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Introduction






Welcome to Chemistry for the IB Diploma Third Edition, updated and designed to meet the criteria of the new International Baccalaureate (IB) Diploma Programme Chemistry Guide. This coursebook provides complete coverage of the new IB Chemistry Diploma syllabus, with first teaching from 2023.


The aim of this syllabus is to integrate concepts, topic content and the nature of science through inquiry. Differentiated content for SL and HL students is clearly identified throughout with a blue banner.




Key concepts


The six themes that underpin the IB Chemistry Diploma course are integrated into the conceptual understanding of all units, to ensure that a conceptual thread is woven throughout the course. Conceptual understanding enhances your overall understanding of the course, making the subject more meaningful. This helps you develop clear evidence of synthesis and evaluation in your responses to assessment questions. Concepts are explored in context and can be found interspersed in the chapter.
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The ‘In cooperation with IB’ logo signifies that this coursebook has been rigorously reviewed by the IB to ensure it fully aligns with the current IB curriculum and offers high-quality guidance and support for IB teaching and learning.
























How to use this book






The following features will help you consolidate and develop your understanding of chemistry, through concept-based learning.






Guiding questions




	
•  There are guiding questions at the start of every chapter, as signposts for inquiry.


	
•  These questions will help you to view the content of the syllabus through the conceptual lenses of the themes.















SYLLABUS CONTENT




	
•  This coursebook follows the order of the contents of the IB Chemistry Diploma syllabus.


	
•  Syllabus understandings are introduced naturally throughout each topic.















Tools


The Tools features explore the skills and techniques that you require and are integrated into the chemistry content to be practised in context. These skills can be assessed through internal and external assessment.












Key terms


•  Definitions appear throughout the margins to provide context and help you understand the language of chemistry. There is also a glossary of all key terms online at www.hoddereducation.com/ib-extras.












Inquiry process


The application and development of the Inquiry process is supported in close association with the Tools.
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Nature of science


Nature of science (NOS) explores conceptual understandings related to the purpose, features and impact of scientific knowledge. It can be examined in chemistry papers. NOS explores the scientific process itself, and how science is represented and understood by the general public. NOS covers 11 aspects: Observations, Patterns and trends, Hypotheses, Experiments, Measurements, Models, Evidence, Theories, Falsification, Science as a shared endeavour, and The global impact of science. It also examines the way in which science is the basis for technological developments and how these modern technologies, in turn, drive developments in science.
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Common mistake


These detail some common misunderstandings and typical errors made by students, so that you can avoid making the same mistakes yourself.












ATL ACTIVITY


Approaches to learning (ATL) activities, including learning through inquiry, are integral to IB pedagogy. These activities are designed to get you to think about real-world applications of chemistry.












WORKED EXAMPLE


These provide a step-by-step guide showing you how to answer the kind of quantitative questions that you might encounter in your studies and in the assessment.












• Top tip!


This feature includes advice relating to the content being discussed and tips to help you retain the knowledge you need.












Going further


Written for students interested in further study, this optional feature contains material that goes beyond the IB Diploma Chemistry Guide.












Self-assessment questions (SAQs) appear throughout the chapters, phrased to assist comprehension and recall and also to help familiarize you with the assessment implications of the command terms. These command terms are defined in the online glossary. Practice exam-style questions for each chapter allow you to check your understanding and prepare for the assessments. The questions are in the style of those in the examination so that you get practise seeing the command terms and the weight of the answers with the mark scheme. Practice exam-style questions and their answers, together with self-assessment answers, are on the accompanying website, IB Extras: www.hoddereducation.com/ib-extras












Links


Due to the conceptual nature of chemistry, many topics are connected. The Links feature states where relevant material is covered elsewhere in the coursebook. They may also help you to start creating your own linking questions.
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TOK


Links to Theory of Knowledge (TOK) allow you to develop critical thinking skills and deepen scientific understanding by bringing discussions about the subject beyond the scope of the content of the curriculum.












LINKING QUESTIONS


These questions are introduced throughout each topic and are for all students to attempt (apart from those labelled as HL only or in HL-only sections of the book). They are designed to strengthen your understanding by making connections across the themes. The linking questions encourage you to apply broad, integrating and discipline-specific concepts from one topic to another, ideally networking your knowledge. Practise answering the linking questions first, on your own or in groups. Sample answers and structures are provided online at www.hoddereducation.com/ib-extras. The list in this coursebook is not exhaustive; you may encounter other connections between concepts, leading you to create your own linking questions.
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International mindedness is indicated with this icon. It explores how the exchange of information and ideas across national boundaries has been essential to the progress of science and illustrates the international aspects of chemistry.
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The IB learner profile icon indicates material that is particularly useful to help you towards developing the following attributes: to be inquirers, knowledgeable, thinkers, communicators, principled, open-minded, caring, risk-takers, balanced and reflective. When you see the icon, think about what learner profile attribute you might be demonstrating – it could be more than one.












Tools and Inquiry








Skills in the study of chemistry


The skills and techniques you must experience through this chemistry course are encompassed within the tools. These support the application and development of the inquiry process in the delivery of the course.




Tools




	
•  Tool 1: Experimental techniques


	
•  Tool 2: Technology


	
•  Tool 3: Mathematics










Inquiry process




	
•  Inquiry 1: Exploring and designing


	
•  Inquiry 2: Collecting and processing data


	
•  Inquiry 3: Concluding and evaluating





Throughout the programme, you will be given opportunities to encounter and practise the skills; they will be integrated into the teaching of the syllabus when they are relevant to the syllabus topics being covered.


You can see what the Tools and Inquiry boxes look like in the How to use this book section on page vi.


The skills in the study of chemistry can be assessed through internal and external assessment. The approaches to learning provide the framework for the development of these skills.
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Skills for chemistry








IB Diploma Programme Chemistry Guide page 28
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Visit the link in the QR code or this website to view the online Tools and Inquiries reference guide: www.hoddereducation.com/ib-extras








Tool 1: Experimental techniques









	Skill

	Description










	Addressing safety of self, others and the environment

	Recognize and address relevant safety, ethical or environmental issues in an investigation.






	Measuring variables

	Understand how to accurately measure the following to an appropriate level of precision.



