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Preface



This book follows on from the very successful first edition and has been updated, refreshed and re-organised using the 2018 SQA arrangements for Higher Chemistry. It follows a similar format to the first edition by offering full course coverage while attempting to stimulate the reader’s appetite to learn new chemistry. In addition to the core text, this book also offers the following features:


Questions


A variety of question types are used throughout the book to help the reader test their understanding. Full answers are included at the back of the book.


For Interest


The material in the For Interest sections of the book contains chemistry that is likely to be of interest to the reader, but is not examinable under the current SQA arrangements. This includes chemical phenomena, historical anecdotes, and applications of chemistry that make use of the chemistry presented in the chapter.


Checklist for Revision


A short summary of the key learning points is given at the end of each chapter. Students can use this to self-check their learning and to help them revise for assessments.


Additional features of the Higher Chemistry exam


This appears in the appendix of the book and offers advice on how to tackle two important features of the Higher Chemistry exam: Numeracy and Open-ended questions. Both concepts are explored in detail and supported with worked examples and study questions.


Key terms and Chemical dictionary


Useful words and phrases are summarised at the end of the chapter to aid the student learning chemistry. A Chemical dictionary is provided at the end of the book for the student to check their knowledge of the key terms.


Advice for all Higher Chemistry students


The key to success in Higher Chemistry is to equip yourself with as much chemical knowledge as possible and to ensure that you can do all of the standard questions that you are going to be asked in the exam. To do this, you need to get into the habit of reviewing the relevant chapters at the same time as you are studying the concepts in class. To review means to read and test that you understand and can recall. Using the worked examples and study questions will help you with this as they will encourage you to retrieve what you have read. The more you retrieve, the easier knowledge will come to you. In other words, you need to review and attempt the questions in each chapter several times.


It is also important to space your revision so that you leave time between each review, as research shows that this is a more effective strategy than doing the same questions over and over again. So, an ideal strategy is to read a chapter, try the questions, check for understanding, and then move on to a different chapter. Go back to the original chapter a week or two later. When you go back to review and try the questions again, you will probably have forgotten some of the information and this will force you to try to retrieve the information. This ‘forgetting’ and then ‘retrieving’ is an important part of revising and will help you to remember the chemistry that you should know.


A note from the author


Eric Allan and John Harris are synonymous with Higher Chemistry. Their earlier textbooks have been used by countless schools and colleges in Scotland for over 40 years and have helped to guide many students and teachers through the Higher Chemistry course. Our collaboration helped us to write the first edition of this book which was very well received by students and teachers embarking on the CfE Higher Chemistry course. This second edition retains much of John and Eric’s influence and it is our hope that this textbook will serve as an excellent guide through the Higher Chemistry course.


I am grateful to all my teaching colleagues who have helped to shape my thinking and writing.


I am indebted to Claire, Ellie and Finlay for their patience, support and love.


John Anderson, 2019
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1 Chemical Changes and Structure



This section examines the properties of the chemical elements and the patterns which arise in the Periodic Table.


This leads us to consider the bonds that are formed when elements combine and how this influences the intermolecular bonding of compounds.


We then examine the properties of compounds and relate this to their bonding.


The concepts introduced in this section are referred to throughout Higher Chemistry as they are used to explain the properties of compounds we will meet in Sections 2 and 3.
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1 Structure and bonding in the first 20 elements


The Periodic Table


The Periodic Table is used by scientists all over the world. It organises elements into groups and periods and helps us to make predictions about the properties of elements and their compounds. It is fascinating that the elements we study continue to be investigated to find out what new and exciting compounds can be made by joining the elements together. Some of these new compounds will be used to make new materials for the electronic phones and computers we use, some will help us save energy, other compounds will be used as medicines to treat and cure disease. The Periodic Table is a good starting point for any chemist who wishes to unlock the secrets of the elements which make up our Universe.
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The arrangement of elements in the Periodic Table


Over the years, alchemists tried in vain to change other substances into gold. While they never succeeded, they did document their experiments and thoughts which paved the way for other chemists to discover many elements and compounds. By the nineteenth century, chemists had a bewildering mass of chemical information available to them. More elements were being discovered and their properties were being investigated. To try to simplify all the information available, they had to come up with a way of organising all of the elements that had been discovered. The Periodic Table of the elements was the solution.
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The greatest step towards creating the Periodic Table was taken by the Russian scientist Dmitri Mendeleev in 1869.


Mendeleev examined all the available data on the elements and created the first Periodic Table which appeared to organise the elements in a sensible way.
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His main points are summarised here.





•  The elements fall into a repeating pattern of similar properties if arranged in order of increasing atomic mass.



•  The list was arranged into vertical and horizontal sequences. The vertical sequences were called groups and the horizontal sequences were called periods. The groups contained elements that were chemically similar.



