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The structure of crystalline solids pdf

More than 90% of naturally occurring and man-made solids are crystalline. Most solids form with a regular arrangement of their particles, because the overall attractive interactions between particles are maximized and the total intermolecular energy is minimized when the particles are packaged in the most efficient way. Regular arrangement at the atomic
level is often reflected at the macroscopic level. In this module we will examine some details about the structures of metallic and ionic crystalline solids and learn how these structures are determined experimentally. We will begin our discussion of crystalline solids by looking at elementary metals that are relatively simple, since each contains only one type of
atom. A pure metal is a crystalline solid with metal atoms that are tightly packed together in a repetitive pattern. Some of the properties of metals in general, such as their malleability and ductility, are largely arranged on identical atoms in a regular pattern. The different properties of one metal compared to another depend in part on the size of its atoms and
the peculiarities of its spatial arrangements. We will examine the similarities and differences of four of the most common metal crystal geometries in the following sections. The structure of a crystalline solid, whether a metal or not, can best be described taking into account its simplest repetition unit, known as a single cell. The unit cell consists of grid points
representing the positions of atoms or ions. The entire structure then consists of this unit cell, which repeats itself in three dimensions, as shown in [Link]. A unit cell displays the positions of grid points that repeat in all directions. Let's start by studying the crystal lattice structure and the unit cells with the simplest structure and the most basic unit cell. To
visualize this, imagine taking a large number of identical balls, such as tennis balls, and arranging them evenly in a container. The easiest way to do this would be to create layers where the spheres in a layer are just above those in the layer below, as shown in [Link]. This arrangement is called a simple cubic structure, and the unit cell is called a simple cubic
unit cell or primitive cubic unit cell. When metal atoms with spheres are arranged in one layer directly above or under spheres in another layer, the lattice structure is called a simple cubic structure. Note that the balls are in contact. In a simple cubic structure, the balls are not as tightly packed as they could be, and they only about 52% of the volume of the
container. This is a relatively inefficient arrangement, and only a metal (polonium, butt) crystallizes in a simple cubic structure. As shown in [link], a solid with this type of arrangement consists of planes (or layers) in which each atom contacts only the four nearest neighbors in its layer; an atom directly above it in the layer above; and an atom directly below it
in the Below. The number of other particles that each particle has in a crystalline solids contact is called the coordination number. Therefore, for a polonium atom in a simple cubic array, the coordination number is six. An atom in a simple cubic lattice structure contacts six more atoms, so it has a coordination number of six. In a simple cubic grid, the unit cell,
which repeats itself in all directions, is a cube defined by the centers of eight atoms, as shown in [Link]. Atoms at adjacent corners of this unit cell come into contact with each other, so the edge length of this cell corresponds to two atomic radii or one atomic diameter. A cubic unit cell contains only the parts of these atoms that are in it. Since an atom is
contained at a corner of a simple cubic unit cell of a total of eight unit cells, only one-eighth of that atom is within a given unit cell. And since each simple cell of the cubic unit has an atom at each of its eight corners, there is an atom in a simple cell of the cubic unit that is located at the level of 8-phantom rule 0.2{1}{8} ×em. A simple cubic lattice unit cell
contains one-eighth of an atom at each of its eight corners, so it contains an atomic sum. Calculation of atomic radius and density for metals, part 1 The edge length of the unit cell of alphapolonium is 336 pm. (a) Determine the radius of a polonium atom. b) Determine the density of alpha-polonium. Solution Alpha Polonium crystallizes in a simple cubic unit