	
•  Mass


	
•  Volume


	
•  Time


	
•  Temperature


	
•  Length


	
•  pH of a solution


	
•  Electric current


	
•  Electric potential difference












	Applying techniques

	Show awareness of the purpose and practice of:



	
•  preparing a standard solution


	
•  carrying out dilutions


	
•  drying to constant mass


	
•  distillation and reflux


	
•  paper or thin layer chromatography


	
•  separation of mixtures


	
•  calorimetry


	
•  acid–base and redox titration


	
•  electrochemical cells


	
•  colorimetry or spectrophotometry


	
•  physical and digital molecular modelling


	
•  recrystallization


	
•  melting point determination.




















Tool 2: Technology








	Skill

	Description










	Applying technology to collect data

	



	
•  Use sensors


	
•  Identify and extract data from databases


	
•  Generate data from models and simulations












	Applying technology to process data

	



	
•  Use spreadsheets to manipulate data


	
•  Represent data in a graphical form


	
•  Use computer modelling





















Tool 3: Mathematics









	Skill

	Description










	Applying general mathematics

	



	
•  Use basic arithmetic and algebraic calculations to solve problems.


	
•  Carry out calculations involving decimals, fractions, percentages, ratios, reciprocals and exponents.


	
•  Carry out calculations involving logarithmic functions.


	
•  Carry out calculations involving exponential functions (additional higher level).


	
•  Determine rates of change from tabulated data.


	
•  Calculate mean and range.


	
•  Use and interpret scientific notation (e.g. 3.5 × 106).


	
•  Use approximation and estimation.


	
•  Appreciate when some effects can be ignored and why this is useful.


	
•  Compare and quote values to the nearest order of magnitude.


	
•  Understand direct and inverse proportionality, as well as positive and negative correlations between variables.


	
•  Calculate and interpret percentage change and percentage difference.


	
•  Calculate and interpret percentage error and percentage uncertainty.


	
•  Distinguish between continuous and discrete variables.












	Using units, symbols and numerical values

	



	
•  Apply and use International System of Units (SI) prefixes and units.


	
•  Identify and use symbols stated in the guide and the data booklet.


	
•  Express quantities and uncertainties to an appropriate number of significant figures or decimal places.












	Processing uncertainties

	



	
•  Understand the significance of uncertainties in raw and processed data.


	
•  Record uncertainties in measurements as a range (±) to an appropriate level of precision.


	
•  Propagate uncertainties in processed data, in calculations involving addition, subtraction, multiplication, division and (HL only) exponents.


	
•  Express measurement and processed uncertainties—absolute, fractional (relative), percentage—to an appropriate number of significant figures or level of precision.


	
•  Apply the coefficient of determination (R2) to evaluate the fit of a trend line or curve.












	Graphing

	



	
•  Sketch graphs, with labelled but unscaled axes, to qualitatively describe trends.


	
•  Construct and interpret tables, charts and graphs for raw and processed data including bar charts, histograms, scatter graphs and line and curve graphs.


	
•  Plot linear and non-linear graphs showing the relationship between two variables with appropriate scales and axes.


	
•  Draw lines or curves of best fit.


	
•  Interpret features of graphs including gradient, changes in gradient, intercepts, maxima and minima, and areas.


	
•  Draw and interpret uncertainty bars.


	
•  Extrapolate and interpolate graphs.
























Inquiry process





Inquiry 1: Exploring and designing








	Skill

	Description










	Exploring

	



	
•  Demonstrate independent thinking, initiative, and insight.


	
•  Consult a variety of sources.


	
•  Select sufficient and relevant sources of information.


	
•  Formulate research questions and hypotheses.


	
•  State and explain predictions using scientific understanding.












	Designing

	



	
•  Demonstrate creativity in the designing, implementation and presentation of the investigation.


	
•  Develop investigations that involve hands-on laboratory experiments, databases, simulations, modelling.


	
•  Identify and justify the choice of dependent, independent and control variables.


	
•  Justify the range and quantity of measurements.


	
•  Design and explain a valid methodology.


	
•  Pilot methodologies.












	Controlling variables

	Appreciate when and how to:



	
•  calibrate measuring apparatus


	
•  maintain constant environmental conditions of systems


	
•  insulate against heat loss or gain.




















Inquiry 2: Collecting and processing data








	Skill

	Description










	Collecting data

	



	
•  Identify and record relevant qualitative observations.


	
•  Collect and record sufficient relevant quantitative data.


	
•  Identify and address issues that arise during data collection.












	Processing data

	



	
•  Carry out relevant and accurate data processing.












	Interpreting results

	



	
•  Interpret qualitative and quantitative data.


	
•  Interpret diagrams, graphs and charts.


	
•  Identify, describe and explain patterns, trends and relationships.


	
•  Identify and justify the removal or inclusion of outliers in data (no mathematical processing is required).


	
•  Assess accuracy, precision, reliability and validity.




















Inquiry 3: Concluding and evaluating








	Skill

	Description










	Concluding

	



	
•  Interpret processed data and analysis to draw and justify conclusions.


	
•  Compare the outcomes of an investigation to the accepted scientific context.


	
•  Relate the outcomes of an investigation to the stated research question or hypothesis.


	
•  Discuss the impact of uncertainties on the conclusions.












	Evaluating

	



	
•  Evaluate hypotheses.


	
•  Identify and discuss sources and impacts of random and systematic errors.


	
•  Evaluate the implications of methodological weaknesses, limitations and assumptions on conclusions.


	
•  Explain realistic and relevant improvements to an investigation.















Source: Tables from IB Diploma Programme Chemistry Guide, pages 28–32.


















S1.1 Introduction to the particulate nature of matter










Guiding question




	
•  How can we model the particulate nature of matter?















Syllabus content


By the end of this chapter, you should understand that:




	
•  elements are the primary constituents of matter, which cannot be chemically broken down into simpler substances


	
•  compounds consist of atoms of different elements chemically bonded together in a fixed ratio


	
•  mixtures contain more than one element or compound in no fixed ratio, which are not chemically bonded and so can be separated by physical methods


	
•  the kinetic molecular theory is a model to explain physical properties of matter (solids, liquids and gases) and changes of state


	
•  temperature (K) is a measure of average kinetic energy (Ek) of particles.





