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Introduction

About this book

This textbook covers the first year of the Edexcel GCE Chemistry specification and all content for the AS GCE Chemistry specification. The order of topics follows that of the specification, but it need not be taught in this order.

All the organic chemistry is grouped together in Chapters 10 and 11. Chapter 16 is designed to help you prepare generally for the AS and A level papers and especially for answering practical-based questions.

Margin comments are provided throughout the book. These comprise valuable reminders and snippets of information, and include tips that clarify what you need to know and common sources of confusion.

This book is not a guide to the practical chemistry that all AS students will study. However, many of the reactions that will be met in the laboratory are detailed throughout the book.

At the back of the book (page 314), there is a periodic table that gives relative atomic masses to one decimal place. This should be referred to for atomic numbers, atomic masses and symbols of the elements. The table is similar to the one printed on the back of the examination papers.

Online resources

Each chapter includes ‘Test yourself’ questions. The answers to these are available at https://www.hoddereducation.co.uk/FacerChemistry1. At the end of every chapter are a number of practice questions, including some typical exam-style questions. Questions marked with a purple bullet point are designed to challenge students in their thinking. Answers to the end-of-chapter questions are available as part of George Facer’s Edexcel A Level Chemistry Teaching and Learning Resources. Go to www.hoddereducation.co.uk/dynamiclearning to sign up for a free trial. A practice exam-style AS paper and multiple-choice tests to print off for students to complete are also available.

Required previous knowledge and skills

It is assumed that all AS chemistry students will have covered at least double award science to GCSE level. All students should be:


•  familiar with the use of a calculator

•  able to change the subject of an algebraic equation

•  able to draw straight-line and curved graphs from supplied data and to extrapolate graphs

•  confident in the use of scientific (standard) notation, e.g. that the number 1234 can be written as 1.234 × 103 and that 1.234 × 10−3 is the same as 0.001234



Scheme of assessment

Assessment objectives

There are three assessment objectives tested at AS and A level:


•  AO1 Knowledge and understanding of scientific ideas, processes, techniques and procedures — 32% of the AS mark.

•  AO2 Application of knowledge and understanding of scientific ideas, processes, techniques and procedures — 43% of the AS mark.

•  AO3 Analysis, interpretation and evaluation of evidence and information to reach conclusions or to develop practical designs and procedures — 25% of the AS mark.



The AS exam

The AS exam consists of two papers and a statement by the centre that the candidate has performed a number of practical experiments. Both papers are worth 80 marks each and must be completed in 1 hour 30 minutes. There will typically be 10 questions ranging from 4 to 15 marks each, including a few multiple-choice questions. In both papers between 20% and 25% of the marks will be awarded for the recall, evaluation and understanding of experimental methods. There is no internal assessment of practical skills that counts towards the candidate’s final grade.

Paper 1 consists of questions on physical and inorganic chemistry, specifically:


•  atomic structure and the periodic table

•  formulae, equations and amounts of substances, including acid–base titrations

•  bonding, structure and intermolecular forces

•  redox

•  groups 2 and 7

•  practical aspects



Paper 2 consists of questions on physical and organic chemistry, specifically:


•  formulae, equations and amounts of substances

•  bonding, structure and intermolecular forces of organic molecules

•  organic chemistry

•  energetics

•  kinetics

•  equilibrium

•  practical aspects



Hazard and risk

This book is not a laboratory manual. All experiments described in this book should be risk assessed by a qualified chemistry teacher before being performed either as a demonstration or as a class practical. Safety goggles and a laboratory coat or apron must be worn in all experiments. Certain hazards are described in some of the experiments described in the book.


1 Fundamental concepts

Chemistry is the study of matter and the changes that can be made to matter.

The term ‘matter’ means anything that has mass and takes up space. This includes metals, plastics and fertilisers, but not light or magnetism, or abstract ideas such as health or beauty.

Chemistry is concerned with the properties of matter — what happens when it is heated, when it is mixed with other substances, when electricity is passed through it — and the reasons for the changes that occur in the different circumstances.

Substances have two types of property:


•  Physical properties are those that can be observed without changing the identity of the substance, for example by melting, compressing, magnetising or bending the substance. At the end of a physical change, the substance is still there, in a different shape or state. The physical states are solid, liquid and gas:




    – A solid has a fixed volume (at a given temperature) and shape.

    – A liquid flows and takes the shape of the part of the container that it fills. It has a fixed volume at a given temperature.

    – A gas completely fills the container in which it is placed. It can easily be compressed to fit in a container of a smaller volume.




•   Chemical properties are those that are observed when the substance changes its identity, for example on the addition of acid or on burning in air. After a chemical change (chemical reaction) has taken place, one or more new substances are formed. Each substance has its own unique chemical properties.
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Elements
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Key terms

An element is a substance that cannot be broken down into two or more different substances.

An atom is the smallest uncharged particle of an element.

A compound is made of two or more elements chemically joined together.

[image: ]
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Elements are the building blocks from which all compounds are made.
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The ancient Greeks thought that all matter was made from four elements — fire, earth, air and water. As scientists began to experiment and apply scientific method to analysing results, this idea was gradually abandoned. The big step forward came in 1869 when Dmitri Mendeléev arranged the elements in order of atomic mass and produced a periodic table similar to that in use today.

One hundred and fourteen elements have been positively identified, although only 90 occur naturally on Earth. The others have either been made in nuclear reactors and particle accelerators, or have been found in the debris from a nuclear explosion. Livermorium and flerovium are the latest to have been made.

All the elements originally came from the stars. Inside a star, including our Sun, hydrogen atoms are converted into atoms of other elements by nuclear fusion. A small amount of mass is lost and this is turned into energy — the sunlight and starlight that we can see.

The creation of elements from hydrogen in the stars is taking place continually. However, as a star ages, its outer layer begins to collapse, which causes the temperature of the star to increase further. Some of the atoms of elements already created fuse together and form still heavier atoms, such as uranium, lead and gold. The temperature increase causes a huge explosion and the outer layers are thrown into space. This is what happens in a supernova. The debris from supernovae will eventually condense under the gravity of another star and form planets. Thus the elements formed in the stars form the rocks, the seas and even our own bodies (Table 1.1).
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Table 1.1 The abundance by mass of the most common elements in the Earth’s crust and in the human body



	Earth’s crust



	Rank
	Element
	% by mass



	1st
	Oxygen
	49.5



	2nd
	Silicon
	25.7



	3rd
	Aluminium
	7.5



	4th
	Iron
	4.7



	5th
	Calcium
	3.4



	6th
	Sodium
	2.6



	7th
	Potassium
	2.4



	8th
	Magnesium
	1.9



	9th
	Hydrogen
	0.88



	10th
	Titanium
	0.58



	11th
	Chlorine
	0.19



	12th
	Phosphorus
	0.12






	Human body



	Rank
	Element
	% by mass



	1st
	Oxygen
	65



	2nd
	Carbon
	18



	3rd
	Hydrogen
	10



	4th
	Nitrogen
	3



	5th
	Calcium
	1.5



	6th
	Phosphorus
	1.2



	7th
	Potassium
	0.2



	8th
	Sulfur
	0.2



	9th
	Chlorine
	0.2



	10th
	Sodium
	0.1



	11th
	Magnesium
	0.05



	12th
	Iron
	0.04




The periodic table

The modern form of the periodic table has the elements arranged in atomic number order (in order of the number of protons in the nucleus).