cell: (a) Two adjacent Po atoms come into contact with each other, so that the edge length of this cell is equal to two Po atomic radii: l = 2r. Therefore, the radius of Po is '(r'phantom''rule'0.2em'{2}'rule '0.2em'{2}'(b) The density is specified by the (text density, phantom rule,0,2m,0,2m, 0.2em , and phantom rule (0.2Em and 0.2-0.0-X, text text, text, text. cell
divided by the volume of the unit cell). Because a Po unit cell contains one-eighth of a Po atom at each of its eight corners, a unit cell contains a Po atom. The mass of a Po unit cell can be found by: . (text'1 Po unit cell, 'phantom'rule'0.2em''0.2'×'atom (text unit cell (text) (file-text unit cell, Phantom Rule, 0.2Em ('×'22'phantom'{23} {10} ×'Phantom Rule,0,2Em,
×,-phantom rule, 0.2Em, 0.2-0,0,frac-Frac-208.998-phantom rule, 0.2-value text g-text-text-text---text-{10}- × (Note that the edge length has been converted from pm to cm to get the usual volume units for density.) Therefore, the density of '('text'Po'×'rule '0.2em'{10}'em'×'{3} {10}'{3} Check your learning time The edge length of the unit cell for nickel is 0.3524
nm. The density of Ni is 8.90 g/cm3. Does nickel crystallize in a simple cubic structure? Explain. Answer: No. If Ni was simple cubic, its density would be given by: \(\text{1 Ni atom}\phantom{\rule{0.2em}{0ex}}×\phantom{\rule{0.2em}{0ex}}\frac{\text{1 mol Ni}}{6.022\phantom{\rule{0.2em}{0ex}}×\phantom{\rule{0.2em}{0ex}}{10}^{23}\phantom{\rule{0.2em}
{0ex}}\text{Ni atoms}}\phantom{\rule{0.2em}{0ex}}×\phantom{\rule{0.2em}{0ex}}\frac{58.693\phantom{\rule{0.2em}{0ex}}\text{g}}{\text{1 mol Ni}}\phantom{\rule{0.2em}{0ex}}=9.746\phantom{\rule{0.2em}{0ex}}×\phantom{\rule{0.2em}{0ex}}{10}^{-23}\phantom{\rule{0.2em}{0ex}}\text{g}\) \(V={l}^{3}={\left(3.524\phantom{\rule{0.2em}{0ex}}×\phantom{\rule{0.2em}
{0ex}}{10}^{-8}\phantom{\rule{0.2em}{0ex}}\text{cm}\right)}^{3}=4.376\phantom{\rule{0.2em}{0ex}}×\phantom{\rule{0.2em}{0ex}}{10}^{-23}\phantom{\rule{0.2em}{0ex}}{\text{cm}}^{3}\) Then the density of Ni would be \(=\phantom{\rule{0.2em}{0ex}}\frac{9.746\phantom{\rule{0.2em}{0ex}}×\phantom{\rule{0.2em}{0ex}}{10}^{-23}\phantom{\rule{0.2em}
{0ex}}\text{g}}{4.376\phantom{\rule{ 0.2em'0ex''×'phantom''rule'0.2em''0 {3} {3} {10}.2em'Ni does not form a simple cubic structure. Most metal crystals are one of the four main types of unit cells. For now, we focus on the three cubic unit cells: simple cubic cells (which we have already seen), body-centered cubic unit cells, and face-centered cubic unit cells –
all represented in [link]. (Note that there are actually seven different grid systems, some of which have more than one grid type, for a total of 14 different types of unit cells. We leave the more complicated geometries for later in this module.) Cubic unit cells of metals show (in the upper illustrations) the positions of grid points and (in the lower illustrations) metal
atoms in the unit cell. Some metals crystallize in an arrangement that has a cubic unit cell with atoms at all corners and an atom in the center, as shown in [link]. This is called a body-centered cubic (BCC) solid. Atoms in the corners of a BCC unit cell do not contact each other, but with the atom in the middle. A BCC unit cell contains two atoms: one-eighth of
an atom at each of the eight corners atom from the corners) plus an atom from the center. Each atom in this structure touches four atoms in the layer above and four atoms in the underlying layer. Thus, an atom in a BCC structure has a coordination number of eight. In a body-centered cubic structure, atoms do not touch in a particular layer. Each atom
touches four atoms in the layer above and four atoms in the underlying layer. Atoms in BCC arrays are packaged much more efficiently than in a simple cubic structure that takes up about 68% of the total volume. Isomorphic metals with a BCC structure include K, Ba, Cr, Mo, W and Fe at room temperature. (Elements or compounds that crystallize with the
same structure are called isomorphic.) Many other metals, such as aluminum, copper, and lead, crystallize in an arrangement that has a cubic unit cell with atoms at all corners and at the center of each surface, as shown in [Link]. This arrangement is called a surface-centered cubic (FCC) solid. An FCC unit cell contains four atoms: one-eighth of an atom at
each of the eight corners of the atom of 0.2 Em-0.2em, 0.2Em, ×.2 Em control, 0.2Em, Frac{1}{8} phantom rule, 0.2 Em-0.2-0,0x-0.1-, the corners) and half of an atom on each of the six faces,-,left rule0,2em0,2em × phantom rule, 0.2Em,0,2-0,0,0,-Frac{1}{2} phantom rule, 0.2 Em,0,0,0,0,2-0,0,-0,-, removed from the surfaces). The atoms at the corners touch