By the end of this chapter you should know how to:




	
•  distinguish between the properties of elements, compounds and mixtures


	
•  distinguish the different states of matter


	
•  use state symbols (s, l, g and aq) in chemical equations


	
•  interpret observable changes in physical properties and temperature during changes of state


	
•  convert between values in the Celsius and Kelvin scales.





Note: There is no higher-level only content in S1.1.












•  Matter: Includes atoms, ions and molecules which have mass and volume.


•  Energy: The ability to move matter and do work.


•  Mixture: A mixture has the properties of its components, and can be separated by physical processes.


•  Macroscopic level: Direct observation and measurement of physical properties.










Introduction


Chemistry is the study of the composition and reactions of substances (matter). Matter has mass and occupies space (has volume). Pure substances can exist as a solid, liquid or gas (states of matter) and are made up of particles (atoms, ions or molecules).


Matter is associated with energy which exists in various forms, such as heat, light, electrical, nuclear and chemical energy (within bonds and intermolecular forces).


Matter can be classified into two main groups: pure substances (elements and compounds) and impure substances (mixtures). Chemists need to separate mixtures of substances in order to identify pure substances and find their structures.


Chemistry can be understood at three levels. At one level, changes can be observed: for example, when magnesium burns in oxygen and releases energy as light and heat energy (Figure S1.1) to form magnesium oxide.
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Figure S1.1 A chemical reaction: the burning of magnesium in oxygen to form magnesium oxide








This level is the macroscopic level, because it deals with the bulk properties of substances, such as density and colour. This interpretation is derived from observations (especially visual) at the macroscopic level, and associated quantitative measurements involving weighing, that establish oxygen and magnesium as the reactants and magnesium oxide (not magnesium peroxide) as the product.


At the particle level, chemistry interprets these phenomena as changes involving the bonding between atoms, ions and molecules. Magnesium atoms combine with oxygen molecules to form magnesium oxide.


The third level is the symbolic level, the expression of chemical phenomena in terms of chemical equations using symbols and equations such as [image: ]. The state symbols (s), (l), (g) and (aq) represent pure solid, pure liquid, pure gas and aqueous solution, respectively.






•  Particle level: Interpretation in terms of atoms, molecules, ions and subatomic particles, e.g. electrons.


•  Symbolic level: Representations of chemical phenomena using algebra, symbols, shapes and diagrams.


•  State symbol: Used in chemical equations to describe the physical state of a reactant or product.








A chemist thinks at the particle level, carries out experiments at the macroscopic level (chemicals), and represents both symbolically. These three aspects of chemistry can be mapped as a triangle (Figure S1.2).
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Figure S1.2 This triangle illustrates the three modes of scientific inquiry used in chemistry: macroscopic, microscopic and symbolic








At the macroscopic level, matter can be classified into mixtures or pure substances. These can be further subdivided as shown in Figure S1.3.
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Figure S1.3 Classification of matter
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TOK


What is the role of inductive and deductive reasoning in scientific inquiry, prediction and explanation?


The natural sciences, including chemistry, aim to understand the natural world through observation, via sense perception, and reasoning (logic). Science begins with observations; therefore, much of science is purely descriptive. However, science moves beyond pure observation through the use of both deductive and inductive reasoning.


Deductive reasoning uses general principles to make specific predictions and experiments, then produce observations to confirm whether the general principles are reliable enough to make predictions. A general example might be: ‘If it is true that X causes Y, then when I design an experiment to investigate X, I should also then observe Y.’


Inductive reasoning works in the opposite direction: it uses a number of specific observations to develop general conclusions. A general example here would be: ‘In all experiments when I see X, I also see Y; therefore, I can conclude that X and Y have a common cause.’


Scientists use both these forms of reasoning in the scientific method to gain understanding of the natural world. One form follows the sequence: observation, formulation of a hypothesis (scientific explanation for an observation), prediction, experimentation and then conclusion.













Elements and compounds


Elements are the simplest substances and cannot be broken down or decomposed into simpler, more stable substances by a chemical reaction. They can be regarded as the simplest chemical ‘building blocks’.






•  Element: A substance (made of one type of atom) that cannot be decomposed into simpler, stable substances by a chemical change.


•  Atom: The smallest particle of an element that can exist.


•  Molecule: Two or more different atoms bonded (covalently).


•  Diatomic: Made of two atoms bonded together (covalently).








Elements contain just one type of atom (which all have the same number of protons). Elements are represented by a letter (e.g. uranium, U) or two letters (e.g. cobalt, Co). Although the atoms of a particular element may differ slightly in mass (isotopes), they all have essentially identical chemical reactions. The atoms of each element differ in mass (measured by relative atomic mass) and size (measured by atomic radius).


Elements are classified as metals (such as silver), non-metals (for example, nitrogen) or metalloids (including silicon) which have metallic and non-metallic properties or intermediate properties. The periodic table (Figure S1.4) arranges all the elements in horizontal rows (periods, numbered 1 to 7) and vertical columns (groups, numbered 1 to 18). Elements are ordered by atomic (proton) number and elements in the same group have similar chemical properties.






ATL S1.1A


Most of the elements are solids but bromine and mercury are liquids, and eleven elements are gases at room temperature and pressure. Use a spreadsheet, such as Excel, to tabulate the melting and boiling points of the elements from hydrogen to zinc. Plot bar charts of the melting points, boiling points and liquid ranges against atomic number.








Elements can exist as atoms (for example, neon, Ne), or molecules (for example, oxygen, O2, chlorine, Cl2, and sulfur, S8). Molecules of elements are groups of two or more atoms that are chemically bonded together by covalent bonds. Diatomic molecules are formed by the covalent bonding of two atoms, for example, hydrogen (H2).
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Figure S1.4 Periodic table of elements (from the IB Chemistry data booklet section 7)








H2 represents a molecule of hydrogen; the subscript 2 represents two individual atoms of hydrogen, H (Figure S1.5). Writing the 2 as a suffix implies there are two atoms in the formula (chemically bonded). Hence, H2, and not 2H, is the molecular formula of hydrogen (Figure S1.5).
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Figure S1.5 A molecule of hydrogen, H2, and two hydrogen atoms, 2H








Each element is represented by a chemical symbol. The symbol consists of either one or two letters. The first letter is always a capital (upper-case) letter and the second letter is always small (lower-case). The symbol H is derived from the first letter of the English name, hydrogen.
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Top tip!