•  Unlike other scientists who tried to come up with a way of organising the elements, Mendeleev left blanks for unknown elements. He predicted the properties for the missing elements and when they were discovered later, the predictions were accurate. The missing elements included gallium and germanium. When the noble gases were later discovered, they fitted into the Periodic Table as a separate column.



•  Errors in atomic mass determinations, particularly of beryllium, were probable. Despite the great advance made, and the ready acceptance of the Periodic Law, there were still anomalies.



•  Certain elements in the table were in reverse order of atomic mass.



•  There was no easy way of placing the ‘rare earths’ – the elements lanthanum to lutetium.
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Unlike Mendeleev’s table,
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the modern Periodic Table arranges elements by increasing atomic number.
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This removes the difficulties indicated in the last three bullet points and allows us to make accurate predictions about both the physical and chemical properties of the elements.


When elements are arranged in order of atomic number, each new period starts when a new layer of electrons in the atom starts to fill. Going from left to right across the Periodic Table, the number of outer electrons increases which changes completely the properties of the elements. For example, the elements towards the left-hand side of the table have metallic properties (they have a high lustre, they are malleable and they conduct electricity) whereas the elements towards the right-hand side of the table have non-metallic properties (they do not conduct electricity, they can be solid, liquid or gas etc.).


When elements are arranged in order of atomic number, each group contains elements with the same number of electrons in the outermost layer. This explains why elements in the same group (in other words, the same vertical column of the Periodic Table) have similar chemical properties. For example, you are probably familiar with the spectacular reactions of the group I elements with water. These elements are known as the alkali metals as they react to produce an alkali and hydrogen gas. As you go down the group, the metals become much more reactive. If we examine their electron arrangement we find that each element in group I has one outer electron. When these elements react, they readily lose this electron to achieve a much more stable electron arrangement.


The elements found in group 0, the noble gases, could not be more different from the alkali metals. They are all very unreactive and, as their name suggests, they are all gases. An examination of their electron arrangement reveals that each noble gas has a layer of outer electrons which is filled completely. This helps to explain their lack of reactivity. This lack of reactivity makes them extremely useful. For example, when reactions are carried out in air it is common for oxides to form due to elements and compounds reacting with oxygen. To prevent oxide formation, reactions are often carried out in an inert atmosphere of argon gas which allows chemists to have more control over the compounds formed.
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The Periodic Table is a starting point for our journey through Higher Chemistry. When we understand the trends in the Periodic Table it makes learning chemistry so much easier. As you go through the Higher course you will use the Periodic Table regularly and develop a new understanding of the elements and their properties. As well as the alkali metals and the noble gases, you should also be able to identify the halogens, the transition metals, the metals and the non-metals.


Bonding and structure in the first 20 elements


The properties and structures of elements are related to the types of bonding present. Bonding is a term that describes how atoms join together. Structure describes how the atoms in the element are arranged. The resulting characteristics of the substances, whether physical or chemical, are their properties.


In order to appreciate the properties of elements, we must understand the two main bonding types found in elements: metallic and covalent.


Metallic bonding


The fact that all metals conduct electricity and have a metallic lustre can be explained by examining the bonding present in metals. If you examine the electron arrangement of these elements, you will discover that they do not have enough electrons to allow them to achieve a full outer shell of electrons by covalent bonding (see page 6). Instead, we find that the outer electrons of metallic atoms are loosely held which allows them to become delocalised. Metallic bonding consists of the atoms losing their outer electrons to a common ‘pool’ of delocalised electrons. As each atom has lost one or more electrons, the atoms become positively-charged ions. The charged metal ions are now attracted to the pool of electrons. As these electrons are free to move, metals conduct electricity.
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The delocalised electrons in metals are also responsible for the lustre associated with metals. When light is shone onto a metal, the delocalised electrons absorb the energy from the light and then re-emit the light which gives the metal its characteristic shiny appearance.
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Question





1  Suggest why aluminium conducts electricity better than sodium.
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Covalent bonding



Metallic bonding (the attraction of the negatively-charged electrons for the positive metal ions) is a form of electrostatic attraction. Covalent bonding is also electrostatic, but this time the atoms are held together by the attraction between their positive nuclei and negatively-charged shared pairs of electrons. This attraction is the ‘glue’ that holds atoms together. Figure 1.12 illustrates how two hydrogen atoms can bond by covalent bonding, in other words the sharing of electrons. If the atoms are too close together, the nuclei will repel each other. If the atoms are too far apart, the electrons will not be attracted to both nuclei.
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The covalent bond is the shared pair of electrons. Since all the atoms in an element are alike in terms of protons and electrons, the bonding electrons are shared equally. We say that the covalent bond is non-polar. In some compounds the electrons in the covalent bond are not shared equally between the two atoms. This is known as a polar covalent bond which we will meet in Chapter 3.