the atoms in the center of the adjacent surfaces along the diagonals of the cube. Because the atoms are on identical grid points, they have identical environments. A face-centered cubic solid has atoms at the corners and, as the name suggests, in the center of the surfaces of its unitcells. Atoms in an FCC arrangement are packed as tightly as possible, with
atoms accounting for 74% of the volume. This structure is also referred to as cubic Narrowpackaging (CCP). In CCP there are three repetitive layers of hexagonal atoms. Each atom contacts six atoms in its own layer, three in the layer above and three in the underlying layer. In this arrangement, each atom touches 12 near neighbors and therefore has a
coordination number of 12. The fact that FCC and CCP agreements are equivalent may not be immediately obvious, but why they are actually the same structure is illustrated in [Link]. A CCP arrangement consists of three repetitive layers (ABCABC...) of hexagonatoms. Atoms in a CCP structure have a coordination number of 12, as they contact six atoms in
their layer as well as three atoms in the layer above and three atoms in the underlying layer. When we rotate our perspective, we can see that a CCP structure has a unit cell with a surface, contains an atom of layer A at a corner, atoms of layer B over a diagonal (at two corners and in the middle of the face) and an atom of layer C at the remaining corner.
This is the same as a face-centered cubic arrangement. Tighter packaging maximizes the overall attractions between atoms and all the intermolecular energy that atoms in most metals package in this way. We find two types of tightest packaging in simple metallic crystalline structures: CCP, which we have already encountered, and hexagonal next packaging
(HCP) shown in [link]. Both consist of repetitive layers of hexagonal atoms. For both types, a second layer (B) is placed on the first layer (A), so that each atom in the second layer is in contact with three atoms in the first layer. The third level is positioned in two ways. In HCP, atoms in the third layer are located directly above atoms in the first layer (i.e. the
third layer is also type A), and stacking consists of alternating type A and type B tightly packed layers (i.e. ABABAB⋯). In CCP, atoms in the third layer are not in any of the first two layers over atoms (i.e. the third layer is type C), and stacking consists of alternating type A, type B and type C tightly packed layers (i.e. ABCABCABC⋯). About two-thirds of all
metals crystallize in the closest packed arrays with coordination numbers of 12 metals that crystallize in an HCP structure are Cd, Co, Li, Mg, Na and Zn, and metals that crystallize in a CCP structure are Ag, Al, Ca, Cu, Ni, Pb, and Pt. In both types of tightest packaging, atoms are packaged as compactly as possible. The hexagonal tight packaging consists
of two alternating layers (ABABAB...). The cubic tightest packaging consists of three alternating layers (ABCABCABC...). Calculation of atomic radius and density for metals, part 2 calcium crystallized in a face-centered cubic structure. The edge length of its unit cell is 558.8pm. (a) What is the atomic radius of Ca in this structure? (b) Calculate the density of
the approx. solution (a) In an FCC structure, Ca atoms come into contact with each other over the diagonal of the surface, so that the length of the diagonal corresponds to four atomic radii (d = 4r). Two adjacent edges and the diagonal of the surface form a right triangle, with the length of each side of 558.8 pm and the length of the hypotenuse equal to four
atomic radii of Ca: a, {2} + a, {2} = {2} phantom rule, 0.2m, 0,2,0,0,0,0,0,0,0,0,0,0,0,0,0,0,0,0, Phantom Rule,0,2em, 0.2-{2} {2} Text,-Text,--Text{2} 0.2em'Ex-Text-text-{2} Text(558.5) (558.5, Phantom Rule {16} {2}, 0.2m The density of calcium can be determined by determining the density of the unit cell. : z.B. the mass contained in a unit cell divided by the
volume of the unit cell. A face-centered Ca unit cell has one-eighth of an atom at each of the eight corners atom) and half of an atom on each of the six surfaces of the atoms 6phantom0.2em0.2em × phantom rule (0.2 Em and Frac{1}{2} phantom rule (6,2,2 Em-0.2-0,2-) atoms), for a total of four atoms in the unit cell. The mass of the unit cell can be found