When writing symbols, you must be very careful to ensure your capital letters cannot be mistaken for small letters and vice versa.
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ATL S1.1B


A number of elements have symbols that are not related to their name in English. Choose two of the elements and symbols listed below and present a short history of the element’s discovery, its current and historical uses, and the linguistic origin of the name from which the symbol is derived. Sodium, Na; potassium, K; iron, Fe; copper, Cu; silver, Ag; tin, Sn; tungsten, W; mercury, Hg; lead, Pb.








Examples of elements that exist as molecules include the diatomic molecules oxygen, O2, chlorine, Cl2, and nitrogen, N2, and the polyatomic molecules (more than two atoms) phosphorus, P4, ozone, O3, and sulfur, S8 (Figure S1.6).




[image: ]



Figure S1.6 Diagram of oxygen, nitrogen, hydrogen, chlorine, sulfur and phosphorus molecules












ATL S1.1C


A number of elements, including oxygen, carbon and phosphorus, exist as allotropes. Find out about the concept of allotropy and the two different forms of the element oxygen.


Prepare notes on the chemical and physical properties of dioxygen (oxygen) and trioxygen (ozone) to illustrate the concept of allotropes.
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TOK


How is it that scientific knowledge is often shared by large, geographically spread and culturally diverse groups?


People from all cultures have contributed to science, as science is part of the social and cultural traditions of many human societies. The development of scientific knowledge relies on observations, experimental evidence and logical arguments. However, scientific ideas are affected by the social and historical setting.


Modern chemistry has its origins in alchemy (200BCE–AD1500), which was a series of theories and experiments designed to ‘transmute’ (change) base metals into gold. The word chemistry is derived from the Egyptian word chēmeia, which referred to qemi, the Black Land—a reference to the dark fertile soil of the Nile River. Hence, chemistry originally meant the Art of the Black Land (Black Arts).


The development and rise of alchemy were influenced by the Greek philosophers: for example, the theory of the four elements, which was the cornerstone of alchemy, was originally described by Empedocles and developed by Aristotle (around 350BCE). These four elements are fire, earth, water and air, which alchemists believed could be transformed into one another. Alchemists were concerned with the transmutation (conversion) of base (cheap) metals into gold and silver.


Between the eleventh and thirteenth centuries, much of this Arabic knowledge, including earlier Greek works of science, medicine and philosophy, was translated into Latin and transmitted to European centres of learning.


The Muslim chemist Al-Jabir Ibn Hayyan (died AD815) discovered 19 elements and perfected chemical separation techniques such as distillation, crystallization and sublimation. He also suggested that all matter can be traced to a simple, basic particle composed of charge and fire.













Compounds


Compounds are pure substances made up from the atoms of two or more elements, bonded together chemically. The ratio of elements in a particular compound is fixed and is given by its chemical formula (Figure S1.7). The physical and chemical properties of a compound are always different from those of the elements that make it up.




[image: ]



Figure S1.7 A model showing the structure of the compound calcium carbonate, CaCO3 (black spheres represent carbon; red, oxygen; and white, calcium)












•  Compound: A substance containing two or more different elements chemically bonded in a fixed ratio.
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Top tip!


Water can be decomposed to its elements by passing an electric current through it. This is a chemical reaction known as electrolysis (see R3.2 Electron transfer reactions). This reaction can be described by the following word and balanced symbol equations with the correct formulas: [image: ]








Water (H2O) is a compound. It is made up of two atoms of the element hydrogen and one atom of the element oxygen. Only two hydrogen atoms and one oxygen atom chemically bonded together can form a water molecule.


The ratio of hydrogen atoms to oxygen atoms in water is always 2 : 1 (Figure S1.8). A different ratio of these two elements will give a different compound, which will have different chemical properties. For example, adding one more oxygen atom gives a ratio of 2 : 2 and the compound hydrogen peroxide (H2O2) which has properties very different from those of water.




[image: ]



Figure S1.8 The ratio of hydrogen to oxygen atoms in water molecules is always 2 : 1
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Nature of science: Models


Scientific models


A scientific model represents or imitates many of the features of entities (for example, atoms), phenomena (for example, changes of state) and chemical reactions. Models can be communicated by mathematical formulas, graphs, equations and drawings: for example, atoms can be modelled as hard indivisible spheres that can connect (bond) to other atoms. All representations of a model have limitations: for example, atoms are not hard spheres and have their own internal structure. Scientists change and refine their models as new experimental data becomes available.
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TOK


How do models limit scientific knowledge?


Models are not reality – so the decision to model our understanding of the world in one way as opposed to another will have an impact on our knowledge about the world. As with maps of the world, different depictions emphasize different aspects, leading our understanding in certain directions, downplaying or simply not conveying other facts.








A compound may be made up of atoms, molecules or ions. Ions are electrically charged particles formed from atoms. An ion has either a positive or a negative charge. Water is made of molecules but sodium chloride is made of ions (Figure S1.9).




[image: ]



Figure S1.9 The particles present in water and sodium chloride












•  Ion: An electrically charged atom or group of atoms containing different numbers of protons and neutrons; formed by the loss or gain of electrons from an atom or group of bonded atoms.








The formation of a compound is a chemical change (or chemical reaction) and the chemical and physical properties of the compound are different from those of the elements from which it is formed.






•  Chemical change: A process in which one or more substances are converted into new substances.








For example, iron sulfide (FeS) can be formed by heating iron with sulfur (Figure S1.10). This is a chemical change and can be described by the chemical equation with state symbols: [image: ]
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Figure S1.10 Elemental iron and elemental sulfur; the compound iron(II) sulfide and a mixture of elemental iron and elemental sulfur (from left to right)








Chemical reactions always involve the formation of new chemical substances. Sodium ions and chloride ions are formed from sodium atoms and chlorine molecules, and heat and light energy are released during this chemical change.


