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Get the most from this book



Everyone has to decide his or her own revision strategy, but it is essential to review your work, learn it and test your understanding. My Revision Notes will help you to do that in a planned way, topic by topic. Use this book as the cornerstone of your revision and don’t hesitate to write in it — personalise your notes and check your progress by ticking off each section as you revise.


Track your progress


Use the revision planner on pages 4–7 to plan your revision, topic by topic. Make a note when you have:





•  revised and understood a topic



•  tested yourself



•  practised the exam questions and gone online to check your answers and complete the quick quizzes





You can also keep track of your revision by noting each topic heading in the book. You may find it helpful to add your own notes as you work through each topic.
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Features to help you succeed
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Exam tips and summaries


Throughout the book there are tips from examiners to help you boost your final grade. Summaries provide advice on how to approach each topic in the exams, and suggest other things you might want to mention to gain those valuable extra marks.
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Typical mistakes


Examiners identify the typical mistakes students make and explain how you can avoid them.
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Now test yourself


These short, knowledge-based questions provide the first step in testing your learning. Answers are at the back of the book.
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Definitions and key words


Clear, concise definitions of essential key terms are provided where they first appear.


Key words from the specification are highlighted in bold throughout the book.
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Revision activities


These activities will help you to understand each topic in an interactive way.
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Exam practice


Practice exam questions are provided for each topic. Use them to consolidate your revision and practise your exam skills.


[image: ]







[image: ]


Summaries


The summaries provide a quick-check bullet list for each topic.
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Online


Go online to check your answers to the exam questions and try out the extra quick quizzes at www.hoddereducation.co.uk/myrevisionnotes
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Countdown to my exams
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6–8 weeks to go





•  Start by looking at the specification — make sure you know exactly what material you need to revise and the style of the examination. Use the revision planner on pages 4–7 to familiarise yourself with the topics.



•  Organise your notes, making sure you have covered everything on the specification. The revision planner will help you to group your notes into topics.



•  Work out a realistic revision plan that will allow you time for relaxation. Set aside days and times for all the subjects that you need to study, and stick to your timetable.



•  Set yourself sensible targets. Break your revision down into focused sessions of around 40 minutes, divided by breaks. These Revision Notes organise the basic facts into short, memorable sections to make revising easier.
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2–5 weeks to go





•  Read through the relevant sections of this book and refer to the exam tips, summaries, typical mistakes and key terms. Tick off the topics as you feel confident about them. Highlight those topics you find difficult and look at them again in detail.



•  Test your understanding of each topic by working through the ‘Now test yourself’ questions in the book. Look up the answers at the back of the book.



•  Make a note of any problem areas as you revise, and ask your teacher to go over these in class.



•  Look at past papers. They are one of the best ways to revise and practise your exam skills. Write or prepare planned answers to the exam practice questions provided in this book. Check your answers online and try out the extra quick quizzes at www.hoddereducation.co.uk/myrevisionnotes




•  Use the revision activities to try out different revision methods. For example, you can make notes using mind maps, spider diagrams or flash cards.



•  Track your progress using the revision planner and give yourself a reward when you have achieved your target
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One week to go





•  Try to fit in at least one more timed practice of an entire past paper and seek feedback from your teacher, comparing your work closely with the mark scheme.



•  Check the revision planner to make sure you haven’t missed out any topics. Brush up on any areas of difficulty by talking them over with a friend or getting help from your teacher.



•  Attend any revision classes put on by your teacher. Remember, he or she is an expert at preparing people for examinations.
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The day before the examination





•  Flick through these Revision Notes for useful reminders, for example the exam tips, summaries, typical mistakes and key terms.



•  Check the time and place of your examination.



•  Make sure you have everything you need — extra pens and pencils, tissues, a watch, bottled water, sweets.



•  Allow some time to relax and have an early night to ensure you are fresh and alert for the examinations.
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My exams


A-level Chemistry Paper 1


Date:………………..


Time:………………..


Location:………………..


A-level Chemistry Paper 2


Date:………………..


Time:………………..


Location:………………..


A-level Chemistry Paper 3


Date:………………..


Time:………………..


Location:………………..
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1 Atomic structure and the periodic table



Structure of atoms


Atoms consist of proton, neutrons and electrons. Their important properties are shown in Table 1.1.


