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The periodic table
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Introduction

The periodic table is one of the crown jewels of science. The classification of elements is one of the greatest and most highly prized discoveries, and is ranked in the first order of generalizations about our universe. The table’s castle-like shape has become an instantly recognizable design icon – a permanent (though not unchanging) feature on the wall of the chemistry lab, and on everything from mugs to novelty ties.

Russian chemist Dmitri Mendeleev invented the periodic table in 1869, using the chemical properties of the elements as an organizing principle. Its principal strength is that it was able to include and explain later findings, such as the internal make up of atoms, the discovery of atomic number and valence theories of chemical bonding. It even predicted the positions of several undiscovered elements. The turreted walls of the table encompass some of science’s most important discoveries, including atomic theory, electricity, the spectrum of light and other electromagnetic radiation, radioactivity and quantum physics.

The elements were once defined as the simplest substances of all – the very word comes from the Latin word elementum, meaning ‘first principle’ or ‘most basic form’. Today, we know that in fact every atom is composed of even smaller and more basic elementary particles, so a modern definition of an element might be a substance composed of atoms with the same number of subatomic proton particles in their nuclei. The investigation of the nature of matter and atomic structure has been a driving force in the history of science, leading not only to huge and sometimes surprising advances in our understanding of elements and atoms, but also to a wide range of technological applications that have shaped our modern society.

Like the law of gravitation or the theory of evolution, the periodic law, describing how chemical elements are ordered, is held to be universally true, and indeed, the properties of key biological elements formed part of the famous 1974 Arecibo message, humanity’s first deliberate message to the stars. If we were ever to encounter an alien culture, this is the sort of common ground we could discuss: although our names for the elements would be different, we could all agree on the 118 different types of atom from which all matter is made.



Elements and atoms


The Nobel-prize-winning physicist Richard Feynman was once asked what single scientific fact should be preserved in the event of an apocalypse. His response was definitive: that all things are made of atoms – little particles that move around in perpetual motion, attracting each other when they are a little distance apart, but repelling upon being squeezed into one another. The atomic hypothesis is an ancient concept, dating back to the Ancient Greeks. However, evidence for small packages of matter comes from much later experiments in fields such as Brownian motion and atomic force microscopy (see here).


Elements are substances that cannot be broken down into simpler components, either by physical or chemical means. Each comprises only one variety of atom, determined by the number of protons in its nucleus (see here). Today, there are 118 such types of atom (and many more ‘isotopes’, see here), 92 of which occur naturally on Earth.
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A pure element contains atoms of a single type – for example the copper in electrical wire, the carbon in coal and the helium gas in party balloons. In practice, however, very few everyday materials are pure in this way.




Atomic structure


Most people might have an idea of an atom as a mini solar system, the nucleus at the centre where the Sun would be, orbited by electron ‘planets’. The simplicity of this ‘planetary model’, sketched out by New Zealand physicist Ernest Rutherford in 1911 (see here), gives it staying power. Niels Bohr’s 1913 quantum description, in which ‘probalistic’ electrons reside in defined orbitals, is more complete (see here).


The atomic nucleus consists of positively charged protons and electrically neutral neutrons, collectively called nucleons. Nearly all of the atom’s mass is concentrated here. The number of protons determines the element – even when they lose electrons, atoms still retain their identity. The charge of the protons is neutralized by an equal number of negatively charged electrons, bound by electrostatic attraction to the nucleus and resulting in an overall neutral atom. Atoms are typically about 1 Ångstrom (0.1 nanometres) in diameter, about 100,000 times smaller than a red blood cell.


[image: image]




Subatomic particles


The question of what is ‘fundamental’ is a core pursuit of science, but the basic unit of matter differs depending on who is asked. For chemists, it is the atom, since this is how matter interacts in everyday conditions. For physicists, however, it’s the exotic elementary particles that spray out of high-energy proton collisions that lie at the heart of matter.


Atoms have three basic building blocks – protons, neutrons and electrons. Of these, only the electron is thought to be fundamental. The electron was the first subatomic particle to be found, in 1897 (see here), and this was followed by discoveries of the proton in 1919 and the neutron in 1932. The electron belongs to the family of leptons, which also includes muon, tau and neutrino particles. Protons and neutrons are baryons – composite particles made of different combinations of three quarks. These nucleons are heavy and almost all the intrinsic mass of an atom resides in the nucleus with them. Electrons are nearly 2,000 times lighter.