If sodium chloride is mixed with water, an aqueous solution is formed containing sodium and chloride ions surrounded by water molecules. The formation of the solution involves a process known as dissolving. The dissolving of sodium chloride (and many other substances, for example, sucrose) is a physical process (physical change) and no new substances are formed. Changes of state such as boiling and freezing are also physical changes. Physical changes are reversible and heat energy can be released or absorbed in a physical change.






•  Dissolving: The interaction between a solute and water molecules to form a solution.


•  Physical change: A reversible change in the physical properties of a substance.












Going further


Energy


Physical changes and chemical reactions usually involve energy changes. Energy appears in different but related forms.


Consider a ball rolling across a table and colliding with a second, stationary, ball. The rolling ball has kinetic energy, due to its motion. When it collides with the other ball it does work, resulting in the transfer of kinetic energy from one ball to the other, which then begins to roll across the table. A similar process happens at the molecular level in a sample of gaseous molecules, which exchange kinetic energy when they collide.


If a ball is raised above the surface of the table, it gains gravitational potential energy. If you compress a spring or stretch a rubber band you are storing elastic potential energy. Compressed or stretched springs can be made to do work (and work must be done to compress, stretch or lift them).


The energy contained in a beaker of hot water is internal energy, which includes kinetic energy (present in the constant random motion of the water molecules) as well as the energy stored in the bonds and that of all the atoms’ electrons and the protons and neutrons in their nuclei. Heat is the transfer of thermal energy (molecular kinetic energy) from places or objects at a high temperature to those at a lower temperature. Heat can be made to do work through the action of machines such as steam engines, and work can be converted to heat through friction.


Chemical energy is a form of potential energy associated with chemical bonds, including ionic bonds, and (weaker) intermolecular forces. During a chemical reaction, the chemical bonds and/or intermolecular forces change; the chemical energy may be converted into thermal energy (or vice versa). Chemical energy can be made to do work when, for example, a gaseous mixture of petrol and oxygen explodes and its expansion moves the piston down in an engine.


Another form of energy is electrical energy, associated with the energy of moving electrons. An electrical cell (battery) does work and transfers energy since the potential difference (voltage) between its terminals (which results from a chemical reaction) can ‘push’ electrons around a circuit. If that circuit is a simple resistance (for example, a filament in a light bulb) then the chemical energy change in the battery is converted into thermal energy (heat). An electric motor can convert at least some of the chemical energy in the battery into work.


Another important form of energy is electromagnetic radiation. When you lie in the sun on a warm day, electromagnetic radiation from the sun is converted into thermal energy in your skin. Photosynthesis in plants is an example of the conversion of electromagnetic energy into chemical energy, and a photocell converts electromagnetic energy into electrical energy.


The law of conservation of energy states that energy cannot be created or destroyed, but can only be transferred from one form to another and/or transferred from one object or particle to another. This law tracks energy changes, implying that if energy appears to be lost somewhere, it must have appeared somewhere else in another form.













Solvation


When a compound dissolves, the individual ions or molecules interact with the solvent molecules. This is a physical process called solvation and the ions or molecules are said to be solvated. Hydration is a specific type of solvation with water as the solvent.






•  Internal energy: The total energy a system has; it is the sum of the total kinetic and potential energy of all the molecules in the system.


•  Solvation: The interactions between solute particles and solvent molecules in a solution.


•  Solute: The substance that dissolves in a liquid solvent.


•  Solvent: The liquid in which a solute dissolves.


•  Solution: A solute dissolved in a solvent.


•  Soluble: A substance that dissolves in a solvent.








For example, sodium chloride (solute) dissolves in water (solvent) to form a solution of hydrated aqueous ions. Sodium chloride is said to be soluble in water. When no more sodium chloride will dissolve in the water, the solution is said to be saturated.


The interaction between positive and negative ions and water molecules is due to ion–dipole forces. They involve electrostatic attraction between ions and the charged ends of the water molecules (Figure S1.11). This means that ionic substances are more soluble in water than other solvents.




[image: ]



Figure S1.11 An aqueous solution of sodium chloride showing hydrated ions












Going further


Solvation


The solvent molecules around an ion are known as the solvation shell; if water is the solvent, they are known as the hydration sphere. For ions, the greater the charge density, the larger the hydration sphere. Small, highly charged ions like Fe3+ or Al3+ typically have more water molecules associated with them than large, low charged ions such as K+. Small and highly charged ions are described as having a high charge density: the large charge is located over a small volume.


Typically, polar molecules interact strongly with polar solvents through dipole–dipole interactions and/or hydrogen bonds. This means that polar molecules tend to dissolve in polar solvents. Methanol, ethanol (Figure S1.12) and water all contain –O–H groups that can form hydrogen bonds with ionic substances and polar molecules.




[image: ]



Figure S1.12 Interactions in a solution of ethanol in water














If two liquids are miscible (such as water and ethanol) they mix to form a homogeneous mixture: a single liquid of uniform composition. If two liquids do not mix (for example, water and oil) they are described as immiscible and two layers form with the less dense liquid floating on top (Figure S1.13). The resulting mixture is described as heterogeneous. Some pairs of liquids exhibit partial miscibility.
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Figure S1.13 Cyclohexane (lower density and chemically similar to oil) floating on top of water (higher density)












•  Insoluble: A substance that does not dissolve in a solvent.


•  Miscible: Liquids that mix together.


•  Immiscible: Liquids that do not mix but separate into layers.
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Top tip!


The term insoluble does not mean that none of the substance will dissolve; it only means that the solubility of that compound is so low that it can be ignored for most practical purposes. Dissolving and crystallization are reversible reactions and, at equilibrium, the rate of dissolving equals the rate of crystallization leading to no obvious macroscopic change.












ATL S1.1D


Go to https://lab.concord.org/embeddable.html#interactives/interactions/dissolving-experimental.json


Run the simulation with different combinations of polar and non-polar molecules to explore how the polarity of molecules affects how they mix or do not mix. Does this model illustrate the ‘like dissolves like’ principle?












LINKING QUESTION


How do intermolecular forces influence the type of mixture that forms between two substances?
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TOK


How can it be that scientific knowledge changes over time?