Table 1.1






	Particle

	Relative mass

	Relative charge






	Proton

	1

	+1






	Neutron

	1

	  0






	Electron

	approximately 0

	−1
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Now test yourself





1  State the numbers of protons, neutrons and electrons in (a) [image: ] Mg; (b) [image: ] Mg2+.



2  Calculate the relative atomic mass of magnesium given the following abundances of the isotopes: 24Mg 78.6%; 25Mg 10.1%; 26Mg 11.3%



3  Use a periodic table to calculate the relative molecular mass of glucose, C6H12O6.






Answers on p. 177
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Mass spectrometry


The element or compound to be analysed is first vaporised and then bombarded with high-energy electrons. These remove an electron from the test atoms or molecules to form positive ions. This ion is then accelerated by an electric potential, deflected according to its mass by a magnetic field and finally detected.


Metals and the noble gases form singly charged positive ions in the ratio of the abundance of their isotopes.


Non-metals also form molecular ions. For example Br2, which has two isotopes 79Br (50%) and 81Br (50%), gives three lines at m/z values of 158, 160 and 162 in the ratio 1 : 2 : 1 (as well as lines at m/z 79 and 81). These are caused by (79Br–79Br)+, (79Br–81Br)+ and (81Br–81Br)+.


Chlorine, Cl2, has two isotopes of mass number 35 and 37 in the ratio of 3 : 1. Its mass spectrum will show peaks at m/z 70, 72 and 74. The chances of having two 35Cl in the same molecule is ¾ × ¾. The chances of having one 35Cl and one 37Cl is 2 × ¾ × ¼ and of having two 37Cl is ¼ × ¼ so the peak heights will be in a ratio of 9 : 6 : 1 or 3 : 2 : 1.


The relative atomic mass of an element can be calculated from mass spectral data as follows:
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Typical mistake


A common error in identifying a line in a mass spectrum is to leave out the charge on the ion.
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Worked example


Some boron was analysed in a mass spectrometer giving the results below. Calculate the relative atomic mass of boron.






	m/z value


	% abundance







	10


	18.7







	11


	81.3








Answer
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Typical mistake


Do not calculate the relative atomic mass using the average of the mass numbers. For example the required value boron is not [image: ] The abundance of each isotope must be considered.
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The mass spectrum of an organic molecule, for example ethanol CH3CH2OH, contains peaks due to the molecular ion (CH3CH2OH)+ (m/z = 46) and also peaks due to fragments, such as (CH3)+ at m/z = 15 and (CH2OH)+ at m/z = 31. The value of the molecular ion gives the relative molecular mass of the substance.
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Now test yourself





4  Suggest two probable peaks in the mass spectrum of ethanoic acid, CH3COOH.





Answer on p. 177
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Electrons in atoms


The electrons in an atom are arranged in quantum shells. The numbers of electrons that can fill particular quantum shells are shown in Table 1.2.
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There are different types of orbital within some quantum shells. An orbital is a region in space that can hold a maximum of two electrons.


An s-orbital is spherical, a p-orbital consists of two lobes and a d-orbital is more complex and consists of four lobes. There are three p-orbitals in a given shell and five d-orbitals.





•  The first shell has one s-orbital only.



•  The second shell has one s- and three p-orbitals.



•  The third and subsequent shells have one s-, three p- and five d-orbitals.





The shapes of s-orbitals and p-orbitals are shown in Figure 1.1.
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The order of filling orbitals is shown in Figure 1.2.
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Electron configurations can be shown in two ways:





•  the s-, p-, d-notation — for chlorine (atomic number 17) this is: 1s2 2s2 2p5 3s5 3p5






This can be abbreviated to: [Ar]: 3s2 3p5, where ‘[Ar]’ represents the electronic configuration of argon.





•  The electrons-in-a-box notation — for phosphorus (Z = 15), this is:
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Now test yourself





5  Complete the electronic configuration of sulfur: [Ne]: …





Answer on p. 177
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Evidence for electronic configuration


This comes from a knowledge of atomic spectra and ionisation energies.


Spectra


When hydrogen is energised in a discharged tube, you can see light of different frequencies.




[image: ]




The electron in a hydrogen atom is promoted to a higher level and then falls back, emitting light. The red line represents an electron falling back from the 3rd to the 2nd quantum shell. The green–blue line is from the 4th to 2nd transition.