It is shown in Table 1.2 and also, in more detail, at the back of this book (page 314). It is printed on the back page of the question booklet in all AS and A-level examinations.
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•  The vertical columns are called groups. Numbers in brown are the group numbers.

•  The elements in a group, such as in groups 1, 2 or 7, show similar, but steadily changing, physical and chemical properties. In group 7, for example, fluorine and chlorine are gases, bromine is a liquid and iodine is a solid. All four react with hydrogen to form acids.

•  The horizontal rows are called periods. Numbers in violet are the period numbers.

•  The elements in a period change from metals on the left to non-metals on the right. The noble gases are in group 0 (sometimes called group 8).




    – The elements in red are metals.

    – The elements in green are metalloids (semi-metals).

    – The elements in blue are non-metals.




[image: ]

Tip

You need to know the names and symbols of at least the first 20 elements (hydrogen to calcium). You must also know to which group each belongs.
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Test yourself


1   Identify the element in group 5 and period 3 of the periodic table.

2   Name two elements that are liquids at room temperature.
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Important points about the periodic table

Metals

The metals are on the left and in the middle of the table.

The physical properties of metals are that:


•  they conduct electricity when solid and when liquid

•  they are malleable and ductile

•  apart from mercury, they are all solids at room temperature



The chemical properties of metals are that:


•  they form positive ions (cations) in their compounds; for example, sodium forms Na+ ions and magnesium forms Mg2+ ions

•  the more reactive metals react with an acid to give a salt and hydrogen; for example, magnesium reacts with dilute sulfuric acid to form magnesium sulfate and hydrogen gas

•  the most reactive metals react with water to give a hydroxide and hydrogen; for example, sodium reacts with water to form sodium hydroxide and hydrogen gas

•  they react with cations of less reactive metals in displacement reactions; for example, zinc reacts with a solution of copper sulfate to form zinc sulfate and a residue of copper metal

•  they become more reactive down a group in the periodic table; for example, potassium is more reactive than sodium

•  their oxides and hydroxides are bases; for example, magnesium oxide is a base and reacts with nitric acid to form magnesium nitrate and water
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Test yourself


3   Identify the most reactive metal in group 2 of the periodic table.
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Non-metals

Non-metals are on the right of the table.

The chemical properties of non-metals are that:


•  they form negatively charged ions (anions) in many compounds with metals; for example, chlorine forms Cl− ions and oxygen forms O2− ions

•  they form covalent bonds with other non-metals

•  apart from in group 0, they become more reactive up a group in the periodic table; for example, chlorine is more reactive than bromine, which is more reactive than iodine

•  their oxides are acidic, reacting with water to form a solution of an acid; for example, sulfur dioxide reacts with water to form sulfurous acid, H2SO3, which ionises to form H+(aq) ions, making the solution acidic




[image: ]

Organic chemistry is about compounds in which carbon is covalently bonded to other carbon atoms, and to other elements such as hydrogen, oxygen and nitrogen.
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Metalloids

Between the metals and non-metals there are some elements that do not fit easily into either category. These elements are called semi-metals or metalloids. The properties of metalloids are that:


•  they do not form ions

•  they are semiconductors of electricity, particularly when a small amount of impurity is added

•  their oxides are weakly acidic; for example, silicon dioxide reacts with the strong alkali sodium hydroxide to form sodium silicate
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Force and energy

Force

There are four types of force:


•  strong nuclear

•  weak nuclear

•  gravitational

•  electromagnetic



Strong and weak nuclear forces are only important inside the nucleus of an atom. Gravitational forces are so weak that they are only effective if at least one of the objects is astronomically large, such as the Sun or the Earth. The only forces that affect chemistry are the electromagnetic forces.

A positively charged object attracts a negatively charged object; there is a force of repulsion between two objects that have the same charge.


[image: ]

Tip

Remember this as ‘unlike charges attract; like charges repel’.
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The strength of the force depends on:


•  the size of the charges — the bigger the charges, the stronger is the force acting between them

•  the distance between the centres of the two objects — the smaller the distance between the centres, the stronger is the force between them



In chemistry, the most common charged particles are ions.


•  A cation is an atom or group of atoms that has lost one or more electrons and so is positively charged. Metals form cations. Na+ and Mg2+ are examples.

•  An anion is an atom or group of atoms that has gained one or more electrons and so is negatively charged. Non-metals form anions. Cl−, OH− and O2− are examples.




[image: ]

Key term

An ion is a charged atom or group of atoms.
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Energy

If there is a force of attraction between two particles, energy has to be supplied to separate them. The amount of energy required depends on the strength of the force between the particles, which in turn depends on the size of the charges and how close the two centres are. This means that more energy is required to separate small, highly charged ions than less highly charged or bigger ions.

Conversely, if two oppositely charged particles are brought closer together, energy is released.

Energy can neither be created nor destroyed. However, one type of energy can be converted into other types.


[image: ]

The unit of energy is the joule, J. However, this is so small that chemists normally use the kilojoule, kJ.
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In an exothermic reaction, chemical energy is converted to heat energy. This means that the temperature increases as heat is produced. The combustion of petrol is an example of an exothermic reaction.

If heat is absorbed, the chemical reaction is endothermic, and the temperature falls as heat energy is converted into chemical energy.

Chemical energy is measured as a quantity called enthalpy, H. In an exothermic reaction, chemical energy is lost as it is changed into heat energy. Therefore, the value for the change in enthalpy, ΔH, is negative. In an endothermic reaction, the value of ΔH is positive.


[image: ]

The Greek letter Δ means a change, so ΔH means a change in the quantity H (enthalpy or chemical energy available as heat).
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Amount of substance

When we go shopping we buy cheese by weight, drinks by volume and cans of baked beans by number. Scientists measure substances by mass or volume.

Mass

The unit of mass normally used is the gram. However, other mass units, such as the kilogram, kg, milligram, mg, nanogram, ng, or tonne are sometimes used.

1 g = 1000 mg or 1 mg = 10−3 g

1 g = 1 000 000 000 ng or 1 ng = 10−9 g

1 kg = 1000 g

1 tonne = 1000 kg

Volume

The common units of volume are the cm3 and the bigger unit dm3 (also called the litre, l).