Intermolecular forces


Particle models for the three states of matter help us to understand the bonding in elements.


For example, sodium exists as a metallic lattice where sodium ions are held together by metallic bonds. It exists as a solid at room temperature because the temperature is not high enough to break the strong metallic bonds. If the temperature is increased to the melting point of sodium, some of the metallic bonds break and liquid sodium is formed. It is quite straightforward to think about the three states of matter for metals and imagine the metallic bonds holding the structure together as a solid. We can think of the melting point as a measure of how strong the metallic bonds are between the metal ions. Thus, we could predict that iron would have stronger metallic bonds than sodium since iron has a higher melting point.
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When we consider the non-metals, our explanation is slightly more complex. Consider argon. We know that the noble gases are very unreactive which makes it very difficult for them to form ionic or covalent bonds. But if argon is cooled, it will form a liquid and then a solid. So what is holding the argon atoms together in the liquid and solid state? The answer is London dispersion forces. These are very weak forces of attraction which can operate between all atoms and molecules. These forces are caused by the uneven distribution of the constantly moving electrons around the nuclei of the atoms. This causes the formation of temporary dipoles on the atoms (see Figure 1.14). The atoms then attract each other. The dipoles are constantly changing, but there are always some in existence.


London dispersion forces (LDF) are very weak compared with ionic, covalent and metallic bonds. However, although they are weak, the forces are strong enough to allow the noble gases to liquefy and solidify if they are cooled enough to remove the thermal kinetic energy of the atoms. Not surprisingly, helium, with only two electrons per atom, has the weakest LDF between its atoms and is the most difficult element to condense and freeze. It only freezes in temperatures near to absolute zero (–273 °C).
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Because the other noble gases have increasing numbers of electrons, the LDF, and hence melting and boiling points, increase down the group.


London dispersion forces are an example of an intermolecular force – in other words, a force between molecules. The other intermolecular forces (also referred to as intermolecular bonds) will be discussed in Chapter 3.
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LDF strength increases as the number of electrons in an atom or molecule increases.
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Covalent molecular elements


Hydrogen, nitrogen, oxygen, the halogens, phosphorus, sulfur and the fullerenes are known as covalent molecular structures. That is, they consist of groups of small numbers of atoms joined by covalent bonds.


Nitrogen


Nitrogen is the most common gas in the air. It is very unreactive and is used widely in the food industry as a packaging gas to prevent food from spoiling.


Nitrogen atoms, with three unpaired electrons, form diatomic molecules with a triple covalent bond. If we were asked to write the formula for nitrogen we would write N2 regardless of whether we were talking about solid, liquid or gaseous nitrogen. To show the states we would simply place the correct state symbol after the formula, such as N2(s), N2(l) or N2(g). Going from a solid to a liquid to a gas does not change the bonds between nitrogen atoms. The triple covalent bond in nitrogen remains. Nitrogen molecules, however, are held together by LDF. The fact that nitrogen has a very low melting and boiling point demonstrates that the forces of attraction are very weak in nitrogen; it does not take much energy to overcome the intermolecular forces of attraction to change nitrogen from a solid to liquid or liquid to gas. It is important to note that the covalent bonds (the intramolecular bonds, in other words those within the molecule) are not broken when nitrogen is melted or boiled.
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Oxygen



This vital gas sustains life and takes part in so many reactions on Earth such as combustion and rusting. Each oxygen atom uses its two unpaired electrons to form two covalent bonds with one other oxygen atom (except when the rarer form ozone, O3, is formed). As in nitrogen, oxygen molecules are attracted to other oxygen molecules by LDF. It is these weak forces that are overcome when oxygen changes state.


The halogens


The halogen group (group VII of the Periodic Table) contains a number of very reactive and potentially dangerous elements. The harmful nature of these elements allows them to be used as disinfectants. For example, iodine solutions are used to kill bacteria on the skin prior to surgery and both iodine and chlorine are used in water treatment.
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The halogens all have a single unpaired outer electron and can form one covalent bond. As a result, they exist as diatomic molecules (F2, Cl2, Br2 and I2).
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Sulfur



Sulfur is a very attractive yellow solid whose compounds can often be recognised by their bad smells. For example, hydrogen sulfide is responsible for the ‘rotten egg’ smell, while the powerful repellent released by a skunk contains sulfur compounds.
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As sulfur has the ability to form two or more bonds, sulfur atoms can bond to more than one other atom. Sulfur can even form closed, eight-membered, puckered rings. The LDF are much greater between molecules of sulfur which results in the element being a solid at room temperature. In other words, when compared with oxygen, it takes much more energy to overcome the forces of attraction to change solid sulfur into liquid sulfur.
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Phosphorus


We owe the discovery of phosphorus to Hennig Brand, a German scientist who extracted the element from urine in the seventeenth century. The fact that phosphorus glows in the dark proved to be most entrancing to early chemists who developed many uses for this highly poisonous element.