by: \(\text{1 Ca unit cell}\phantom{\rule{0.2em}{0ex}}×\phantom{\rule{0.2em}{0ex}}\frac{\text{4 Ca atoms}}{\text{1 Ca unit cell}}\phantom{\rule{0.2em}{0ex}}×\phantom{\rule{0.2em}{0ex}}\frac{\text{1 mol Ca}}{6.022\phantom{\rule{0.2em}{0ex}}×\phantom{\rule{0.2em}{0ex}}{10}^{23}\phantom{\rule{0.2em}{0ex}}\text{Ca atoms}}\phantom{\rule{0.2em}
{0ex}}×\phantom{\rule{0.2em}{0ex}}\frac{40.078\phantom{\rule{0.2em}{0ex}}\text{g}}{\text{1 mol Ca}}\phantom{\rule{0.2em}{0ex}}=2.662\phantom{\rule{0.2em}{0ex}}×\phantom{\rule{0.2em}{0ex}}{10}^{-22}\phantom{\rule{0.2em}{0ex}}\text{g}\) The volume of a Ca unit cell can be found by: \(V={a}^{3}={\left(558.8\phantom{\rule{0.2em}
{0ex}}×\phantom{\rule{0.2em}{0ex}}{10}^{-10}\phantom{\rule{0.2em}{0ex}}\text{cm}\right)}^{3}=1.745\phantom{\rule{0.2em}{0ex}}×\phantom{\rule{0.2em}{0ex}}{10}^{-22}\phantom{\rule{0.2em}{0ex}}{\text{cm}}^{3}\) (Note that the Edge length has been converted from pm to cm to get the usual volume units for density.) Then, the density of
'('text''phantom'.2em'×'{10}'× phantom rule, 0.2,2,0,0,0,0,0,0,2-0,0,0,0,0,0,0,0,{10}-22-phantom rule, 0.2,2,2-0,0,0,0 {3} {3},2,2-, Check if your learning silver is crystallized in an FCC structure. The edge length of the unit cell is 409 pm. (a) What is the atomic radius of Ag in this structure? b) Calculate the density of the Ag. Answer: a) 144 pm; (b) 10.5 g/cm3 In
general, a unit cell is defined by the lengths of three axes (a, b and c) and the angles (α, β and γ) between them, as shown in [Link]. The axes are defined as the lengths between the points in the space grid. As a result, unit cell axes connect points to identical environments. A unit cell is defined by the lengths of its three axes (a, b, and c) and the angles (α, β,
and γ) between the axes. There are seven different grid systems, some of which have more than one type of grid, for a total of fourteen different unit cells that have the shapes shown in [Link]. There are seven different grid systems and 14 different unit cells. Ionic crystals consist of two or more different types of ions, which usually have different sizes. The
packaging of these ions into a crystal structure is more complex than the packaging of metal atoms of the same size. Most monatomic ions behave like charged spheres, and their attraction to ions of the opposite charge is the same in each direction. Consequently, stable structures for ionic compounds (1) are formed when ions of a charge are surrounded by
as many ions as possible of the opposite charge and (2) when the and anions are in contact with each other. The structures are determined by two main factors: the relative size of the ions and the ratio of the number of positive and negative ions in the compound. In simple ionic structures, we usually find the anions, which are usually larger than the cations,
arranged in a nearest packed array. (As seen before, additional electrons attracted to the same nucleus make anions larger and fewer electrons attracted by the same nucleus, cations smaller than the atoms from which they are formed.) The smaller cations often occupy one of two types of holes (or intermediates) that remain between the anions. The smaller
of the holes is located between three anions in one plane and an anion in an adjacent plane. The four anions that surround this hole are arranged at the corners of a tetrahedron, so that the hole is called a tetrahedral hole. The larger type of hole is located in the middle of six anions (three in one layer and three in an adjacent layer) at the corners of an
octaheve; this is called the octaheder hole. [link] illustrates both types of holes. Cations can take two types of holes between anions: octahedral holes or tetrahedral holes. Depending on the relative sizes of the cations and anions, the cations of an ionic compound can take tetrahedral or octahedral holes, as shown in [Link]. Relatively small cations occupy
tetrahedral holes and larger cations of octahedra holes. If the cations are too large to fit into the octaheder holes, the anions can assume a more open structure, e..B. a simple cubic array. The larger cations can then occupy the larger cubic holes, which are made possible by the more open distance. The size of a cation and the shape of the hole occupied by
the connection are directly related. There are two tetrahedral holes for each anion in an HCP or CCP array of anions. A compound that crystallizes in a nearest packed series of anions with cations in the tetrahedron holes may have a maximum cation:anion ratio of 2:1; all tetrahedral holes are filled in this ratio. Examples are Li2O, Na2O, Li2S and Na2S.