[image: image]


Tracks from subatomic particles in the Large Hadron Collider




Electron configuration


Electrons in orbit around an atomic nucleus cannot take up any position they desire. Instead, they occupy atomic orbitals, arranged in ‘shells’ that are associated with a fixed (quantized) energy. Each shell holds a specific number of electrons and when it is full, electrons start to fill up the next level. According to quantum physics, orbitals are not sharply defined structures, but are instead fuzzy-edged ‘zones of probability’, in which there is a 95 per cent probability of finding an electron. Gaps between orbitals are where electrons are never to be found.


An element’s electron configuration is key to its physical properties and chemical behaviour. The number of electrons in the outermost shell (known as the valence shell) and their energies largely determine the type of bonding and range of compounds and element forms. Electrons in orbitals close to the nucleus are the most tightly bound, and a complete valence shell is a more stable electron configuration. This configuration also explains many of the trends observed in the periodic table (see here).
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Electrons do not orbit the atomic nucleus like planets orbiting a sun. Instead, they smear out, forming an ‘electron cloud’ around the nucleus. They are confined in limited spaces, called orbitals, arranged around the nucleus. The shapes of these orbitals are defined by mathematical functions.




Forces in the nucleus


Hydrogen, the simplest element, has just a single positively charged proton for its nucleus. Heavier elements, however, have many more protons, so how does the nucleus overcome the electrostatic repulsion between these positive electrical charges? The answer lies in the strong force (or ‘strong nuclear interaction’), a short-range attractive force that operates over distances of a femtometre (1 x 10–15 m). It not only attracts protons and neutrons to each other, but also binds quarks together to form the nucleons themselves. Another force at work in the nucleus – the weak force – allows neutrons to occasionally turn into protons in radioactive beta decay (see here).


The combined mass of nucleons in a nucleus is fractionally lower than their separated masses, and when elements are forged from individual nucleons, this excess mass is liberated as ‘binding energy’. Nuclear reactions can tap into this energy source either through fusion (joining light nuclei to make heavier ones), or fission (splitting heavy elements to make lighter ones).
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Binding energy increases as nucleons are added, creating ever more stable atomic nuclei up to a maximum at Ni-62. Nuclear binding energies are around a million times greater than electron binding energies of atoms.




Unstable nuclei and radioactivity


The natural phenomenon of radioactivity came to light in 1896, when Henri Becquerel (1852–1908) noticed that photographic plates placed in a drawer with uranium salts appeared to have exposed. Investigating these mysterious radiations further, he found that some were charged particles. The discovery shook science to the core: if bits could be knocked off the atom, then it could not be the fundamental unit of matter.


The more nucleons a nucleus has, the more unstable it becomes: all elements heavier than bismuth are radioactive. Radiation is matter and/or energy fired out of the nucleus when it decays to become more stable, normally losing mass, and changing to a different element in the process. Ernest Rutherford classified nuclear radiation by penetrating power in three types, from easily stopped heavy alpha particles, with a charge of +2, through fast negatively charged beta particles (electrons released when a proton changes into a neutron) to highly penetrating gamma rays of pure electromagnetic energy.
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Radioactive decay occurs when unstable nuclei lose energy. Alpha and beta radiation transform an atom into a different chemical element.




Molecules and compounds


In the mild conditions that prevail on Earth, most things are not made of solitary atoms, but of combinations of atoms called molecules. Just like the difference between atoms and elements, the distinction between molecules and compounds is subtle but important. Molecules are formed by two or more atoms bound together; compounds are molecules composed of at least two different elements. All compounds are molecules, but not all molecules are compounds. So-called ionic compounds, meanwhile, consist of large numbers of differing atoms bonded together in a continuous mass.


‘Molecular elements’ consist solely of one element. Several familiar gases exist as diatomic molecules – including oxygen (O2), nitrogen (N2) and hydrogen (H2). Water (H2O), by contrast, is a compound of more than one element (in this case hydrogen and oxygen). Molecules are generally electrically neutral and covalently bonded (see here) but they can also lose electrons to become molecular ions (see here).
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Solids, liquids and gases


States of matter refer to the form that bulk material takes under normal conditions – typically gaseous, liquid or solid. What counts is whether the consituent particles (atoms, ions or molecules) are linked together or separated.


Solid objects fill space with a fixed 3-D shape. Bonds prevent particles from moving freely, and so solids only change shape when force is applied. Particles in liquids are more mobile, with bonds constantly breaking and reforming so they can flow past each other and take the shape of a container. At any given temperature and pressure, however, their volume is constant, making liquids almost incompressible. Gases also flow like fluids, but with little to no interaction between atoms or molecules, they will expand to fill a container. They can be compressed, and so have no fixed shape or volume. Each state is stable within a range of temperature and pressure regimes. Heating increases the kinetic energy of particles until the point they have enough energy to break free of intermolecular ionic bonds and a change of state occurs.
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Each change of state, or phase, corresponds to an increase in the degrees of freedom for the constituent particles, and therefore in internal energy.