1 000 000 cm3 = 1 m3

1 cm3 = 0.001 dm3

1 dm3 = 1000 cm3


[image: ]

Worked example 1

A liquid has a volume of 23.75 cm3. Convert this to a volume in dm3.

Answer

[image: ]
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Tip

Remember that a volume in cm3 converts into a much smaller value in dm3.
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Worked example 2

A gas has a volume of 24 dm3. Convert this into a volume in cm3.

Answer

volume = 24 × 1000 = 24 000 cm3

[image: ]
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Tip

Remember that a volume in dm3 converts into a much larger value in cm3.
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Test yourself


4  a) Convert 12 kg into grams.

    b) Convert 0.0234 g into milligrams (mg).
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The mole

Although substances are measured out according to their mass or volume, chemicals react by numbers of particles.

The equation for the formation of water from hydrogen and oxygen is:

2H2 + O2 → 2H2O

This means that hydrogen and oxygen react in the ratio of two molecules of hydrogen to one molecule of oxygen.

Atoms and molecules are so small that when two chemicals are mixed and react, billions and billions of molecules are involved.

The number of carbon-12 atoms in exactly 12 g of carbon-12 can be calculated as 6.02 × 1023. It is called the Avogadro constant and has the symbol, L or NA.


[image: ]

Key term

Avogadro constant = 6.02 × 1023 mol−1
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The mass of one molecule of water is 2.99 × 10−23 g and in 1 g of water there are 3.34 × 1022 molecules, or 33 400 000 000 000 000 000 000 molecules. Counting in such large numbers is almost impossible. To get round this problem the concept of the mole was introduced. The mole is a very large number of particles. For example:


•  1 mol of sodium, Na, contains 6.02 × 1023 sodium atoms.

•  1 mol of water, H2O, contains 6.02 × 1023 water molecules and therefore 1.204 × 1024 hydrogen atoms.

•  1 mol of sodium chloride, Na+Cl−, contains 6.02 × 1023 pairs of Na+ and Cl− ions.




[image: ]

Key term

1 mole is the amount of substance containing the Avogadro number of atoms, molecules or groups of ions.
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The symbol for the mole is mol.
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Chemicals react in a ratio by moles. The energy released in an exothermic reaction depends on the number of moles that react. Therefore, ΔH has units of kJ mol−1. An understanding of the mole is essential to AS and A-level chemistry.


[image: ]

Test yourself


5   Calculate:




    a) the number of atoms in 1 mol of CO2

    b) the number of chloride ions in 1 mol of calcium chloride, CaCl2



(The Avogadro constant, NA = 6.02 × 1023 mol−1.)
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Mole ratios

Consider the equation:

H2SO4 + 2NaOH → Na2SO4 + 2H2O

Sulfuric acid and sodium hydroxide react in the molar ratio of 1:2. This means that 0.111 mol of sulfuric acid reacts with 0.222 mol of sodium hydroxide. The equation also shows that 0.111 mol of sodium sulfate and 0.222 mol of water are formed.

The mole concept is further developed in Chapter 8.


[image: ]

Worked example 1

Calculate the number of moles of silver nitrate that react with 1.23 mol of sodium chloride, according to the equation:

[image: ]

Answer

[image: ]
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Tip

Remember that the number of moles is a measure of the number of particles, and that mole ratios are found from the balanced chemical equation for the reaction.
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Worked example 2

Calculate the number of moles of hydrogen gas, H2, formed when 0.0246 mol of aluminium reacts with excess sulfuric acid, according to the equation:

[image: ]

Answer
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Questions


1   Identify the most reactive metal in group 2 of the periodic table.

2   An element X loses three electrons. What is the charge on the ion formed?

3   Convert 1.2 × 106 g into tonnes.

4   Convert 22.4 dm3 into a volume in cm3.

5   Convert a volume of 23.7 cm3 into a volume in dm3.

6   Nitrogen reacts with hydrogen to form ammonia, according to the equation:



N2 + 3H2 → 2NH3


    Calculate:




     a) the number of moles of nitrogen, N2, that react with 0.246 mol of hydrogen, H2

     b) the number of moles of ammonia produced




7   Nitric acid reacts with calcium hydroxide according to the equation:



Ca(OH)2 + 2HNO3 → Ca(NO3)2 + 2H2O


    Calculate the number of moles of calcium hydroxide that react with 0.0642 mol of nitric acid.




2 Atomic structure and the periodic table (Topic 1)

Atomic theory

The father of modern atomic theory was John Dalton, a schoolteacher who was born in 1776.

He used measurements of the masses in which elements combine to propose his hypothesis, which was that:


•  all matter is made of atoms

•  all atoms of a given element are identical, with the same mass, but have different masses from the atoms of other elements

•  a compound is a combination of the atoms of two or more elements in a specific ratio

•  atoms can neither be created nor destroyed

•  in a chemical reaction, atoms in the reactants are rearranged to give the products of the reaction



Dalton thought of an atom as a spherical hard object, rather like a marble. The word atom is derived from Greek and means ‘uncuttable’. Dalton’s theory formed the basis for understanding chemical reactions, formulae and chemical equations and allowed huge advances to be made in the nineteenth century.


[image: ]


The nuclear atom

Doubts about the accuracy of Dalton’s atomic theory began to form around the beginning of the twentieth century. J. J. Thomson discovered that all metals, when heated, give off identical, tiny, negatively charged particles and he was able to measure their mass-to-charge ratio ([image: ]). Millikan measured the charge on these particles and hence the mass. He found that they had a mass nearly two thousand times smaller than that of a hydrogen atom. These particles are called electrons.

If atoms contain negatively charged electrons, they must also contain positively charged particles. The discovery of radioactivity by Becquerel and the separation of radium from the uranium ore pitchblende by Marie Curie led to the knowledge that alpha particles are helium atoms that have lost two electrons. Geiger and Marsden, working on suggestions by Rutherford, bombarded gold foil with alpha particles. Their results led Rutherford to propose the nuclear theory of the atom:


•  An atom contains a small, central, positively charged nucleus.

•  The diameter of the nucleus is about [image: ] that of the atom. This means that if an atom were the size of a football, the nucleus would be smaller than a full stop on this page. Alternatively, if the nucleus were the size of a golf ball, the atom would have a diameter of about 400 metres.

•  Almost all the mass of the atom is concentrated in the nucleus.

•  The electrons orbit the nucleus.



Aston invented the mass spectrometer to measure the masses of atoms precisely. He made the startling discovery that not all the atoms of an element have the same mass. In a sample of neon, 91% of the atoms have a mass of 3.32 × 10−23 g, which is 20 times heavier than a hydrogen atom. However, there are atoms of neon with masses 21 and 22 times heavier than hydrogen atoms. Other elements were also found to have atoms of different mass but identical chemical properties. These different atoms of the same element are called isotopes.

This immediately caused a problem with the simple nuclear theory. How could the positive centre of one atom of an element differ from that of another atom of the same element?