Chemistry is not a body of unchanging facts, but a process of generating new chemical knowledge, theories and laws, using the scientific method. You might therefore consider ‘chemistry’ as what people who are interested in this type of knowledge do. Being a chemist, in other words, is being able to do the sorts of things that people in this community of knowers do. Robert Boyle (1627–1691) was perhaps one of the most important early chemists and regarded as the father of modern chemistry. He believed in the importance of elements of what we call the scientific method: experimental science, claiming that theory should conform to observation, and the publication of experimental results. Through experiments involving pure chemicals, he falsified the ancient Greek theory of four elements and proposed a concept of elements close to the one we have today. He believed that all matter is composed of tiny particles and the universe works like a complex machine.














Mixtures



Mixtures (Figure S1.14) consist of more than one compound or element, mixed but not chemically combined by chemical bonds. The components can be mixed in any proportion and the properties of a mixture are often the sum of, or the average of, the properties of the individual components.




[image: ]



Figure S1.14 Particle representation of a mixture of atoms and a mixture of molecules












•  Mixture: A mixture has the properties of its components, and can be separated by physical processes.








The major differences between elements, compounds and mixtures are summarized in Table S1.1.


Table S1.1 The major differences between elements, compounds and mixtures








	 

	Element

	Compound

	Mixture










	Definition

	A pure substance that cannot be decomposed into simpler substances by a chemical reaction.

	A pure substance formed by the combination of two or more different elements in a chemical reaction.

	A combination of two or more substances that are mixed but not chemically bonded.






	Separation

	Cannot be separated (from itself) by chemical or physical processes.

	Cannot be separated into its component elements by physical means.

	Can be separated by a physical method.






	Composition

	Made up of only one type of atom, which may be present as molecules.

	Made up of different types of atoms, chemically combined and present as molecules or ions. Proportion of elements (by mass and number) is fixed.

	Proportion of constituent substances (components) may vary. The components may be elements and/or compounds.






	Chemical properties

	The properties are determined by its location in the periodic table, especially the group (column).

	The chemical properties of the compound are typically very different from those of the elements from which it is made.

	Mixture shows all the chemical properties of its constituent substances.






	Melting and boiling points

	Fixed and sharp.

	Fixed and sharp.

	Usually melts and boils over a range of temperatures.















	
1  State whether each diagram shows an element, a compound or a mixture.



	
a  
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b  



[image: ]







	
c  



[image: ]







	
d  
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e  
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f  
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ATL S1.1E


Watch the Royal Society of Chemistry video at www.youtube.com/watch?v=Y8WWWvtakgI that shows the formation of iron(II) sulfide from its elements (starting at 07:20). This type of reaction is known as a synthesis reaction and is also an example of a redox reaction.




	
•  Record your observations in the data table.


	
•  Explain how you know that heating the iron and sulfur together in the test tube results in a new compound composed of chemically combined iron and sulfur.


	
•  Interpret your results in terms of particle theory assuming iron and sulfur exist as atoms (from the decomposition of S8 molecules) and iron sulfide has a 1 : 1 ratio of ions.











	Physical properties

	sulfur

	iron

	iron–sulfur before heating

	iron–sulfur after heating










	Colour

	 

	 

	 

	 






	Effect of magnet

	 

	 

	 

	 


















Types of mixtures



Mixtures can be further classified into heterogeneous and homogeneous mixtures. Homogeneous mixtures, such as air and solutions, have a uniform distribution of the different particles. Solids can also form homogeneous mixtures such as copper–nickel alloys.






•  Heterogeneous: A mixture that does not have a uniform composition and properties.


•  Homogeneous: A mixture with a uniform composition and properties.


•  Solubility: The amount of solute needed to form a saturated solution.


•  Separating funnel: A glass vessel with a tap at the bottom, used to separate immiscible liquids.








A heterogeneous mixture is a mixture in which the composition is not uniform throughout the mixture.




	
•  A suspension is a heterogeneous mixture of a solid and a liquid: for example, fine mud in water.


	
•  An emulsion (a type of colloid) is a heterogeneous mixture of different liquids which cannot be mixed homogeneously: for example, milk, which is a stable mixture of small drops of oil in water (stabilized by protein).


	
•  Aerosols are heterogeneous mixtures of solids or liquids in gases: for example, smoke or fog.


	
•  Sols are heterogeneous mixtures of two or more solids or liquids. A sulfur sol is formed when sodium thiosulfate reacts with dilute hydrochloric acid. It consists of tiny particles of sulfur molecules that scatter light.









ATL S1.1F


Work collaboratively with a partner on the following activity.


Classify the mixtures in the list below as homogeneous or heterogeneous and identify the major components present in sea water, blood, air and solder. Use the internet to identify the appearance of any substances you are not familiar with, such as magnesium, iodine and solder.




	
•  vinegar (ethanoic acid in water)


	
•  a mixture of helium and hydrogen gases


	
•  sea water


	
•  electrical solder (a low-melting-point alloy)


	
•  cooking oil and water (left to reach equilibrium)


	
•  magnesium powder and iodine crystals


	
•  blood


	
•  air





Present your findings to the class and show how the concept of phase (research this on the internet) is important in homogeneous or heterogeneous mixtures.












LINKING QUESTION


Why are alloys generally considered to be mixtures, even though they often contain metallic bonding?
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Top tip!


The production of metallic alloys is possible because of the non-directional nature of metallic bonding (all cations are attracted to the ‘sea’ of delocalized electrons) and because the lattice of the alloy can accommodate cations of different sizes. This means alloys can have variable proportions of metals and retain the chemical properties of the components.
















Separation techniques


Chemists have developed many different methods of separation (Table S1.2), especially for separating components from complex mixtures.


Table S1.2 Common separation techniques








	Type of mixture

	Name of separation technique

	Physical difference

	Examples of mixtures separated










	insoluble solid and liquid

	filtration

	solubility

	sand and water; calcium carbonate (chalk) and water






	two miscible liquids

	distillation (simple and fractional)

	boiling point

	vinegar (ethanoic acid and water) and crude oil (a mixture of hydrocarbon liquids)






	soluble solid and liquid (solution)

	crystallization or evaporation

	volatility

	sodium chloride (salt) and water






	soluble solids

	paper chromatography of solution and recrystallization

	solubility (partitioning)

	food colourings; plant pigments






	immiscible liquids

	separating funnel

	insolubility (polarity)

	water and petrol or water and oil
















	
2  State the technique(s) that could be used to separate the following mixtures:



	
a  ethanol from water


	
b  insoluble magnesium carbonate from a suspension in water


	
c  cyclohexane (an insoluble hydrocarbon) from water


	
d  food colourings in a sweet (to determine if the colouring is the result of a single dye or a mixture of dyes)


	
e  water from potassium chloride solution


	
f  copper(II) sulfate crystals from its aqueous solution.





