Ionisation energies


Elements whose atoms have several electrons can have several ionisation energies. You will consider the first ionisation energy and the second ionisation energy.


First ionisation energy


There is a general increase going from left to right across a row in the periodic table (Figure 1.5). This is caused mainly by the increased nuclear charge (atomic number) without an increase in the number of inner shielding electrons.
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The reason for the slight decrease between groups 2 and 3 is that in the group 3 element it is easier to remove an electron from the higher-energy p-orbital. The decrease between groups 5 and 6 occurs because in group 6 the repulsion of the two electrons in the px-orbital makes it easier to remove one of them.
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Exam tip


Ionisation energies are always endothermic and relate to the formation of a positive ion.
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There is a decrease going down a group — for example from Li to Na to K etc. This is because the outer electron is in a higher-energy orbit that is further from the nucleus. (The extra nuclear charge is balanced by the same increased number of inner shielding electrons.)
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Exam tip


You should be able to sketch the variation of first ionisation energies with atomic number for the first 20 elements.
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Successive ionisation energies



The second ionisation energy of an element is always higher than the first because the second electron is being removed from a positive ion, not a neutral atom.


When there is a very big jump in the value of successive ionisation energies an electron is being removed from a lower shell — for example, if this jump happens from the fourth to the fifth ionisation energy, the fifth electron has been removed from an inner shell. The first four ionisations involve removing all the electrons from the outer shell and so the element is in group 4.


The first six ionisation energies (kJ mol−1) of a particular element are shown in Table 1.3.
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There is a big jump after the fifth ionisation, so the element is in group 5.
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Now test yourself





6  The first five ionisation energies in kJ mol−1 for an element X are: 590; 1150; 4940; 6480; 8120. In which group is element X?





Answer on p. 177
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The periodic table


The periodic table is divided into blocks.





•  The s-block consists of those elements in which the highest energy electrons are in an s-orbital. They are the groups 1 and 2 elements.



•  The p-block contains those elements in which the highest-energy electrons are in a p-orbital. They are groups 3 to 7 and the noble gases.



•  The d-block elements are those in which the highest-energy electrons are in a d-orbital. They are the transition elements.





The regular pattern of the first ionisation energies is an example of periodicity — a low value in group 1, increasing to a peak in group 0 with slight dips at groups 3 and 6. It also shows that a new electron shell starts to fill after each noble gas.


The melting and boiling points of the elements in periods 2 and 3 show a similar pattern. The melting points of the metals increase as the number of valence (outer) electrons increases from 1 to 3. Carbon has a giant structure and thus a very high melting point. This is followed by low melting points and low boiling points for the remaining non-metals — their values depend on the complexity of the molecules. The pattern is repeated in period 3 (Na to Ar).
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Exam practice





1  (a) An [image: ]Al3+. ion has:







        A 13 protons, 14 neutrons and 13 electrons


        B 13 protons, 14 neutrons and 10 electrons


        C 13 protons, 27 neutrons and 13 electrons


        D 13 protons, 27 neutrons and 10 electrons


(1)







     (b) Explain the difference between ‘relative isotopic mass’ and ‘relative atomic mass’.


(3)


     (c) Bromine has two naturally occurring isotopes, 79Br and 81Br, in equal amounts. Its relative molecular mass is 160. Its mass spectrum in the range m/z 150 to 170 has:







        A 1 peak at m/z = 160


        B 2 peaks at m/z = 158 and 162 of equal heights


        C 3 peaks at m/z = 158, 160 and 162 of heights in the ratio 1 : 1 : 1


        D 3 peaks at m/z = 158, 160 and 162 of heights in the ratio 1 : 2 : 1


(1)







     (d) Gallium has a relative atomic mass of 69.8. Its mass spectrum shows two peaks at m/z values of 69 and 71. Calculate the percentage of each isotope in gallium.


(3)


[Total = 8 marks]








2  (a) Draw diagrams to represent 1s-, 2s- and 2p-orbitals.


(3)







    (b) (i) The equation for the second ionisation energy of a solid element X is:


         A X(g) → X2+(g) + 2e−



         B X(s) → X2+(g) + 2e−



         C X+(g) → X2+(g) + e−



         D X(g) + 2e− → X2− (g)


(1)







        (ii) The successive ionisation energies in kJ mol−1 of an element X are given in the table.


[image: ]


             In which group does element X occur? Give your reasons.