There was a further long-standing problem associated with the periodic table. This is an arrangement of the elements in increasing atomic mass devised by Mendeléev. Argon has a relative atomic mass of 40, which is one greater than that of potassium. This means that potassium, on the basis of mass only, should be placed in group 0 with the noble gases, and argon in group 1 with the alkali metals. This is clearly absurd. No-one could solve this riddle, until Moseley devised an experiment that measured the positive charge in the nucleus. This positive charge is called the atomic number. A simultaneous discovery of the proton led to the theory that the atomic number is the number of protons in the nucleus. This value is the same for all isotopes of an element. Thus the elements in the periodic table used today are arranged in order of increasing atomic number and not according to their atomic mass.


[image: ]

Tip

The development of the understanding of the atom, from Dalton to Rutherford and beyond, is an example of How Science Works. A theory is suggested, based on experimental evidence, and that theory is modified steadily as more experimental evidence is obtained.
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A third subatomic particle was then suggested — this is the neutron.

Rutherford suggested that an atom consisted of a tiny nucleus surrounded by orbiting electrons and his colleagues, Geiger and Marsden, tested this theory with the gold foil experiment (Figure 2.1).


[image: ]


Most of the positively charged α particles passed straight through but a few (about 1 in 8000) were deflected through 90° by the positive nucleus.

The final Rutherford atomic theory is as follows:


•  The nucleus of an atom of a particular element contains a fixed number of positively charged protons. This number is called the atomic number.

•  The nucleus also contains a number of neutrons. The number varies from one isotope to another. Neutrons are not charged (neutral).

•  The mass number of an isotope is the sum of the number of protons and neutrons in the nucleus of an atom of that isotope.

•  The number of electrons in a neutral atom of an element is equal to the number of protons in the nucleus.

•  The electrons orbit the nucleus.



The masses and charges of these three subatomic particles are shown in Table 2.1.

During the last 50 years, many more subatomic particles, such as mesons and neutrinos, have been discovered. However, this is beyond the scope of A-level chemistry.
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Never state that the mass of an electron is zero. You do not need to know the charges on subatomic particles in coulombs or their masses in grams. It is the relative values that you must know.

Definitions


[image: ]

Key terms

The atomic number (Z) of an element is the number of protons in the nucleus of an atom of that element.

The relative atomic mass (r.a.m.) of an element is the weighted average mass of an atom of that element divided by [image: ] the mass of a carbon-12 atom.

The relative molecular mass of an element (such as O2) or a compound (such as H2O) is the average mass of a molecule of that element or compound divided by [image: ] the mass of a carbon-12 atom.

The mass number of an isotope of an element is the sum of the number of protons and neutrons in the nucleus of an atom of that isotope.

The relative isotopic mass is the mass of an atom of that isotope divided by [image: ] the mass of a carbon-12 atom.

Isotopes are atoms of the same element that have the same number of protons but different numbers of neutrons.

[image: ]
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Mass numbers apply only to isotopes and are always whole numbers.
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All atoms and ions of a given element have the same atomic number, which is different from the atomic numbers of other elements.

Relative atomic mass values used by Edexcel are given to one decimal place. The mass of an atom of the carbon-12 isotope is defined as being exactly 12 atomic mass units and is the reference used for all relative atomic and isotopic masses.

Isotopes apply to a single element. They have the same number of protons in the nucleus, so they have the same atomic number. However, they have different numbers of neutrons in the nucleus, so the mass numbers are different. Isotopes of the same element have identical chemical properties because they have identical electron configurations.
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Tip

Do not confuse relative atomic mass, which is an average, with relative isotopic mass, which refers to a single type of atom.
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Most elements have more than one stable and naturally occurring isotope. Some of these are shown in Table 2.2.
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Relative isotopic masses are not whole numbers because some mass is converted to energy when nuclei are formed. 12C is exactly 12 by definition — it is the reference point.
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[image: ]

Test yourself


1   Explain the difference between the terms ‘relative isotopic mass’ and ‘relative atomic mass’.
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Mass spectrometry

The masses of atoms, molecules and fragments of molecules can be measured using a mass spectrometer. Standard mass spectrometry consists of four stages:


•  ionisation

•  acceleration

•  deflection

•  detection




1   All the air in the spectrometer is first pumped out.

2   A sample of the element or compound in gaseous form is injected into the mass spectrometer (Figure 2.2, compartment A) and is bombarded with high-energy electrons from an electron gun. If the substance is a solid, it has to be heated to produce a sufficient number of gaseous particles.

    The energy from the bombarding electrons strips electrons from the atoms or molecules, forming positive ions:

A(g) + energy → A+(g) + e−

    where A represents an atom

M(g) + energy → M+(g) + e−

    where M represents a molecule

    The positive ions formed from molecules can then fragment into two or more particles, one positive and the other neutral. For instance, from chlorine:

Cl2(g) → Cl2+(g) → Cl+(g) + Cl(g)

    and from ethanol:

C2H5OH(g) → C2H5OH+(g) → C2H5+(g) + OH(g)

C2H5OH(g) → C2H5OH+(g) → C2H5(g) + OH+(g)




3 The positive ions are accelerated by the high electric potential (Figure 2.2, compartment A), pass through slits and emerge as a parallel beam of ions. All the ions have the same energy, so those of a particular mass have the same speed.

4   The ions are then deflected by a powerful magnetic field (Figure 2.2, compartment B). Ions with the same charge but with a greater mass are deflected less than those of a smaller mass. The angle deflected depends on the strength of the magnetic field and the mass-to-charge ratio [image: ] of the ion.

5   The ions of lowest mass are detected first (Figure 2.2, compartment C). The magnetic field is gradually increased and the ions of greater mass are then detected. The detector is coupled to a computer that calculates the [image: ] ratio of each positive ion and its relative abundance compared with the most abundant particle. This is then converted into a percentage for each positive ion.
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Tip

Some atoms or molecules lose two electrons and so form 2+ ions. These are deflected more than those with a 1+ charge and the same mass.
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Tip

Remember that these positive ions could be positively charged atoms, positively charged molecules or positively charged fragments of molecules.
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To summarise, the stages in standard mass spectrometry are:


•  bombardment by high-energy electrons to create positive ions

•  acceleration of positive ions by an electric potential

•  deflection of positive ions by a magnetic field

•  detection of positive ions followed by amplification of the signal



Mass spectrum of diatomic molecules

Many elements have isotopes and so their mass spectra will have lines for each possible combination.

Chlorine consists of two isotopes — 35Cl with an abundance of 75% and 37Cl with an abundance of 25%. The mass spectrum will therefore consist of three lines in the region around [image: ] caused by the molecular ion Cl2+ (Figure 2.3).


[image: ]


The spectrum will also have two peaks at [image: ] = 35 and [image: ] = 37 due to 35Cl+ and 37Cl+.