Phosphorus makes use of single bonds to three other atoms to form tetrahedral P4 molecules. Like sulfur, the LDF between phosphorus molecules are strong which allows it to exist as a solid at room temperature.
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In both sulfur and phosphorus, the bonds between atoms are strong covalent bonds. These are not broken when the elements are melted or boiled. It is the weak LDF between molecules that are broken when the elements are melted or boiled.


Fullerenes


Discovered in 1985, the fullerenes are discrete, covalently-bonded molecules of carbon. The smallest is spherical and is named buckminsterfullerene after Buckminster Fuller, an American architect who designed large geodesic dome structures consisting of five- and six-sided panels. The spherical molecule of buckminsterfullerene (C60) has five- and six-membered rings of carbon atoms producing the overall shape. Other molecules with elongated shapes can exist, such as C70, and there are also much longer ‘nanotubes’, but all contain five- and six-membered carbon atom rings.
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In the elements of groups VII, VI and V, the intramolecular forces, in other words the bonds within the molecule, are covalent. The intermolecular forces, those between the molecules, are the very weak London dispersion forces. Most of these elements are therefore quite volatile, even if solid at room temperature, since only the intermolecular forces have to be broken to melt and boil them.


Covalent network structures


Covalent networks are huge structures where each atom is covalently bonded to other atoms. Unlike covalent molecular substances which consist of only a few atoms bonded together, covalent network structures consist of many thousands of atoms bonded together by covalent bonds. These structures have extremely high melting points as covalent bonds must be broken for the solid to melt. For the Higher Chemistry course, we will consider carbon diamond, carbon graphite, silicon and boron.
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Covalent networks have high melting points because strong covalent bonds must be broken.
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Carbon diamond


One of the most expensive forms of an element, carbon in the form of diamond is created when carbon-containing compounds, or other forms of carbon such as graphite, are exposed to very high pressures and specific temperatures. In nature this happens deep within the Earth’s crust but the process can also be created in the laboratory to make synthetic diamonds.


Diamonds are highly valued for their beauty, which makes them an expensive stone to use in jewellery. They are also highly valued for their high thermal conductivity (they feel cold when we touch them) and their hardness. Their hardness and strength allow diamonds to be used to cut other hard materials such as stone.


In the carbon diamond structure, each carbon atom is covalently bonded to four other carbon atoms in a tetrahedral arrangement as shown in Figures 1.28 and 1.29.
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The resultant structure is exceptionally hard and rigid. There are no discrete molecules, each atom being linked to all other atoms in the sample of element. There are no free electrons to allow electrical conduction but ‘tunnels’ between the atoms allow light to pass through, thus making diamonds transparent.


Carbon graphite


This is the form of carbon that is found in pencils.


Graphite has a structure based on three covalent bonds from each atom, forming layers of hexagonal rings. Each carbon atom contributes its fourth unpaired electron to the delocalised pool between the layers. The result is strong bonding within the layers but only weak interaction between the layers. Since the delocalised electrons are held quite weakly, they can flow across the layers. Graphite therefore conducts in a similar way to a metal. The layers separate easily so graphite is flaky, but because the layers are offset with respect to each other, light cannot pass through, so graphite is opaque.
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Silicon


Silicon is the second most common element found on planet Earth. It is found in a variety of compounds, such as sand, which is silicon oxide. As an element, it is perhaps most famous for its use in the electronics industry as the ‘silicon chip’.


Silicon forms a rigid covalent network with the same structure as carbon diamond.
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Boron


Boron compounds are probably used every day by the practising chemist. Pyrex® glassware owes its strength and ability to withstand high temperatures to boron oxide which is used in its manufacture. Boron forms a structure made of B12 groups, which are bonded with other groups. The result is an element almost as hard as diamond.
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Question





2  Explain why diamond has a higher melting point than sulfur.





[image: ]





Monatomic elements: the noble gases


Passing electricity through a noble gas results in a colourful glow. As a result of this property, the noble gases are used in the familiar advertising signs, the so-called ‘neon’ lights, that light up our shops at night.


The bonding in the elements is least complex at the right-hand side of the Periodic Table, in other words for the noble gases. These elements, with the exception of helium, always have an outer layer of eight electrons which is an especially stable arrangement. Because of the stability of the outer electrons, the noble gases do not form either covalent or ionic bonds between their atoms. They are monatomic, consisting of only one atom. When cooled, the atoms move closer together to form a liquid and then solid as they are held together by London dispersion forces.
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As you descend the noble gas group, their melting and boiling points increase. This is due to the fact that the number of electrons per atom increases so the LDF between the atoms are greater. It therefore takes more energy to overcome the LDF, hence the increase in melting and boiling points.