Compounds with a ratio of less than 2:1 can also crystallize in a nearest packed series of anions with cations in the tetrahedral holes if the ion sizes fit. In these compounds, however, some of the tetrahedral holes remain free. The occupancy of tetrahedral holes zinc sulphide is an important industrial source of zinc and is also used as a white pigment in color.
Zinc sulphide crystallizes with zinc ions that take half of the tetrahedral holes in a nearest packed series of sulphide ions. What is the formula of Solution Since there are two tetrahedral holes per anion (sulphide ion) and half of these holes are occupied by zinc ions, there must be (frac{1}{2},phantom-rule0.4em-0.4em × phantom rule, 0.2em, 0.2,0,2, or 1, zinc
ion per sulphide ion. Therefore, the formula ZnS. Check if your learning lithium selenide learning lithium selenide as an closest packed array of selenium ions with lithium ions in all tetrahedral holes. What is the formula of lithium selenide? The ratio of octaheder holes to anions in an HCP or CCP structure is 1:1. For example, connections with cations in
octahedral holes in a nearest packed array of anions can have a maximum cation:anion ratio of 1:1. In NiO, MnS, NaCl and KH, for example, all octaheder holes are filled. Ratios of less than 1:1 are observed when some of the octaheder holes remain empty. Stoichiometry of ionic compounds sapphire is alumina. Alumina crystallizes with aluminum ions in
two-thirds of octaheder holes in a nearest packed series of oxidions. What is the formula of alumina? Solution Since there is one octahedral hole per anion (oxide ion) and only two thirds of these holes are occupied, the ratio of aluminum to oxygen must be 2:3, which is the ratio of ({2}{3} text) Check your learning The white pigment titanium oxide crystallizes
with titanium ions in half of the octahedron holes in a nearest packed series of oxidions. What is the formula of titanium oxide? In a simple cubic array of anions, there is a cubic hole that can be occupied by a cation for each anion in the array. In CsCl and other compounds with the same structure, all cubic holes are occupied. Half of the cubic holes are
occupied in SrH2, UO2, SrCl2 and CaF2. Different types of ionic compounds often crystallize in the same structure when the relative sizes of their ions and their stoichiometrics (the two main features that determine the structure) are similar. Many ionic compounds crystallize with cubic unit cells, and we will use these compounds to describe the general
characteristics of ionic structures. If an ionic compound consists of cations and anions of similar size in a ratio of 1:1, it usually forms a simple cubic structure. Cesium chloride, CsCl, (see [link]) is an example of this, where Cs+ and Cl. have radii of 174 pm and 181pm respectively. We can think of this as chloride ions that form a simple cubic unit cell, with a
cesium ion in the middle; or as cesium ions forming a unit cell with a chloride ion in the middle; or as simple cubic unit cells formed by Cs+ ions, overlapping unit cells formed by Cl ions. Cesium ions and chloride ions touch along the body diagonals of the unit cells. One cesium ion and a chloride ion are present per unit cell, resulting in the l:l stoichiometry
required in the formula for cesium chloride. Note that there is no grid point in the center of the cell and CsCl is not a BCC structure because a cesium ion is not the same as a chloride ion. Ionic compounds with large cations and anions, such as CsCl, usually form a simple cubic structure. They can be described by unit cells with either cations at the corners
or anions at the corners. We have said that Position of the grid points is arbitrary. This is illustrated by an alternative description of the CsCl structure in which the grid points are located in the centers of cesium ions. In this description, the cesium ions are located at the lattice points at the corners of the cell, and the chloride ion is in the center of the cell. The
two unit cells are different, but describe identical structures. When an ionic compound consists of a ratio of cations and anions of 1:1, which differ significantly in size, it usually crystallizes with an FCC unit cell, as shown in [Link]. Sodium chloride, NaCl, is an example of this, where Na+ and Cl. have radii of 102 o'clock and 181 o'clock respectively. We can