[image: ]

There are two ways of getting 72: 35Cl−37Cl and 37Cl−35Cl.
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Worked example

Bromine has two naturally occurring isotopes, 79Br and 81Br in approximately equal amounts. Describe and explain its mass spectrum in the m/z = 160 region.

Answer

It will have three lines caused by:


•   79Br–79Br+ with m/z = 158 with a probability of ½ × ½ = 1 in 4

•   79Br–81Br+ and 81Br–79Br+ with m/z = 160 with a probability of 2 × ½ × ½ = 2 in 4

•   81Br–81Br+ with m/z = 162 with a probability of ½ × ½ = 1 in 4



So bromine will have three peaks in a peak height ratio of 1:2:1.
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Molecular mass from mass spectra

When a volatile (usually organic) molecule is investigated in a mass spectrometer, the peak with the largest [image: ] ratio could be due to the molecular ion, M+. Its value can then be used to determine the molecular formula from an empirical formula (see page 121).

The mass spectrum of ethanol, C2H5OH, is shown in Figure 2.4.


[image: ]


The peak with the largest [image: ] value of 46 is due to the molecular ion, so the relative molecular mass of ethanol is 46.


[image: ]

The peak at [image: ] = 31 is due to CH2OH+, caused by loss of the CH3 group from the molecular ion:

C2H5OH+ → CH3• + CH2OH+

[image: ]
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Test yourself


2   Explain how positive ions can be formed in a mass spectrometer.
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Modern mass spectrometers

Time of flight (TOF)

The sample is ionised and accelerated by an electric potential. All the ions will have the same kinetic energy (½mv2), but the heavier ones will move more slowly and so reach the detector later than the lighter ones. The time between ionisation and detection is measured.

Electrospray ionisation (ESI)

The sample is dissolved in a volatile solvent containing a little ethanoic acid. Some of the sample’s molecules, M, become protonated, forming [MH]+ and [MHn]n+ ions. The solution is rapidly evaporated as it enters the evacuated chamber of the mass spectrometer and gaseous [MH]+ and [MHn]n+ ions are released. This is known as ‘soft’ ionisation because the energy is so low that little or no fragmentation occurs. It is therefore useful for identifying complex molecules, such as biologically active molecules, but not for elucidating their structure.

This method is especially powerful when coupled with liquid chromatography and so is also used in forensic chemistry to prove the presence of drugs, poisons and their metabolites.

Uses of mass spectrometers

Determination of relative atomic mass of an element

Data that have been obtained from a mass spectrometer, such as those in Figure 2.5, can be used to calculate the relative atomic mass of an element.
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Worked example

Lithium has two isotopes, 6Li and 7Li. Use the data in Figure 2.5 to calculate the relative atomic mass of lithium.

Answer

[image: ]
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Test yourself


3   The relative atomic mass of copper is 63.5. Calculate the relative abundance of the two copper isotopes with relative isotopic masses of 63.0 and 65.0.
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Tip

Don’t forget that the species detected are positively charged.
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Detection of drugs and their metabolites in urine and blood samples

Most drugs, for example the anabolic steroid nandrolone, have a unique molar mass. A urine sample is taken from an athlete, placed in a low-energy mass spectrometer and ionised using the technique of electrospray ionisation (ESI). The spectrum is then analysed. If there is an [image: ] peak equivalent to that of the molecular ion of nandrolone, then the athlete is shown to have used that steroid.

In the pharmaceutical industry

The identity of a new compound can be determined by measuring the [image: ] value of the peak caused by the molecular ion. First a pure sample has to be obtained, usually by chromatography. A solution of the substance is sprayed through a needle at high electric potential and is analysed in the mass spectrometer for its [image: ] value.

Carbon-14 dating

The relative amounts of the isotopes carbon-12 and carbon-14 in a sample can be found using a mass spectrometer. Carbon-14 is radioactive and its activity halves every 5730 years as it changes to nitrogen-14.

When cosmic rays collide with nuclei in the Earth’s upper atmosphere, neutrons are produced. If a neutron collides with a nitrogen nucleus, an atom of carbon-14 and a proton are formed. The ratio of carbon-14 to carbon-12 remained fairly constant until the Industrial Revolution, when ‘old’ carbon in coal was burnt, releasing carbon dioxide with a very low carbon-14 content. The difference between the historical ratio and that measured in the mass spectrum of a carbon-containing object is the basis of carbon-14 dating.

Some rocks can be dated by a similar method. Uranium-238 decays eventually to lead-206. If the ratio of these two isotopes is 1:1, it means that half the uranium has decayed. As its half-life is about 4 × 109 years, this would mean that the rock was formed 4 × 109 years ago.
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Ionisation energy

Ionisation energy is the energy needed to remove an electron from an atom or ion. The units are kJ mol−1.


[image: ]

Tip

Remember that all ionisation energies are quoted per mole.
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The first ionisation energy is always a positive number (denoting an endothermic process, which requires energy). It can be represented by the equation:

A(g) → A+(g) + e−


[image: ]

Key term

The first ionisation energy of an element is the energy required to remove one electron from a mole of gaseous atoms of that element.
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This means that a mole of gaseous positive ions is formed, regardless of whether the element is a metal or a non-metal.

For chlorine, it is the energy change per mole for

Cl(g) → Cl+(g) + e−

The value of the first ionisation energy depends on:


•  the number of protons in the nucleus — the more that there are, the larger the value

•  the extent to which the positive charge of the nucleus is shielded by inner electrons — the more the shielding the less the value

•  the distance that the outermost electron is from the nucleus — the greater the distance the less the value




[image: ]

Test yourself


4   Write equations to represent the first ionisation of:




    a) potassium

    b) argon

    c) bromine
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More energy is required to remove the second electron than to remove the first electron. This is because the second electron is being removed from a positive ion, which is also smaller than the original atom and experiences a greater force of attraction to the nucleus. Even more energy would be required to remove the third electron, and so on.

The second ionisation energy can be represented by the equation:

A+(g) → A2+(g) + e−


[image: ]

Key term

The second ionisation energy is the energy required to remove one electron from each ion of a mole of gaseous singly charged positive ions of that element.

[image: ]
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Tip

The second ionisation energy is always a positive number (an endothermic process).
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For the element calcium, the second ionisation energy is the energy change per mole for:

Ca+(g) → Ca2+(g) + e−


[image: ]

The energy required for the process Ca(g) → Ca2+(g) + 2e− is the sum of the first and second ionisation energies.
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Test yourself


5   Write an equation to show the fifth ionisation energy of fluorine.
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First ionisation energies of hydrogen to rubidium

The first ionisation energies of the elements show periodicity. The pattern from lithium to neon is repeated exactly with the elements sodium to argon. Apart from the insertion of the d-block elements, this pattern is seen again from potassium to rubidium.

The trend down a group is for the first ionisation energy to decrease. Although the number of protons increases, so does the number of shielding electrons. The main factor is the increase in the atomic radius, making the outermost electron further from the nucleus and so easier to remove.