(3)







     (c) Use the data in Figure 1.5 to sketch a graph of first ionisation energy against atomic number for the first 11 elements.


(3)


     (d) Explain why the ionisation energy is lower for:







         (i) the element of atomic number Z = 5 than that for the element of Z = 4


(1)


         (ii) the element of Z = 8 than that for the element of Z = 7


(1)


         (iii) the element of Z = 11 than that for the element of Z = 3


(1)







     (e) Using the electron-in-a-box notation, what is the electron structure of chlorine (Z = 17)?


(1)


[Total = 14 marks]





Answers and quick quiz 1 online
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Summary


You should be able to:





•  define Ar, Mr and relative isotopic mass



•  calculate the number of neutrons in an isotope, given its atomic and mass numbers



•  outline how a mass spectrometer works



•  calculate the relative atomic mass of an element from mass spectral data



•  define first and subsequent ionisation energies



•  explain the changes in first ionisation energies for elements across a period and down a group



•  give examples of periodicity



•  deduce an element’s group from its successive ionisation energies



•  work out the electronic structure of the first 36 elements



•  sketch the shapes of s-orbitals and p-orbitals.
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2 Bonding and structure



Ionic bonding


An ionic bond is the strong net force of attraction between a positive ion (cation) and a negative ion (anion):





•  a cation is formed when an atom loses one or more electrons



•  an anion is formed when an atom gains one or more electrons.





An ionic crystal consists of a giant lattice of alternating cations and anions.


The forces between ions in an ionic crystal, and hence the strength of the ionic bond, depend on the sizes and charges on the ions:





•  the higher the charge, the stronger the force of attraction



•  the smaller the sum of the ionic radii, the stronger the force of attraction.







[image: ]


Now test yourself





1  Put these ionic compounds in order of increasing strength of ionic bonding: sodium chloride (NaCl) aluminium oxide (Al2O3) potassium iodide (KI)





Answer on p. 177
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Dot-and-cross diagrams


The cations of group 1, 2 and 3 metals and the anions of elements in groups 5, 6 and 7 all have the electron configuration of a noble gas. Ions of the d-block metals do not have noble gas electron configurations.


The dot-and-cross diagrams for the ions in calcium fluoride are shown in Figure 2.1.
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Now test yourself





2  Draw dot-and-cross diagrams for (a) sodium oxide; (b) magnesium sulfide.





Answer on p. 177
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Trend in ionic radii


The ionic radius increases moving down a group of the periodic table as the number of electron shells increases — so Li+ < Na+ < K+.


The ions N3−, O2−, F−, Na+, Mg2+ and Al3+ are isoelectronic — they all have the same electron structure (2, 8).


However, negative ions are larger than positive ions because there are more electrons than protons and they increase in size as the charge increases. Positive ions have fewer electrons than protons and so are smaller than isoelectronic anions. They decrease in radius as the charge increases. So, the radius decreases in the order N3− > O2− > F− > Na+ > Mg2+ > Al3+.



Evidence for ions


Molten ionic compounds, or aqueous solutions, conduct electricity by the movement of ions. If some green copper chromate solution is spread on a strip of wet filter paper and the ends of the paper are connected to a power supply, the blue copper ions move towards the negative terminal and the yellow chromate ions move towards the positive terminal.


Ionic compounds have very high melting points because the strong forces between ions have to be overcome as the solid melts.


Covalent bonding


A covalent bond is the strong electrostatic attraction of two nuclei for a pair of shared electrons. It results from the overlap of an orbital containing one electron in one atom and an orbital that contains one electron belonging to the other atom.


The overlap can be head-on (Figure 2.2a), which results in a σ-bond (sigma bond) or side-by-side (Figure 2.2b), which results in a π-bond (pi bond). A ‘double bond’ is a σ-bond and a π-bond with two pairs of electrons being shared.
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Short bonds, such as those formed between atoms that have small radii are stronger than those formed by bigger atoms. For example, a Cl–Cl bond is stronger than a Br–Br bond.




[image: ]


Exam tip


The strength of a covalent bond is, on average, very similar to that of an ionic bond.
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A dative covalent bond is a covalent bond formed when one of the overlapping orbitals contains two electrons and the other none.