think of this as chloride ions that form an FCC cell, with sodium ions located in the octaheder holes in the center of the cell edges and in the center of the cell. The sodium and chloride ions touch along the cell edges. The unit cell contains four sodium ions and four chloride ions, resulting in the 1:1 stoichiometry required by the Formula NaCl. Ionic compounds
with anions that are much larger than cations, such as NaCl, usually form an FCC structure. They can be described by FCC unit cells with cations in the octaheder holes. The cubic form of zinc sulphide, zinc mixture, also crystallizes in an FCC unit cell, as shown in [Link]. This structure contains sulphide ions at the grid points of an FCC grid. (The
arrangement of the sulphide ions is identical to the arrangement of chloride ions in sodium chloride.) The radius of a zincion is only about 40% of the radius of a sulphision, so that these small Zn2+ ions are located in alternating tetrahedral holes, i.e. in one half of the tetrahedron holes. There are four zinc ions and four sulphide ions in the unit cell, which
results in the empirical formula ZnS. ZnS, zinc sulphide (or zinc mixture) forms an FCC unit cell with sulphide ions at the lattice points and much smaller zinc ions that occupy half of the tetrahedral holes in the structure. A calcium fluoride unit cell, as shown in [Link], is also an FCC unit cell, but in this case the cations are located at the lattice points; equivalent
calcium ions are located at the lattice points of an FCC grid. All tetraily spaces in the FCC array of calcium ions are occupied by fluoride ions. There are four calcium ions and eight fluorion ions in a single cell, resulting in a calcium/fluorine ratio of 1:2, as required by the chemical formula CaF2. A detailed examination of [Link] will result in a simple cubic
arrangement of fluoridionions with calcium ions in one half of the cubic holes. The structure cannot be described as a space grid of points on the fluorion ions, since the fluoridionions do not have all identical environments. The alignment of the four fluoride ions differs. Calcium fluoride, CaF2, forms an FCC unit cell with calcium ions (green) at the lattice points
and fluoride ions (red), all of which are Between them. If we know the edge length of a unit cell of an ionic compound and the position of the ions in the cell, we can calculate ionic radii for the ions in the connection by making assumptions about individual ionic shapes and contacts. Calculation of ionic radii The edge length of the unit cell of LiCl (NaCl-like
structure, FCC) is 0.514 nm or 5.14 ° Assuming that the lithium ion is small enough so that the chloride ions are in contact, as under [link], calculate the ion radius for the chloride ion. Note: The unit of length angstrom, b, is often used to represent atomic dimensions and corresponds to 10 to 10 m. Solution On the surface of a LiCl unit cell, chloride ions occur
over the diagonal of the surface: if we draw a right triangle on the surface of the unit cell, we see that the length of the diagonal corresponds to four chloride radii (a radius of each corner chloride and a diameter – which corresponds to two radii in the center of the face) , so d = 4r. From the pythagorean theorem, we have: 'a {2} +, {2} = {2}) which results:
'links(0.514'phantom'rule'0.2em'text'{2}'links (0.514, phantom rule, 0.2m '{2} {2} {2} phantom'{2}'..514'phantom'{16} {2}' rule '0.2em'FCC) is 6.28 °C. Assuming an anion-cation contact along the cell edge, calculate the radius of the potassion. The radius of the chloride ion is 1.82 °C. Answer: The radius of the potassium is 1.33 °C. It is important to recognize
that values for ionic radii calculated from the edge lengths of unit cells depend on numerous assumptions, such as.B a perfect spherical shape for ions, which are at best approximations. Therefore, such calculated values themselves are approximate, and comparisons cannot be pushed too far. Nevertheless, this method has proved useful for the calculation
of ionic radii from experimental measurements such as X-ray crystallographic determinations. The size of the unit cell and the arrangement of the atoms in a crystal can be determined from measurements of the diffraction of X-rays by the crystal, the so-called X-ray crystallography. Diffraction is the change in the direction of travel that an electromagnetic
wave experiences when it encounters a physical barrier whose dimensions are comparable to those of the wavelength of light. X-rays are electromagnetic radiation with wavelengths about as long as the distance between adjacent atoms in crystals (in the order of a few B). When a beam of monochromatic X-rays hits a crystal, its rays are by the atoms in the