The general trend across a period is for the first ionisation energy to increase. However, there are a number of slight variations from this trend.

Figure 2.6 shows that there are maxima at each noble gas and minima at each group 1 metal. There are dips after the second and fifth elements in both periods 2 and 3.
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These factors can be explained as follows:


•  The atomic radius decreases across a period. This is because the number of protons increases but the number of shielding electrons remains the same. This causes a general increase in the effective nuclear charge, which reaches a maximum at the noble gas in group 0 at the end of the period. The result is an increasing attraction for the highest-energy electron and so a general increase in the first ionisation energy.

•  The group 1 element immediately after a noble gas has its outer electron in the next shell of higher energy. This electron is well shielded from the nucleus by the inner electrons. The effective nuclear charge is close to +1 and the atomic radius is greater than that of any atom in the preceding period. Therefore, the first ionisation energy of the group 1 element is lower than that of any of the previous elements.

•  In period 2, the energy level of the 2p-electron is significantly higher than that of the 2s-electron, because it is partially shielded by the 2s-electrons (page 28). This means that less energy is required to remove the 2p-electron from a boron atom than is required to remove the 2s-electron from a beryllium atom.

•  The electron configurations of nitrogen and oxygen are shown in Figure 2.7.
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•  When an oxygen atom is ionised, it loses one of the two electrons in the 2px-orbital. As there is more repulsion between the two electrons in this orbital than between electrons in different orbitals, it is easier to remove one of the paired 2p-electrons of oxygen than to remove one of the unpaired 2p-electrons of nitrogen.

•  The same arguments explain the discrepancies in period 3, where the first ionisation energy of aluminium is lower than that of magnesium and the first ionisation energy of sulfur is lower than that of phosphorus.



In period 4, there are dips after zinc and after arsenic. The electron configuration of zinc is [Ar] 3d10 4s2 and that of the next element, gallium, is [Ar] 3d10 4s2 4p1. As the 4p-orbital is at a higher energy level than either the 4s- or the 3d-orbital, less energy is required to remove the 4p-electron in gallium than is required to remove one of the 4s-electrons in zinc.

The reason why the first ionisation energy of selenium (group 6) is lower than that of arsenic (group 5) is similar to the reason for the dip after nitrogen in period 2.

Successive ionisation energies

If the successive ionisation energies of an element are listed, it can be seen that there are steady increases and that big jumps occur at defined places. This is a major piece of evidence for the existence of orbits or quantum shells.

Aluminium has 13 electrons. Its successive ionisation energies are shown in Table 2.3. The places where the ionisation energy has jumped to a proportionately much higher value are shown in red.
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•  The data in Table 2.3 show that the first three electrons are considerably easier to remove than the fourth, as there is a big jump from the third to the fourth ionisation energies. These first three electrons come from the outer shell.

•  The last two electrons are very much harder to remove than the preceding eight, as there is a huge jump between the eleventh and twelfth ionisation energies. These electrons come from the inner shell.

•  As the shells or orbits of the electrons get further from the nucleus, the energy level rises, so less energy is required to remove an electron from that shell. The values in Table 2.3, with the jumps after the third and eleventh ionisation energies, mean that an aluminium atom has three electrons in its outer orbit, eight nearer to the nucleus in an inner orbit and two electrons very close to the nucleus.




[image: ]

For Al, the first big jump occurs between the third and fourth ionisation energies, so Al has three outer electrons and is in group 3.
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The big jumps provide evidence for quantum shells. Aluminium has two electrons in the first quantum shell, eight in the second and three in the third.

The group in which an element is found can be worked out by looking at where the first big jump in the successive ionisation energy occurs. If it occurs between the fourth and fifth ionisation energies, then the element has four outer electrons and is in group 4.


[image: ]

This method of identifying the group to which an element belongs does not apply to the d-block elements because they all have two electrons in their outer orbit, apart from chromium and copper, which have only one outer electron.
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Another way of presenting the data is in graphical form. As the variation between the first and last ionisation energies is so great, it is usual to plot the values as the logarithm of the ionisation energy. This is shown in Figure 2.8 for the element sodium (Z = 11).
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It can be seen that there is a big jump between the first and second ionisation energies and another big jump between the ninth and tenth. This means that sodium has one electron in its outer orbit, eight in the next inner orbit and two in the orbit nearest to the nucleus. Thus, the electronic structure of sodium is 2,8,1.
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Tip

Remember that the first electron to be removed comes from the outer orbit.

[image: ]




[image: ]

Worked example

The successive ionisation energies/kJ mol−1 of element X are listed below. Identify the group in the periodic table in which X occurs.

Ionisation energies of X:

1st 950; 2nd 1800; 3rd 2700; 4th 4800; 5th 6000; 6th 12 300; 7th 15 000

Answer

There is a big jump between the fifth and sixth ionisation energies. Therefore, the element has five electrons in its outer orbit and is in group 5.
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Electron configuration

Rutherford tried to explain the arrangements of electrons around the nucleus in terms of classical physics — Newton’s laws of motion — but this did not work. An orbiting electron should spiral towards the nucleus and become absorbed by it and it was calculated that an atom would exist for less than a nanosecond! This problem was solved by quantum theory.

When it was proposed by Max Planck in 1900, quantum theory shook the foundations of the scientific world. However, it became gradually accepted over the next few years. Planck suggested that energy was not continuous, but came in tiny packets called ‘quanta’. In terms of electron configuration, this means that an electron can only have certain discrete levels of energy. For instance, in a hydrogen atom, an electron can have specific energies, such as 5.45 × 10−19 J or 2.43 × 10−19 J, but not any value in between.

Niels Bohr understood the importance of quantum theory and used it to explain the electromagnetic radiation emitted when elements are excited when heated to high temperatures or by being placed in discharge tubes.

When hydrogen is energised in a discharge tube, spectral lines of different frequencies are emitted (Figure 2.9). One series, the Lyman series, is found in the ultraviolet region and another, the Balmer series, in the visible part of the electromagnetic spectrum. Each series has lines with frequencies that converge on a single value.

The spectra of other elements and their compounds are more complex. The visible spectrum of energised lithium or sodium vapour contains many lines; that of sodium also includes a pair of lines very close together (a doublet).
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Bohr suggested that the electron in hydrogen can exist in definite circular orbits around the nucleus. The first orbit is the closest to the nucleus, the second is further away and so on. The first orbit has the lowest energy. The electron can only have the energy associated with a particular orbit, which means that an electron can be in a certain orbit or in a different orbit but not in between the two. These orbits are sometimes called quantum shells.

A quantum shell defines the energy level of the electrons. All electrons in a given quantum shell have similar, but not identical, energies and electrons in the first quantum shell are in the lowest energy level for that element. A simplified view of a quantum shell is that it is the region around the nucleus in which an electron is found. The first quantum shell or orbit is in the region closest to the nucleus.