[image: ]


Exam tip


In hydrated cations, such as [Mg(H2O)6]2+, the water molecules are bonded to the magnesium ion by dative covalent bonds. The lone pairs of electrons on the oxygen atoms bond using the empty s- and p-orbitals in the Mg2+ ion.
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There are three types of covalent substances:





•  giant atomic — such as diamond, graphite and quartz (SiO2)



•  simple molecular — such as iodine and many organic substances



•  non-crystalline — such as polymers like poly(ethene).





Melting a molecular covalent substance does not break covalent bonds — the forces of attraction between the molecules are overcome.


In a giant atomic solid, such as diamond or graphite, the particles are atoms that are held together by strong covalent bonds, so their melting temperatures are extremely high.



Dot-and-cross diagrams





•  A single covalent bond consists of one pair of shared electrons, with both atoms contributing one electron.



•  A dative covalent bond consists of one pair of shared electrons, with both electrons provided by one atom.



•  A double covalent bond consists of two shared pairs of electrons, with both atoms providing two electrons.





The result is usually that both atoms have an octet of electrons. However, sometimes one atom has only four or six electrons (or even more than eight electrons) in its outer shell.


Four examples of molecules made using single covalent bonding are shown in Figure 2.3.




[image: ]




An example of dative covalent bonding is shown in Figure 2.4.
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Two examples of double bonding are shown in Figure 2.6.
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Now test yourself





3  Draw dot-and-cross diagrams for (a) CH4 and (b) SO2.





Answer on p. 177
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Shapes of molecules



The explanation of the shape of molecules is based on valence shell electron repulsion theory — VSEPR.
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Exam tip


The number of valence electrons is equal to the group number of the element. So carbon (group 4) has four valence electrons and sulfur (group 6) has six valence electrons.
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The bonding pairs and the lone pairs repel so as to take up positions where their repulsion is a minimum.
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When working on molecules with double bonds, you count the number of σ-bonds and the number of lone pairs, and then deduce the shape and bond angle as in Table 2.2.
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Typical mistakes


A typical mistake is to forget to count the number of lone pairs.
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Exam tip


Remember that a double bond consists of one σ-bond and one π -bond.
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The effect of lone pairs on bond angles


Lone pair−lone pair repulsion is bigger than lone pair−bonding pair repulsion, which is bigger than bonding pair−bonding pair repulsion. This extra repulsion causes the bond angle to decrease by about 2.5° for every lone pair.


Ammonia, NH3, has three bonding pairs and one lone pair. These four electron pairs are arranged in a tetrahedron, so the shape is pyramidal with bond angle 107°, which is 2.5° smaller than 109.5°.


Water, H2O, has two bonding pairs and two lone pairs. The four electron pairs are arranged in a tetrahedron, so the molecule is V-shaped with a bond angle of 104.5°, which is 5° smaller than 109.5°.
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Exam tip


The lone pairs contribute to the distribution of electrons in space, but the shape is determined by the arrangement of the atoms.


[image: ]
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Now test yourself





4 (a) State the number of bonding pairs and lone pairs of electrons in PCl3.







   (b) Draw its shape, marking in the bond angle.





Answer on p. 177
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Shapes of ions


Negative ions have gained one electron for each negative charge, and this charge is often on oxygen atoms in oxoanions such as in SO42–, CO32– and NO3–:





•  SO42– — the sulfur atom has four σ-bonds (and two π-bonds) and no lone pairs, so the ion is tetrahedral.



•  CO32– — the carbon atom has three σ-bonds (and one π-bond) and no lone pairs, so the ion is triangular planar.



•  NO3– — there is one single covalent bond, one double covalent bond and one dative covalent bond (three σ-bonds) and no lone pairs, so the ion is triangularl planar.





Positive ions have lost one electron for each positive charge:





•  NH4+ — the nitrogen atom has four electrons and forms four σ-bonds with no lone pairs, so the ion is tetrahedral.







[image: ]


Now test yourself





5 (a) State the number of σ-bond pairs and lone pairs of electrons around the chlorine atom in ClO3–.







   (b) Use your answer to part (a) to draw a diagram of the ClO3– ion showing its shape and marking in the bond angle.





Answer on p. 177
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Bond polarity



If two elements in a covalent bond have different electronegativity values, the bond is polar. The more electronegative atom is δ− and the less electronegative atom is δ+. So, for example, the H in HBr is δ+ and the Br is δ−.