Key properties of elements related to bonding


If we now look at some of the physical properties of these first 20 elements, we can see how these properties relate to the bond types present.


Melting and boiling points


Figure 1.35 shows that where the elements consist of discrete molecules (the monatomic and diatomic gases and P4 and S8), the melting and boiling points are low. This is because only the weak, intermolecular London dispersion forces have to be overcome in melting and boiling the element. The strong, covalent, intramolecular forces are unaffected.
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In the covalent network solids carbon and silicon, covalent bonds must be broken when melting or boiling takes place – this is much more difficult. Melting and boiling points are therefore much higher.


Similarly for group I, II and III elements, their very strong metallic bonds have to be overcome and so these elements also have high melting and boiling points compared with covalent molecular elements.
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For Interest Chemical warfare


The history of the discovery of the Periodic Table and the history of the uses of its elements are fascinating. Every element has a story to tell and every story demonstrates the power of chemistry. As new discoveries are made, we learn more about the elements which fill our Universe and use this knowledge to make new substances for the benefit of mankind. Sadly, history has shown us that chemistry can also be used to destroy our precious lives. The following examples look at the use of chlorine and phosphorus as weapons of war.


On 22 April 1915, allied soldiers fighting the Germans in the First World War noticed a green haze sweeping over the battlefields as evening fell. Chaos descended on the trenches as people began to struggle for breath. The German army were using chlorine gas in an act of chemical warfare. The effects of such a poisonous element were horrific, leading to the deaths of many soldiers.
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The use of chemicals in war accelerated after the First World War. Governments devoted resources to developing new chemical weapons which would have devastating consequences for populations attacked with these agents.


Another element used as a chemical weapon was phosphorus. White phosphorus was used as a chemical weapon throughout the twentieth century where its horrific effects on humans and its terrifying explosive properties were used to help defeat enemy soldiers during conflict. White phosphorus is extremely reactive and is usually stored under water to prevent it reacting with oxygen. Given its horrific properties, many organisations have been campaigning for it to be banned.


Fortunately, chemists around the world work hard to tame the properties of the elements which can cause harm. This usually involves converting these elements into compounds and examining the properties of the compounds produced.
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Checklist for Revision





•  I can identify groups and periods in the Periodic Table.



•  I know where to find the metals, non-metals, alkali metals, halogens, noble gases and transition metals on the Periodic Table.



•  I can explain the reactivity of elements by considering their electron arrangements.



•  I can discuss the bonding and structure of:







    –  the metallic elements (Li, Be, Na, Mg, Al, K, Ca)


    –  the covalent molecular elements (H2, N2, O2, F2, Cl2, P4, S8 and C60)


    –  the covalent network elements (B, C (diamond, graphite), Si)


    –  the monatomic elements (the noble gases).








•  I can use my knowledge of bonding and structure to discuss the different physical properties of elements, for example, why sulfur has a higher melting point than chlorine.
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Key Terms


The words and phrases below were introduced in this chapter.


Their definitions are given in the chemical dictionary.


atomic number


covalent bonding


covalent network


delocalised electrons


electron


group


intermolecular forces


intramolecular forces


ionic bond


lattice


London dispersion forces (LDF)


metallic bonding


molecule


monatomic


nuclei


period


Periodic Table


proton


temporary dipole


transition metals
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Activities





1  Produce a presentation outlining the key dates and discoveries which led to the development of the modern Periodic Table.



2  Produce an information leaflet on the first 20 elements. Highlight the key points about their bonding and structure.



3  Find out about the different forms of phosphorus and its many uses from bombs to matches.
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Study Questions


In questions 1–3 choose the correct word(s) from the following list to copy and complete the sentence.
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covalent bonds    molecular    network
London dispersion forces
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  1  A fullerene is a form of carbon which has a covalent __________ structure.


  2  The low melting point of sulfur is due to __________ between molecules.


  3  Silicon is an example of a covalent __________ structure.


  4  Which element has discrete covalent molecules?







      A  Fluorine


      B  Carbon diamond


      C  Lithium


      D  Boron







  5  When liquid chlorine evaporates







      A  covalent bonds are broken


      B  covalent bonds are formed


      C  London dispersion forces are broken


      D  London dispersion forces are formed.







  6  A certain element contains only London dispersion forces. This element must be







      A  an alkali metal


      B  a noble gas


      C  a transition metal


      D  a halogen.