crystal. When scattered waves traveling in the same direction meet, they are subjected to interference, a process in which the waves result in either an increase or a decrease in amplitude (intensity), depending on the extent to which the maxima of the combination waves are separated (see [link]). Light waves occupying the same space experience
interference that combine to produce waves of greater (a) or smaller (b) intensity, depending on the separation of their maxima and minima. When X-rays of a certain wavelength, d, are scattered by atoms in adjacent crystal planes separated by a distance, d, they can suffer constructive interference if the difference between the distances the two waves have
traveled before their combination is an integer factor, n, of wavelength. This state is fulfilled when the angle of the diffused beam, This relationship is referred to as the Bragg equation in honor of W. H. Bragg, the English physicist who first explained this phenomenon. [link] shows two examples of diffracted waves from the same two crystal planes. The figure
on the left shows waves diffused at the Bragg angle, resulting in constructive interference, while the one on the right shows diffraction and another angle that does not meet the Bragg condition, resulting in destructive interference. The diffraction of X-rays scattered by the atoms within a crystal allows the distance between the atoms to be determined. The
upper image shows constructive interference between two scattered waves and a resulting diffused wave of high intensity. The lower image shows destructive interference and a diffused low-intensity wave. An X-ray diffractometer, such as the one shown in [Link], can be used to measure the angles at which X-rays are diffracted when interacting with a
crystal, as described earlier. From such measurements, the Bragg equation can be used to calculate distances between atoms, as shown in the following example exercise. (a) In a diffractometer, an X-ray beam encounters a crystalline material and (b) creates an X-ray diffraction pattern that can be analyzed to determine the crystal structure. With the Bragg
equation In a diffractometer, X-rays with a wavelength of 0.1315 nm were used to create a diffraction pattern for copper. First-order diffraction (n = 1) occurred at an angle of 25.25°. Determine the distance between the diffracting planes in copper. Solution The distance between the planes is found by solving the Bragg equation, n = 2d sin, for d. This results
in: 'd'phantom' rule'0.2em'0ex' Check your learning A crystal with a distance between planes equal to 0.394 nm diffracts X-rays with a wavelength of 0.147 nm. What is the angle for first-order diffraction? X-ray crystallographer Rosalind Franklin The discovery of the DNA structure in 1953 by Francis Crick and James Watson is one of the great achievements
in the history of science. They were awarded the Nobel Prize in Physiology or Medicine in 1962, along with Maurice Wilkins, who experimentally demonstrated the structure of DNA. The British chemist Rosalind Franklin made invaluable contributions to this monumental achievement by measuring X-ray diffraction images of DNA. At the beginning of her
career, Franklin's research on the structure of coals proved to be helpful to The British war effort. After shifting her focus to biological systems in the early 1950s, Franklin and PhD student Raymond Gosling discovered that DNA consists of two forms: a long, thin fiber formed in wet conditions (type B) and a short, wide fiber formed during drying (type A). Their
X-ray diffraction images of DNA ([link]) provided the crucial information that allowed watson and Crick to confirm that DNA is a double helix, and to determine details of its size and structure. Franklin also conducted groundbreaking research on viruses and RNA containing their genetic information, uncovering new information that radically changed the level of
knowledge in this field. After developing ovarian cancer, Franklin continued to work until her death in 1958 at the age of 37. Among many posthumous acknowledgments of her work, the Chicago Medical School of Finch University of Health Sciences changed its name to Rosalind Franklin University of Medicine and Science in 2004 and adopted an image of
its famous X-ray diffraction image of DNA as the official university logo. This image shows an X-ray diffraction image similar to that franklin found in her research. (Credit: National Institutes of Health) health)
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