Ions


In normal matter, positive and negative charge are precisely balanced, so that objects are not usually attracted to one another by electrostatic forces. Ions, however, are atoms or molecules in which the number of positively charged protons and negatively charged electrons are not equal. This charge imbalance provides the opportunity for different interactions of matter through electrostatic attraction and repulsion. ‘Anions’ carry an excess of electrons and an overall negative charge, while ‘cations’ have an electron shortfall and a resultant positive charge. The charge on an atom or molecule in ionic form is usually indicated in superscript form: for instance Cl– and Mg2+.


Ions are part of everyday matter, and easy to create. Light knocks electrons off atoms all the time, while dissolved ionic salts release ions into solution. Even walking around on rubber soles can create a build-up of charge, which grounds with a shock when you touch a metal handrail or shake someone’s hand. The energy required to remove an electron is called ionization energy (see here).
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Ionic bonding


Ionic bonding is a type of chemical bonding in which ions with opposing charges form crystalline solids. It is also known as electrovalent bonding because atoms will often ‘exchange’ electrons to complete their valence shells (see here) and achieve a stable configuration. The resulting ions form compounds held together by electrostatic forces of attraction.


Ionic compounds typically form between metal cations and non-metal anions. A classic example is sodium which bonds with chlorine to form sodium chloride (NaCl). The more electronegative (see here) an element, the more ionic the nature of the bond. However, there is often some covalent (electron-sharing) character to ionic compounds. As well as individual ions, covalently bonded molecules, such as carbonate (CO32–) can form polyatomic ions. Ions pack into the smallest possible space, building up into a crystal lattice of regularly repeating units. Ionic compounds generally have high melting points and in their solid form are usually brittle and tend not to conduct electricity.
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Covalent bonding


Covalent bonding is a model of chemical bonding where electrons are ‘shared’ rather than exchanged. Atoms will ‘seek’ to fill their outermost shell to acheive a more stable electron configuration. For example four hydrogen atoms, each with one electron and ‘space’ for one more in the outer shell, can bond with one carbon atom – carrying four outer electrons, but with room for eight in its valence shell – to form methane (CH4).


‘Going Dutch’ on electrons allows a variety of bonding options. Many atoms share more than one electron to form double and triple bonds. Covalent compounds form mostly between non-metals, and since there is little opportunity for charge to flow when electrons are tightly bound, they are typically electrical insulators. Neutral molecules experience little mutual attraction, so many such compounds are gases and low-boiling-point liquids, such as carbon dioxide and pentane. Larger ‘macromolecules’ bond covalently in three dimensions, forming hard, high-melting-point solids, such as diamond.
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Metallic bonding


A third class of bonding in compounds is metallic bonding. It is often claimed that this type of bonding is typical of metals. Rather, it is the properties of the metal elements (see here) that arise from their tendency to form these bonds. Bonding in metals has characteristics of both ionic and covalent bonding. Rather than being associated with any particular atom, the valence electrons are free to move around multiple positively charged ‘atomic cores’.


The electrostatic attraction holding the solid together recalls the ionic bond, while the ‘delocalized’ electrons are ‘shared’ between atoms in overlapping orbitals, as in covalent bonds. A positively charged core is not an ion, but is made up of the atomic nucleus and all the electrons that aren’t in the outer shell. This type of bonding is very strong and takes a great deal of energy to break – this is why metals, in general, have high melting and boiling points. It also allows metals great flexibility, unlike the brittle rigidity of ionic or covalent compounds.
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Sharing electrons across positively charged ions results in a metallic crystal lattice, in which the electrons are free to move and conduct electricity.




Chemical reactions


The school textbook account of a chemical reaction involves the change of a substance from one thing to another. This wide-ranging definition takes in the huge variety of transitions that happen in nature, but does not provide any clues as to how or why things react, and what determines the products.


Chemical reactions conventionally refer to interactions involving valence electrons – breaking bonds between substances and forming new ones. This covers a panopoly of changes from simple combinations, to replacement of individual atoms or groups. Breaking chemical bonds requires energy, and a reaction will proceed spontaneously if the new bonds made release a greater amount of energy when they form. Otherwise, chemical change needs to be encouraged with the provision of energy. Catalysts, however, lower the energy required for a reaction or allow it to proceed more quickly. Considering reaction energetics allows reactions to be predicted and manipulated, and makes multi-step syntheses possible.
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Fireworks employ a complex series of simple chemical reactions: colours arise from combustion reactions of metal salts.