  7  Which of the following statements is not true?







      A  Diamond is very hard due to its covalent network structure.


      B  Aluminium conducts electricity as it has delocalised electrons.


      C  Nitrogen has weak covalent bonds since it is a gas at room temperature.


      D  Phosphorus has a low melting point due to London dispersion forces.







  8  Carbon can exist as diamond, graphite or molecules known as fullerenes.







      a)  Describe the structure of diamond.


      b)  Describe the structure of graphite and explain why it can conduct electricity.


      c)  How is the structure of fullerenes different from graphite and diamond?







  9  The following elements can be categorised according to their bonding and structure. Copy and complete the table below by entering the listed elements into the correct row in the table.







Elements: sodium, sulfur, argon, helium, silicon, lithium, hydrogen, fluorine, boron, phosphorus









	Structure and bonding

	Name of elements






	Metallic lattice

	 






	Monatomic gas

	 






	Covalent molecular solid

	 






	Covalent molecular gas

	 






	Covalent network solid

	 







Table 1.1





10  State the bonds or forces which must be overcome to melt the following elements:







      a)  helium


      b)  lithium


      c)  carbon graphite


      d)  carbon fullerene


      e)  neon


      f)  fluorine


      g)  aluminium


      h)  oxygen


      i)  sulfur


      j)  boron


      k)  hydrogen.








11  Explain the trend in boiling points as you go down group VII.
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2 Trends in the Periodic Table


In this chapter we will consider the trends of covalent radius, ionisation energy and electronegativity.


Covalent radius – a measure of atomic size


We often imagine atoms as little balls with a centre (the nucleus) and a definite size. One of the problems with this model is that atoms have electrons which are constantly moving. This makes it very difficult to judge where the ‘edge’ of the atom is located. Instead of measuring an atom from ‘edge to edge’, the measure of atomic size most commonly used is the covalent atomic radius. This is defined as half the distance between the nuclei of two covalently bonded atoms of the element.


The distance between two nuclei can be measured accurately by a technique known as X-ray diffraction. This distance is known as the bond length. Once this distance has been determined, the answer is halved to give the covalent radius. For example, the distance between the nuclei of two chlorine atoms in a molecule of chlorine is 1.98 × 10–10 m. This allows us to calculate the covalent radius of chlorine as 0.99 × 10–10 m. As these numbers are extremely small, chemists prefer to use picometres as the unit. One picometre (1 pm) is equal to 1 × 10–12 m. So, the covalent radius of chlorine would be quoted as 99 pm. The data booklet gives information on covalent radius on page 7.
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Trends in covalent radius


We are interested in the trend in the size of atoms as we go down a group or across a period in the Periodic Table. These trends are obvious when the covalent radius is graphed against atomic number as shown in Figure 2.3.


From examining this graph, two trends are obvious:





1  Going across a period, the atomic size decreases.



2  Going down a group, the atomic size increases.
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There are two factors that must be considered to help us explain the trends in atomic size:




•  the nuclear charge of the atom


•  the number of filled electron shells.
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Going across a period, the nuclear charge increases. Consider the period from lithium to fluorine as shown in Table 2.1.


The atomic number increases by one as we move from one element to its neighbour. An increase in atomic number means that the number of protons in the nucleus is increasing. Since protons have a positive charge, increasing the atomic number results in the nuclear charge increasing. Electrons are negatively charged; an increase in atomic number results in the electrons being more strongly attracted to the nucleus which means that the size of the atom gets smaller.
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Going down a group, the elements have the same number of outer electrons, but one more energy level is occupied by electrons in each succeeding element. Consider the elements in group I as shown in Table 2.2.


Although nuclear charge increases, its effect is outweighed by the much greater radius of successive electron layers. Each extra layer of electrons ‘shields’ the outer electrons from the positive nucleus so that the outer electrons are less strongly attracted to the nucleus. This results in the atomic size becoming larger. This shielding effect is also known as screening.
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•  The atomic size decreases across a period due to the increase in nuclear charge.



•  The atomic size increases down a group due to the increase in number of electron shells which shield outer electrons from the nuclear charge.
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Question





1  Explain why







    a)  the potassium atom is larger than the sodium atom


    b)  the chlorine atom is smaller than the sodium atom.
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For Interest Atomic size and medicinal chemistry


Concepts like covalent radius can often appear to be highly theoretical with little relevance to our everyday lives. But to chemists, knowledge of the covalent radius can be used to help them solve many problems in their quest to make new products. For example, medicinal chemists design new medicines by investigating chemical structures such as enzymes. Quite often they will design a new medicine which can fit into the active site of an enzyme in the human body, which results in the enzyme working better or stops the enzyme working altogether. In order to build medicines which can fit into enzymes, medicinal chemists use their knowledge of atomic size to help them build molecules with different sizes and shapes. Sometimes a molecule can be made more effective simply by changing one atom for another. For example, changing from chlorine to fluorine – which is smaller – might help the molecule fit into an enzyme more readily, making it a more effective medicine.
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First ionisation energy (or enthalpy)


The alkali metals are very reactive as they can easily lose their outer electron. A measure of how easy it is to remove an electron is the ionisation energy. This is defined as the energy required to remove one mole of electrons from one mole of gaseous atoms.