Tool 1: Experimental techniques


What factors are considered in choosing a method to separate the components of a mixture?


The choice of separation technique (Figure S1.15) depends on what is in the mixture and the physical and chemical properties of the substances present. It also depends on whether the substances to be separated are solids, liquids or gases.




[image: ]



Figure S1.15 Techniques for separating a mixture


















WORKED EXAMPLE S1.1


Some skin ointments contain a white solid, camphor (a hydrocarbon). Before incorporation into the ointment, a natural sample of camphor was found to be contaminated with table salt (sodium chloride) and rust (hydrated iron(III) oxide). The effect of three liquids on these substances is shown in the table below.








	 

	Liquid






	 

	water

	ethanol

	dilute hydrochloric acid










	table salt

	dissolves to produce a colourless solution

	no effect

	dissolves to produce a colourless solution






	camphor

	no effect

	dissolves to produce a colourless solution

	no effect






	rust

	no effect

	no effect

	reacts to give a brown solution









Describe how you would obtain pure and dry camphor from the impure sample of camphor (without using sublimation).


Answer


Add ethanol, stir to dissolve. Filter; the filtrate will be camphor solution. Heat gently using a water bath to evaporate off all ethanol and obtain dry camphor. Alternatively, add dilute hydrochloric acid to dissolve both salt and rust (via a chemical reaction), then filter to obtain solid camphor as a residue. Dry the camphor in the air or in a desiccator or oven.












•  Filtrate: The solution that passes through the filter paper during filtration.


•  Residue: The solid left on the filter paper during filtration.












ATL S1.1G


The solubility of a solute is often expressed as the mass of solute that will dissolve in 100 g (or 100 cm3) of water at a particular temperature; for example, 5 g in 100 cm3 of water. The solubility over a range of temperatures can be shown as a solubility curve like the one here.




	
•  Deduce which compound is most soluble at 20 °C, which is least soluble at 40 °C and which is least soluble at 10 °C.


	
•  A mass of 80 g of KNO3 is dissolved in 100 g of water at 50 °C. The solution is heated to 70 °C. Determine how many more grams of potassium nitrate must be added to make the solution saturated.


	
•  Find out how the solubility of gases that do not react with water varies with temperature. Outline your findings.
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•  Saturated (solution): A solution in which no more solute can dissolve at a particular temperature.












Inquiry 3: Concluding and evaluating


Compare the outcomes of your own investigation to the accepted scientific context


The results of your investigation (practical and/or simulation) should be explained using accurate and relevant chemical concepts, principles and facts.


You should compare the results of your investigation with what would be expected with reference to published data or chemical concepts. Compare the conclusions with published research or with the general scientific consensus among chemists about the research question. Do your conclusions conform to the consensus or are they unexpected?


It is not necessary to find an identical investigation with the exact same results: it is possible to compare findings with another investigation that is different but with results that either support or falsify those of your investigation.












Tool 1: Experimental techniques


How can the products of a reaction be purified?


Many organic reactions are reversible (the backward and forward reactions occur together) and do not go to completion, so the reaction mixture will contain the reactants, the products and the solvent. A good synthesis reaction will give a yield of at least 70–80% product but small amounts of other organic materials may be formed as by-products.




	
•  If the desired product is a solid present in large amounts, it may be crystallized by slow cooling and then filtering from the solution and further purified by recrystallization (see page XXX).


	
•  If the desired product is a liquid, it may be removed by distillation. However, some organic liquids of high molar mass will decompose before reaching the boiling point. Vacuum distillation involves carrying out the distillation at reduced pressure; this lowers the boiling points of liquids making the process faster and reducing the risk of decomposition.


	
•  If the product is a soluble solid, or present in a small amount in a mixture, it may be possible to remove and purify it by column chromatography (Figure S1.16).


	
•  If the products are immiscible liquids, they can be separated using a separating funnel, or preferentially extracted into a specific liquid.
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Figure S1.16 Separation of the components in plant pigments during column chromatography












Going further


Solvent extraction


If a solute is added to two immiscible liquids and the solute is soluble in both, then some of the solute will dissolve in both liquids. It will distribute itself in a definite ratio in a process known as partitioning.


For example, when a small quantity of iodine (non-polar) is shaken with a mixture of water (polar) and hexane (non-polar), some iodine will dissolve in both liquids, but very little in the water. The mixture is allowed to separate into two layers and left until equilibrium is established (Figure S1.17). At equilibrium, the rate at which iodine dissolves in the water is balanced by the rate at which iodine dissolves in the hexane. I2(aq) ⇋ I2(hexane). The partition coefficient is the ratio of concentrations of iodine in the two phases.


Solvent extraction is a practical example of using partitioning and is the process used to purify a compound by using its different solubility between two solvents.


Solvents are used to selectively separate out the components of a mixture. The two components of the mixture must have different values of solubility in the solvents A and B. The two solvents will form two separate layers. The lower layer is run off and separated from the top layer and the extraction process is repeated. When all the top layers, for example, are combined and the solvent evaporated, nearly pure solute is obtained. The quantity of solute obtained depends upon the position of equilibrium and how many times the process is repeated. A larger number of smaller extractions will yield more solute than one large extraction.
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Figure S1.17 Iodine molecules distributed between water and hexane – a dynamic equilibrium is set up



















Kinetic molecular theory




States of matter


The states of matter, solid, liquid and gas, can be described in terms of their physical properties. Each state of matter has its own properties and these are shown in Table S1.3.






•  States of matter: Solids, liquids and gases are the three states of matter, depending on the conditions of temperature and pressure.