When hydrogen atoms are heated, electrons are promoted from the ‘ground state’ (their most stable or lowest energy state) to a higher, excited state. In terms of electron orbits, this means that the electron is promoted from the first orbit to an outer orbit. This is not a stable state and the electron drops back, giving out energy in the form of light. The energy given out is the difference between the energy of the electron in its outer orbit and the energy of the orbit into which it drops.


•  The Lyman series is obtained when an electron in a hydrogen atom drops from an excited state back to the ground state, which is when it is in the first orbit.

•  The Balmer series is caused by the electron dropping back to the second orbit.



The energy levels in a hydrogen atom and the transitions that cause the spectral lines are shown in Figure 2.10. The orbit number (principal quantum number) is represented by n.
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Unfortunately, this simple picture did not explain the complex spectra of other elements. The next step was to suggest that the orbits could be divided into sub-orbits consisting of different orbitals.


[image: ]

Key term

An orbital is a region in space occupied by one or two electrons.

[image: ]



Spectra together with ionisation energies provide the evidence for orbits (or quantum shells) and for orbitals.

Summary of evidence of electronic configuration


1   The emission spectra provide evidence of discrete quantum shells (orbits)

2   Successive ionisation energies provide evidence for the number of electrons in the outer orbit

3   The discontinuities in the first ionisation energies show the existence of sub-shells or orbitals.



The first orbit is not divided. Its orbital is spherical and is designated 1s, where 1 means the first orbit and the s means that it is an s-type orbital.

The second orbit is divided into two types of orbital, s and p. The 2s-orbital is the same shape as the 1s-orbital but has a larger radius (Figure 2.11).
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There are three 2p-orbitals which lie along the x, y and z axes (Figure 2.12). A common error is to think that the shape of each can be considered to be like two pears stuck together.
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The size and shape of an orbital is drawn so that there is a 90% probability of finding the electron within its boundary. This fits with the modern theory that describes electrons in atoms as having the properties of standing waves. The standing wave for any s-electron is such that it can be found much closer to the nucleus than a p-electron in the same shell. This is called penetrating towards the nucleus. Because of this, the energy level of the 2s-orbital is slightly lower than that of the 2p-orbital. However, the energies of the three 2p-orbitals are the same.

The third orbit consists of three subshells with different types of orbital.


•  One subshell consists of a 3s-orbital, which is a spherical orbital with a slightly bigger radius than that of the 2s-orbital.

•  The second subshell has three 3p-orbitals, which are the same shape as 2p-orbitals but bigger. Electrons in these 3p-orbitals penetrate less towards the nucleus than do the 3s-electrons.

•  The third subshell has five 3d-orbitals, the shapes of which are shown in Figure 2.13. Electrons in the 3d-orbitals penetrate towards the nucleus even less than electrons in the 3p-orbitals.
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The energies of the subshells (s-, p- and d-orbitals) differ from each other because of the effect of penetrating towards the nucleus. The energy level of the 2s-orbital is lower than that of the 2p-orbitals. The energy level of the 3s-orbital is lower than that of the 3p-orbitals, which is lower than that of the 3d-orbitals. In a particular element, all 3p-orbitals have the same energy as each other and all 3d-orbitals have the same energy as each other, which is higher than that of the 3p-orbitals.

The fourth orbit contains one 4s-, three 4p-, five 4d- and seven 4f-orbitals.

The extent to which the

Detailed electron configuration



•  An orbital can hold a maximum of two electrons, one with a spin in the clockwise direction and one in the counter-clockwise direction. Electrons with opposite spins are represented by ↑ and ↓, or ↑ and ↓

•  The aufbau (building up) principle states that electrons go into an atom starting in the lowest energy orbital, then to the next lowest and so on until the correct number of electrons has been added.

•  Hund’s rule states that if there is more than one orbital in a subshell, electrons are initially added to the orbitals so that the electrons have parallel spins and not two electrons in one orbital and none in the other of the same energy level.

•  Pauli’s exclusion principle states that all electrons in an atom must be in different orbitals or have different spins.
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•  A single orbital can hold a maximum of two electrons, with opposite spins.

•  The first orbit can hold a maximum of two electrons — both in the 1s-orbital, but with opposite spins.

•  The second orbit can hold a maximum of eight electrons — two in the 2s- and two in each of the three 2p-orbitals, i.e. (1 × 2) + (3 × 2) = 8.

•  An element with three electrons in p-orbitals in a given orbit will have one electron in each of the px, py and pz orbitals.

•  The third orbit can hold a maximum of 18 electrons — two in the 3s-, two in each of the three 3p- and two in each of the five 3d-orbitals, i.e. 2 + 6 + 10 = 18.

•  The fourth orbit can hold a maximum of 32 electrons, i.e. 2 + 6 + 10 + 14 = 32.
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6   State the number of orbitals in the third shell of an atom.
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•  chromium is [Ar] 3d5 4s1 not [Ar] 3d4 4s2

•  copper is [Ar] 3d10 4s1 not [Ar] 3d9 4s2
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7   Place the orbitals 4s, 4p, 4d, 5s, 5p, 5d, 6s in order of increasing energy levels.
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Groups, periods and blocks






•  The s-block consists of the elements in groups 1 and 2. An s-block element has its highest-energy electron in an s-orbital, i.e. the last electron added goes into an s-orbital.

•  The p-block contains the elements in groups 3 to 7 and group 0 (the noble gases). A p-block element has its highest-energy electron in a p-orbital, i.e. the last electron added goes into a p-orbital.

•  The d-block contains the elements scandium to zinc in period 4 and those elements below them. A d-block element cannot be defined in terms of energy because the energy level of the d-orbitals is altered by the presence of electrons in the outer s-orbital. It can only be defined in aufbau terms, i.e. the last electron added to a d-block element goes into a d-orbital.

•  The f-block contains the 14 rare-earth elements (cerium to lutetium), which fit in the periodic table between lanthanum (Z = 57) and hafnium (Z = 72), and the 14 actinide elements (thorium to lawrencium), which come after actinium (Z = 89). The last electron added to an f-block element goes into an f-orbital.
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Forces that act on electrons in an atom






•  opposite charges attract; like charges repel

•  the bigger the charges, the stronger is the force

•  the further apart the particles, the weaker is the force
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Shielding and the effective nuclear charge

Effective nuclear charge across period 1
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Effective nuclear charge across period 2





Effective nuclear charge in a group
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Shielding in the d-block elements



•  Scandium has 21 protons. Its electron configuration is 1s2 2s2 2p6 3s2 3p6 3d1 4s2. Therefore, it has 19 inner electrons shielding the 21 protons and has an effective nuclear charge of approximately +2.

•  d electrons are less effective at shielding the nucleus than are p electrons in the same shell which, in turn, are less effective than s electrons.