There are three important parts to this definition which allow fair comparisons to be made between the elements of the Periodic Table:





1  Atoms are being ionised by loss of electrons to form positive ions.



2  The atoms must be in the gaseous state.



3  One mole of atoms is compared.





The ionisation energy is an enthalpy change and is represented by a ∆H value. Enthalpy will be investigated further in Chapter 16.


For sodium, 496 kJ of energy is required to remove the first electron from one mole of sodium atoms in the gaseous state:


[image: ]


This is known as the first ionisation energy of sodium since it is a measure of the energy required to remove the first, or outermost, electron from sodium. The enthalpy change has a positive value which informs us that we must use energy to remove an electron from sodium.


The second ionisation energy is the enthalpy change associated with:
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In other words, this is the energy required to remove a second electron from sodium after the first electron has been removed.


Adding together the first and second ionisation energies of sodium gives us the quantity of energy needed to remove two moles of electrons from one mole of sodium atoms in the gaseous state. The equation which represents this change is:
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The enthalpy change for this reaction is:
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The values for some first ionisation energies are shown in Table 2.4 (units are kJ mol–1).


These values are plotted, together with second ionisation energies, for the first 20 elements in Figure 2.5.


From this information, two general trends emerge:





1  Going down a group, the first ionisation energy decreases.



2  Going across a period, the first ionisation energy increases.





There are three factors that must be considered to help us explain the trends in ionisation energy:





•  the nuclear charge of the atom



•  the number of filled electron shells



•  the size of the atom.





Going down a group, an electron is being removed from the layer of electrons which is furthest from the nucleus. This layer is increasingly distant from the nuclear attraction and hence, although the nuclear charge is also increasing, less energy is required to remove an electron.


An additional factor is the screening effect of electrons in inner shells. These inner electrons reduce the attraction of the nucleus for outermost electrons, hence reducing the ionisation energy.


Going across a period, the pattern is less straightforward, but there is an overall increase. The electron being removed is in the same layer for any element in the same period, such as Li–Ne or Na–Ar. As already pointed out, the nuclear charge is increasing across each period. The outermost electrons are therefore more strongly held and so the energy required to remove them, the ionisation energy, increases across each period.


Finally it is worth noting that within each period, the noble gas has the highest value for first ionisation energy. This goes some way to explaining the great stability of filled electron shells and the resistance of the noble gases to forming compounds. It should be noted, however, that electrons can be removed from noble gas atoms. If some other change can compensate for the energy required then ionic compounds of the noble gases can be made.


Trends in second ionisation energy


Trends in the second ionisation energies (or any subsequent ionisation energy) can be explained by considering from where the electron is being removed. For example, lithium has a very low first ionisation energy but an extraordinarily high second ionisation energy. The reason for this becomes obvious when we consider the electron arrangement of lithium: 2,1. Removal of the second electron involves taking an electron from the completely filled first shell, which is much closer to the nucleus and therefore the electrons are very strongly held.


This trend in second ionisation energy is true for all the alkali metals (i.e. there is a considerable difference between the first and the second ionisation energy for all of the group I elements) since the second electron is always obtained from a full stable shell of electrons which is closer to the nucleus.


If we examine the group II elements, this time the jump in energy is between the second and third ionisation energies. For example, the data for calcium is as follows:
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Calcium has an electron arrangement of 2, 8, 8, 2.


The third ionisation energy involves breaking into the third stable shell which is much closer to the nucleus (and therefore electrons are more strongly held), compared with the first and second ionisation energies which involve removing electrons from the fourth electron shell.


Writing equations for ionisation energy


The data booklet, page 11, shows equations for the first ionisation energy as
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and for the second ionisation energy as
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We can use these equations if asked to write an equation for ionisation energy by replacing E with the symbol for the element being asked for.


For example, an equation for the first ionisation energy of potassium would be
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An equation for the second ionisation energy of potassium would be
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For Interest The importance of ionisation energies


Scientists describe radiation as ionising or non- ionising. Ionising radiation can be harmful to human health if we are exposed to high doses of the radiation whereas non-ionising radiation is generally considered to be safe. For example, radio waves that allow a car radio to play music transmitted from a radio station and microwaves that allow mobile phones to work are referred to as non-ionising forms of radiation. In other words, radio waves and microwaves do not have enough energy to ionise an atom or molecule which would suggest that they are unlikely to be harmful to health. Health effects have been linked to non-ionising radiation, but it is likely that these effects are a result of the heating that occurs during exposure to the radiation for a certain length of time.


