous or quasi-liquid layer (green), as well as evaporation (orange). One important consequence is that, at about 190 K, ice in the Antarctic polar stratospheric clouds catalyzes Cl-containing molecules to Cl2, which in turn is dissociated by sunlight into Cl atoms that decompose ozone (O3): the catalytic action may be due to the amorphous or quasi-liquid ice surface. Above about 240 K (-30 ºC, -20 ºF), the ice surface becomes more liquid-like (red), to a thickness of 10s to 100s of Å:

This semi-permanent liquid film can explain the “slipperiness” and “stickiness” of ice. The quasi-liquid like layer may also explain many of the properties of snow in the atmosphere as well, such as how snowflakes may get larger due to mechanical locking or aggregation. Consequences of the surface properties are sintering of snow to form cohesive snowballs, recrystallization of snow to firn and its transformation to glacier ice, and the low friction of many materials on ice, which is useful for sled riding, skiing, and skating. Regelation is a unique ice property: melting of ice under pressure, coupled with adjacent refreezing of melt-water at lower pressure, is the mechanism by which a loop of wire can be pulled slowly through an ice block without cutting the block in two. In a skating rink, the temperature is kept in the range where a nice slippery quasi-liquid-layer exists, about -3 to -5°C.  The surface molecules are free to move around some and they are easily pushed out of the way as the blades move over the ice.  Because they are free to move around they do not obstruct the motion of the blade or grab onto the blade and slow it down to any significant extent. So, it's not about pressure, it's not about heating due to friction.  Ice is slippery because at the right temperatures its surface just is, and the skater doesn't have to do anything to make it that way

Liquid State.

Water is one of the few substances on and near the surface of the earth that increases in density with a phase shift from the solid to liquid form. It is usual for liquids to expand when heated, at all temperatures. Increasing temperature causes increased intermolecular vibrations, which in turn cause expansion and an increase in volume of the fluid. There is no change in mass, so mass per unit volume decreases, and density decreases.

In ice, the geometry leads to a rather open hexagonal structure, each of the four bonds representing a lowered overall energy (Figure mathmol-left). When the temperature of ice is raised to 0°C, additional energy results in destruction of some of the hydrogen bonds. The additional jostling begins to destroy the open hexagonal structure. Paradoxically, this allows the molecules to move closer to each other, making and breaking hydrogen bonds much more rapidly (Figure mathmol-right). On average, there can now be more than four nearest neighbors at a time, lower energy, and a higher density in the just-melted liquid system. The exact number of hydrogen bonds in which a molecule in liquid water participates fluctuates with time and depends on the temperature. It was estimated that each water molecule in the liquid state participates in an average of 3.59 hydrogen bonds. At 100 °C, this number decreases to around 3.2 due to the increased molecular motion and decreased density, while at 0°C, the average number of hydrogen bonds increases to about 3.7 in liquid water. Different investigators have reported slightly different values than these, illustrating the difficulty in meauring the actual number of hydrogen bonds in liquid water as a function of temperature. The take-home message is that liquid water is a highly polymerized structure that has a lot of hydrogen bonds. The large number of hydrogen bonds in the liquid state results in the high viscosity of water and explains why the viscosity of the liquid increases as the temperature decreases.

Figure mathmol

The density maximum is brought about by the opposing effects on increasing temperature, causing (a) structural collapse of the tetrahedral clustering evident at lower temperatures so increasing density, and (b) thermal expansion, creating extra space between unbound molecules, so reducing density. So at atmospheric pressure the temperature of greatest density is just above the melting point, at 4°C. When rising temperature increases average kinetic energy yet further, molecules move through the liquid so fast that fewer bonds are formed at any one time, shortening the average time each bond exists. The result is higher total energy and thus lower density. 

Think back to our deck of cards. When we freeze liquid water and form ice, the resulting hexagonal crystal lattice is similar to our house of cards. This house of cards is characterized by lots of open space. Now if you push on the house of cards from the side, the cards start to collapse. Pushing on the house of cards is similar to cutting hydrogen bonds by adding more energy to the ice at 0°C. As the house of cards collapses, the structural collapse puts the cards closer together, increasing the density of the cards. As hydrogen bonds are cut at 0°C, the ice lattice collapses and density increases as the ice melts and becomes liquid.

	Name
	Abbrev
	Electrons 
	Protons 
	Neutrons 
	Abundance

	Hydrogen 
	H 
	1 
	1 
	0 
	99.984%

	Deuterium 
	D 
	1 
	1 
	1 
	0.0156%

	Tritium 
	T 
	1 
	1 
	2 
	---

	Oxygen-16 
	16O 
	8 
	8 
	8 
	99.759%

	Oxygen-17 
	17O 
	8 
	9
	10 
	0.037%

	Oxygen-18 
	18O 
	8 
	8 
	10 
	0.204%
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