•  Titanium has 22 protons. Its electron configuration is 1s2 2s2 2p6 3s2 3p6 3d2 4s2. Therefore, it has 20 inner electrons shielding the 22 protons and has an effective nuclear charge of approximately +2.

•  Vanadium has 23 protons. Its electron configuration is 1s2 2s2 2p6 3s2 3p6 3d3 4s2. Therefore, it has 21 inner electrons shielding the 23 protons and has an effective nuclear charge of approximately +2.



Periodicity


Melting temperatures
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Valency


Atomic radius


Trends across a period
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Trends in a group



•  Lithium: electron structure 2,1 — two occupied shells.

•  Sodium: electron structure 2,8,1 — three occupied shells.

•  Potassium: electron structure 2,8,8,1 — four occupied shells.



Size of positive ions



•  there is one fewer shell of electrons

•  there are fewer electrons in the positive ion than in the atom, so the electron–electron repulsion is less, causing a further reduction in the radius
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Size of negative ions
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Electron affinity (EA)
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8   Write an equation to show the first electron affinity of:




    a) magnesium

    b) nitrogen
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The forces inside the nucleus


Radioactivity




•  α-rays — alpha-rays are fast-moving helium nuclei. A helium nucleus consists of two protons and two neutrons. Alpha-rays are stopped by a few centimetres of air or by a sheet of paper.

•  β-rays — beta-rays are very fast-moving electrons. They are stopped by a thin sheet of metal.

•  γ-rays — gamma-rays are similar to X-rays but have an even higher frequency and hence energy. They need a thick layer of lead or concrete to absorb them.





Nuclear fission
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Nuclear fusion
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•  the difference between atomic number and relative atomic mass

•  the difference in shape and energy of the orbitals in the 1st, 2nd and 3rd shells

•  why the first ionisation energy of potassium is less than that of sodium even though a potassium atom has eight more protons than a sodium atom

•  why the 1st electron affinity of oxygen is exothermic whereas the 2nd is endothermic





•  relative atomic mass and relative isotopic mass

•  first and successive ionisation energies

•  electron affinity





•  the principles of a mass spectrometer and calculate relative atomic mass from mass spectra

•  the number of peaks and their relative heights in the mass spectrum of a diatomic molecule

•  the variation of first ionisation energies from hydrogen to calcium

•  the trends in melting and boiling temperatures of the elements from hydrogen to calcium



Questions


1   Study the table below.
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     a) Identify the two species from A−F that are isotopes of the same element.

     b) Identify which of A−F are neutral atoms.

     c) Identify which of A−F are cations.

     d) Identify which of A−F are anions.

     e) Identify which of A−F have the same electron configuration.




2   a) Explain why the relative atomic mass of copper is not an exact whole number.

     b) The relative atomic mass of copper is 63.5. Calculate the relative abundance of the two copper isotopes with relative isotopic masses of 63.0 and 65.0.




3   The data about silicon in the table below were obtained from a mass spectrometer.



	m/z
	% abundance



	28
	92.2



	29
	  4.7



	30
	  3.1







    Calculate the relative atomic mass of silicon to one decimal place.




4   Bromine has two isotopes of mass numbers 79 and 81. The mass spectrum of a sample of bromine is shown below.
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     a) Identify the particles responsible for the peaks.

     b) Deduce the relative abundance of the two isotopes.

     c) Small peaks are also seen at [image: ] values of 79 and 81. Write a chemical equation to show the formation of the particle that gives the peak at [image: ] = 79.




5   Complete the electron configurations of atoms of the following elements:




     a) Phosphorus: [Ne]…

     b) Cobalt: [Ar]…




6   Write the full electron configuration of an excited sodium atom.




7   Fill in the outer electrons of a phosphorus atom in the boxes below.
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8   Explain, with an example, the meaning of the term periodicity.

9   Consider atoms of boron, magnesium and bromine. In which is the effective nuclear charge the largest and in which is it the smallest?

10 List the particles Cl, Cl− and K+ in order of increasing radius.

11 Explain why the first ionisation energies of the noble gases decrease from helium to krypton.

12 The successive ionisation energies of an element, X, are given in the table. To which group of the periodic table does element X belong?



	Ionisation
	Ionisation energy/kJ mol−1



	1st
	  1 000



	2nd
	  2 260



	3rd
	  3 390



	4th
	  4 540



	5th
	  6 990



	6th
	  8 490



	7th
	27 100



	8th
	31 700



	9th
	36 600



	10th
	43 100







13 Discuss the relative advantages and disadvantages of ESI and TOF mass spectrometers.




14 By considering the relative effectiveness of s, p and d electrons in shielding the nucleus, suggest why the difference between the atomic radii of fluorine and chlorine is 50 pm whereas that between chlorine and bromine is only 15 pm.
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1 a) Define the term first ionisation energy.


     b) This part is about four sets of ionisation energies:




        i) Which are the values of the successive ionisation energies for an element in group 4 of the periodic table?




            A 496, 738, 578, 789, 1012, 1000

            B 578, 1817, 2745, 11 578, 14 831, 18 378

            C 1086, 2353, 4621, 6223, 37 832, 47 278

            D 1314, 1000, 941, 869, 812





        ii) Which are the values for the first ionisation energies of consecutive elements in the same period?




            A 496, 738, 578, 789, 1012, 1000

            B 578, 1817, 2745, 11 578, 14 831, 18 378

            C 1086, 2353, 4621, 6223, 37 832, 47 278

            D 1314, 1000, 941, 869, 812





    c)  i) Define the term electron affinity.





        ii) Which is the equation that relates to the first electron affinity of chlorine?




            A [image: ]

            B [image: ]

            C [image: ]

            D [image: ]






2   This question is about mass spectrometry.




     a) A mass spectrometer can be used to find the percentage composition of the isotopes of an element. Explain how the following are achieved in a mass spectrometer:




        i) ionisation


        ii) acceleration


        iii) deflection





     b) Analysis of a sample of iron in a mass spectrometer gave the following results:



	Isotope
	Relative isotopic mass
	%



	54Fe
	53.94
	  5.94



	56Fe
	55.93
	91.78



	57Fe
	56.94
	  2.28







        Calculate the relative atomic mass of iron to two decimal places.


     c) The mass spectrum of bromine has lines at [image: ] values of 158, 160 and 162, but none at 159 or 161. What causes the line at 160?




        A (80Br−80Br)+

        B (80Br−80Br)−

        C (79Br−81Br)−

        D (79Br−81Br)+





     d) State and outline one modern use of mass spectrometry.






3   The first ionisation of elements sodium to argon is shown below.
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     a) Explain why the general trend from sodium to argon is upwards but why the value for sulfur is less than that for phosphorus.


     b) Mark on the graph where the value for potassium would be.


     c) Explain why the value for the second ionisation of sodium is very much larger than that of its first ionisation.
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