Examples of ionising radiation include X-rays, gamma rays and UV light. These are forms of radiation which have much higher energy – enough energy to ionise an atom or molecule, which can lead to ill effects if exposure is high. For example, it is well known that significant exposure to X-rays can be harmful to a person’s health. On the other hand, scientists can make use of the ionising ability of these radiations to treat and prevent disease. For example, UV light can be used to sterilise water, while gamma rays can be used to treat certain cancers. Scientists use their knowledge of ionisation energy to help them assess how harmful radiation can be and how it can be used.
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Questions





2  Use your data booklet to calculate the energy required for the following changes:







  a)  [image: ]



  b)  [image: ]









3  The first compounds of the noble gases were formed from xenon (Xe). Suggest why this was the case.
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Electronegativity


The celebrated chemist Linus Pauling, who is the only person in history to have won a Nobel Prize for chemistry and a Nobel Prize for peace, wrote a very famous chemistry text called The Nature of the Chemical Bond. In this text, Pauling presented many theories which we now use to help us understand how atoms can form chemical bonds. In particular, Pauling quantified the concept that some atoms attract electrons in a bond more strongly than other atoms. This concept is known as electronegativity.


In a covalent bond formed by the sharing of an electron pair between two atoms, the attraction of the atoms for these electrons depends on the elements concerned. Electronegativity is a measure of the attraction an atom involved in a bond has for the electrons of the bond. Linus Pauling devised the electronegativity scale where each element is given an electronegativity value.


Elements with high electronegativity values attract electrons very strongly whereas elements with low electronegativity values attract electrons only weakly. Electronegativity values for some elements are given in Table 2.5.
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Trends in electronegativity


Two general trends emerge:





1  Going down a group, the electronegativity decreases.



2  Going across a period, the electronegativity increases.
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As with ionisation energy, there are three factors that must be considered to help us explain the trends in electronegativity:




•  the nuclear charge of the atom


•  the number of filled electron shells


•  the size of the atom.
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In general, the electronegativity increases from left to right across a period since nuclear charge increases in the same direction. The increase in nuclear charge causes the atom to attract bonded electrons more strongly, so electronegativity values increase.


Going down a group, the atomic size increases as there are more shells of electrons. The increase in the electron shells shields the bonded electrons from the nuclear charge which means that electrons are less strongly attracted to the atom. Consequently, electronegativity decreases going down a group.


The electronegativity scale can be used to explain why some elements join to form covalent bonds while other elements join to form ionic bonds. For example, hydrogen atoms join to form diatomic H2 molecules where the two hydrogen atoms are joined by a covalent bond. According to Pauling’s scale, the hydrogen atoms both have an electronegativity of 2.2. In this case, the electrons are attracted equally to both hydrogen nuclei so a pure covalent bond is formed. If sodium chloride is considered, sodium has a value of 0.9 and chlorine has a value of 3.0. In this case, the electrons are more strongly attracted to the chlorine. In fact, the strength of attraction is so strong that the electrons are not shared between these two atoms. Instead, an ionic bond forms between the sodium and chlorine.
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Key Terms


The words and phrases below were introduced in this chapter. Their definitions are given in the chemical dictionary.


covalent atomic radius


electronegativity


enthalpy change


ionisation


screening
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Checklist for Revision





•  I understand the definitions of covalent radius, ionisation energy and electronegativity.



•  I can locate values for covalent radius, ionisation energy and electronegativity from the data booklet.



•  I can state and explain the trends in covalent radius, ionisation energy and electronegativity.
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Study Questions




  1  Which of the following increases when a chlorine atom changes to a chloride ion?







      A  The atomic number


      B  The charge of the nucleus


      C  The mass number


      D  The number of full energy levels







  2  When compared with potassium, lithium has







      A  a greater number of electron shells


      B  a greater electronegativity


      C  a lower melting point


      D  a greater covalent radius.







  3  Which of the following statements is true?







      A  Magnesium is more electronegative than sulfur.


      B  Sulfur is a covalent molecular solid.


      C  Magnesium has a smaller covalent radius than sulfur.


      D  Sulfur has a lower relative atomic mass than magnesium.







  4  a)  What is meant by the term ‘electronegativity’?


      b)  Why does electronegativity increase across a period?


      c)  Which element has the highest electronegativity value?
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passed through them
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increase across period

Table 2.4 First ionisation energies (values are in kJmot-1)

decrease down group
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Figure 2.6 Mobile phones use non-ionising radiation
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