Structural formulae


A chemical formula is a partial picture of a molecule. Although it is written in words, it conveys an idea of the constituent elements in a compound and how they might be connected together. Thus, CH3COOH – also known as acetic acid, or white vinegar – is a methyl group (one carbon atom bonded to three hydrogen atoms, CH3), connected to a carboxylic acid group (a carbon atom double bonded to an oxygen atom and a hydroxide OH group). However, there are many things that this type of formula alone can’t tell us – how the molecule is distributed in space, for example. Structural formulae, on the other hand, really are drawings, able to show the hexagonal double bonds of a benzene ring (C6H6, opposite), if only in two dimensions. John Dalton (see here) made the first attempt at a standardized chemical nomenclature with his system of symbols for the elements. Since elements combine in fixed, whole-number proportions, compounds could be shown by putting the symbols together. History (and publishers), however, favoured Jöns Jakob Berzelius’s cheaper-to-print scheme that used letters.
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Metals
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Hard, shiny and strong, metals are an instantly recognizable part of our world. They occupy over three-quarters of the periodic table’s real estate, pushing the definitively non-metallic elements up into the top right-hand side. Ranging in reactivity from volatile to inactive (see here), metals are typically good conductors of electricity and heat, easily worked, ductile and dense.


Most of the bulk properties of the metal elements can be explained by their chemical bonding (see here). Their strong bonding gives them high melting points, although unusual quantum effects make gallium and mercury exceptions to this rule (see here and here). The internal ‘sea’ of delocalized electons transports heat and electricity easily, making metals feel cold to the touch, conduct electricity and have a surface lustre. With low electronegativity (see here), metals readily lose electrons to form ionic compounds with non-metal anions. They also mix with other metals in ‘solid solution’ alloys.
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Crystalline structure in an iron meteorite




Reactivity series


The reactivity series is a list of the relative reactivity of metals – the ease with which metals will undergo a chemical reaction. At the top of the list are those with the highest reactivity. They will react readily and vigorously with a wide range of substances. Those with low reactivity are towards the bottom end of the list and are more choosy about the company they keep. These metals often require the encouragement of heat or high pressure to undergo a chemical reaction.


This ‘league table’ of reactivity is arrived at experimentally, with the reaction with water often used as a benchmark. The so-called noble metals (see here), such as gold and platinum, are the least reactive and will only react with strong acids. Group 1 alkali metals (see here) are the most reactive, and of them caesium and francium are the most violent. The reactivity series is almost identical to the ionization energy series in reverse order. This is the energy needed to remove one electron from an element (measured in the gas phase).
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Non-metals
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Unlike metals, which look similar and share many properties, non-metals have few uniting attributes. Instead, they are defined by their lack of metallic character. While the metal elements occupy the ‘lowlands’ of the standard periodic table – the left-hand side and its broad middle – non-metals are huddled in the top-right corner (with the exception of hydrogen), separated from metals by a thin line of metalloids (see here).


In general, non-metals are volatile – existing as gases or easily vaporized liquids and solids – and poor conductors of heat and electricity. Unlike metals, solid non-metals are dull, brittle and not malleable. They also tend to be less dense than metals, and have lower melting and boiling points (apart from carbon). With high electronegativity (see here) non-metal elements draw electrons from other atoms to form negatively charged anions. They form ionic compounds with metals and bond covalently with other non-metals. The noble gases (see here), however, are almost entirely unreactive.
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NASA scientists in Antarctica fill a high-altitude research balloon with lighter-than-air helium gas.




Allotropes


An important facet of atomic theory is that all the atoms of any given element are essentially identical, each carrying the same number of protons in their nuclei. It might seem to follow that the bulk material should always behave in the same way, but depending on how the atoms are organized, elements can take on several different forms, called allotropes, sometimes with radically different physical and chemical properties.


Allotropes of phosphorus can be red, white, black or violet. Highly reactive white phosphorus ignites spontaneously on contact with air; red phosphorus must be heated to 240ºC (464°F) to burn it. These different allotropes are formed under different conditions. At great depths carbon forms diamond, a hard, non-conducting crystal. Graphite, by contrast, is a soft solid with some metallic attributes, such as a greasy sheen and electrical conductivity. While non-metals have a penchant for allotropy – particularly sulfur and carbon – the metalloids and nearly half of all common metals will also form allotropes.
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