Electronegativity increases across a period and decreases down a group. So fluorine is the most electronegative element and is given the value of 4.0. Caesium is the least electronegative element and is given the value 0.7. Ionic bonding will occur if the difference in electronegativities is more than about 1.5.


The electrons in a covalent bond are nearer to the more electronegative element and so the bond becomes polar, with the more electronegative element being slightly negative, δ−, and the other element being δ+. A polar covalent bond can be thought of as being a bond between two ideals — 100% covalent (hence non-polar) and a 100% ionic (Figure 2.7).
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If a molecule has polar bonds, the molecule as a whole is polar if the dipoles do not cancel. The C=O bonds in CO2 and the C–H bonds in CH4 are polar, but because the molecules are symmetrical, the dipoles cancel and the molecules are non-polar.


The H–O bonds in water are polar but, because the molecule is V-shaped, the dipoles do not cancel. Therefore the molecule is polar and has a dipole moment.


The bonds in CH3Cl and CCl4 are also polar, but in the latter the polarity cancels because of the symmetry and so the molecule is non-polar. The shape of a molecule is important in considering molecular properties.
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Typical mistake


Lone pairs contribute to the distribution of electrons in space, but the shape is determined by the arrangement of the atoms.
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Exam tip


The polarity of bonds will cancel if a molecule is symmetrical — linear CO2 and triangular BF3 are polar, but NH3 and H2O are non-polar.
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Now test yourself





6  Which of the following molecules are not polar? CO, CO2, SO2, SO3.





Answer on p. 177
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Intermolecular forces



These occur between different covalent molecules and are much weaker than covalent bonds. There are three types:





•  induced dipole (London) forces occur between all covalent molecules. Their strength depends mainly on the number of electrons in the molecule. They are caused by oscillating electric fields in the molecules.



•  permanent dipole forces occur between the δ+ part of one molecule and the δ− part of another. They are weaker than the London forces between molecules that have similar numbers of electrons.



•  hydrogen bonds are the strongest type of intermolecular force. They occur between a δ+ hydrogen atom in one molecule and the lone pair on a small δ− atom (such as F, O or N) on another molecule. Hydrogen bonding occurs, for example, in HF, H2O (Figure 2.8), C2H5OH and NH3. The bond angle around a hydrogen-bonded hydrogen atom is 180°.
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Water has the unusual property of the solid being less dense than the liquid. This is because ice crystals consist of interlocking rings of six water molecules held together by hydrogen bonds. The distance between molecules opposite each other in a ring is longer than that between adjacent molecules. When ice melts, the ring structure breaks down and the average distance between the molecules decreases. So the liquid becomes denser than the solid.
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2 0 BeCl, Linear 180 O—@—O
180°
3 0 BCL, Triangular planar | 120
120°
4 0 CH,, NH,*and the - Tetrahedral 109.5
CH,0H group in alcohols 109.5°
o
[¢)
4 1 NH, Triangular 107 Y
pyramidal O~
107°
4 2 H,0 Bent (V-shaped) | 104.5 :'!'
& <ios
5 0 PCI; Trigonal 120 and 90 Q
bipyramidal . | 90°
120°
6 0 SF, Octahedral 90 and 180

*

90 and 180°
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Figure 2.5 Aluminium chloride,
AL,Cl,, showing bonds rather
than dots and crosses. Each bond
represents a pair of electrons
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lable 2.2 Working out shapes of molecules

Example |c-bonds | Lone pairs | Shape Bond angle
0=C=0 2 0 Linear 180°
0=S=0 2 1 Bent 120°
H,C=CH, 3 1 Triangular planar | 120°

(both C atoms)






OEBPS/OEBPS/images/17-4.jpg
HyC = CH,

Figure 2.6 Double bonding in ethene and carbon dioxide
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Figure 1.3 A box orbital diagram
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Figure 1.5 Successive first ionisation energies across a period
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Table 1.3 Successive ionisation energies /kJmol™ in an atom
1t ond 3 4 5t 4
1012 | 1903 | 2912 | 4957 | 6274 | 21270
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Figure 2.1 Dot-and-cross
diagrams for (a) a Ca? ion;
(b) an F-ion
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Figure 2.2 Covalent bonding:
(a) sigma; (b) pi
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Figure 1.1 (a) s-orbital; (b) p-orbital
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Figure 1.4 The hydrogen spectrum in the visible region
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Figure 2.8 Hydrogen bonding
in water