Table S1.3 The properties of the three states of matter








	Property of matter

	Solid

	Liquid

	Gas










	shape

	fixed

	not fixed (takes the shape of the container it occupies)

	not fixed (takes the shape of the container it occupies)






	volume

	fixed

	fixed

	not fixed (occupies the volume of its container)






	ability to flow or spread

	does not flow

	flows easily

	diffuses easily (from high concentration to low concentration)






	compressibility

	limited compressibility

	limited compressibility

	highly compressible






	density

	much higher than gases and usually slightly higher than the liquids

	usually slightly greater than solids, but much less than liquids

	low
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Top tip!


A fluid can flow easily and takes the shape of its container. Gases and liquids are fluids.
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Chemistry in zero gravity


The International Space Station (ISS) is the largest space project so far undertaken and is the largest structure ever to orbit the Earth. It is a research facility 400 km above the Earth and has been in operation since 2000.


It has permanent accommodation for six people and short-term accommodation for up to 15 people when a space vehicle visits. On the ISS, components of which were built in 15 countries, scientists conduct research and experiments that are impossible to conduct on Earth—for example, precipitation reactions involving metal silicates—in a zero-gravity environment.


[image: ]






ATL S1.1H


Find a video on the internet that shows the behaviour of water on a space station where there is ‘zero gravity’ (for example, www.youtube.com/watch?v=5GqsE09uUuw).




	
•  Compare and contrast the properties of the water with those it exhibits on Earth in the presence of a gravitational field. Research this phenomenon that occurs at the surface of a liquid.


	
•  Oil and water mix in zero gravity. Find out how they can be separated in these conditions.











The differences between the physical properties of the three states of matter can be explained by kinetic molecular theory as shown in Table S1.4. This model describes all substances as being made up of moving particles and explains how the arrangement of particles (atoms, ions or molecules) relates to the physical properties of solids, liquids and gases.


Table S1.4 Kinetic molecular theory








	State of matter

	Solid

	Liquid

	Gas










	Distances between particles (interparticle distances)

	The particles are often arranged as a crystal with a regular repeating arrangement (lattice).

Solids cannot be compressed very much because the particles are closely packed and are touching. They will repel if brought closer.




	The particles are not arranged in a lattice and are slightly further apart than in solids.

Liquids cannot be easily compressed as the particles are close together and there is little space between them.




	The particles are far apart.

A gas can be easily compressed because there are large distances between particles which are present at low concentration.









	Forces acting between particles

	There are balanced forces (of attraction and repulsion) between the particles which hold them in fixed positions.

The particles can only vibrate about their fixed positions within the lattice. This explains why a solid has a fixed shape and a fixed volume.


The strong attractive forces prevent the particles from leaving their positions. The repulsive forces act when the particles are brought closer than their equilibrium positions and this limits compressibility.


When a solid is heated, the particles gain kinetic energy and vibrate. The separation between particles increases slightly and the solid expands.




	The particles can vibrate, rotate and move freely within the body of the liquid.

There are attractive forces operating between the particles but they are not held in a fixed position and move past each other throughout the liquid.


The attractive forces operating between the particles make it difficult for particles to leave (except at the surface by evaporation), hence liquids have a definite volume.


When a liquid is heated the particles vibrate more and move more quickly. The liquid expands slightly and the amount in the gas above it increases.




	The particles move randomly at high speed, colliding with other gas particles and with the walls of the container.

The intermolecular forces act only at moments of collision. Between collisions the particles are sufficiently far apart that the intermolecular forces are negligible. Therefore, a gas is free to fill its container completely.
















Tool 2: Technology


Use computer modelling


There is a wide variety of software designed to simulate chemical processes and illustrate key chemical concepts. Some of these programs are interactive: it is possible for the user to change the value of variables and observe the effects on the simulated system.


Computer models can be deterministic or stochastic. Deterministic models are calculated with fixed probabilities—they always change in the same way from chosen values of variables. Stochastic models use a random number generator to create a model with variable outcomes—for diffusion, for example. Every time you run the model you are likely to get different results, even with the same values of variables.












ATL S1.1I


Visit the simulation on gas laws at https://phet.colorado.edu/sims/html/states-of-matter-basics/latest/states-of-matter-basics_en.html Go to States of Matter: Basics > States.




	
•  Observe water as a solid (ice), liquid and gas (water vapour), then complete the following table.











	State

	Temperature in °C

	Particle (molecule) speed (slow, medium, fast)

	How the particles (molecules) move










	Solid

	 

	 

	 






	Liquid

	 

	 

	 






	Gas

	 

	 

	 











	
•  State and explain how particle (molecule) motion changes when you add heat.


	
•  State and explain how particle (molecule) motion changes when you remove heat.


	
•  Outline one limitation of this model.





Now choose Phase Changes > Oxygen. Set the temperature to above 90 K (the boiling point of oxygen). Use your finger to press down on the chamber slowly. State what happens to the:




	
•  pressure


	
•  temperature


	
•  average velocity of the gas particles.





Reset the simulation. Add more gas particles using the bike pump.




	
•  State what happens to the temperature when you add more gas particles.











Figure S1.18 shows the relationship between the states of matter and the arrangement (simplified and in two dimensions only) of their particles (ions, atoms or molecules). The arrows represent physical changes known as changes of state.




[image: ]



Figure S1.18 The three states of matter and their interconversion












•  Changes of state: The interconversion (via physical changes) of a substance between the solid, liquid and gaseous states.


•  Melting: The change of a solid into a liquid at constant temperature.


•  Boiling: The change of a liquid into a gas at constant temperature (at a pressure equal to the surrounding pressure).


•  Condensing: The change of a gas into a liquid (at constant temperature).


•  Freezing: The change of a liquid into a solid (at constant temperature).


•  Sublimation: A change of state from solid to gas (at constant temperature) without melting occurring.


•  Deposition: The formation of a solid on a surface from a gas (at constant temperature).












[image: ]


Top tip!


Nearly all solids are crystalline and have a regular pattern of particles known as a lattice.













Changes of state


During melting and boiling, heat is absorbed from the surroundings. During condensing and freezing, heat is released to the surroundings. The heat supplied during melting and boiling is used to ‘break’ the attractive forces between particles by increasing their potential energy. The heat released during condensing and freezing is from the decrease in the potential energy of the particles.


When heated, some pure solids, such as CO2(s) and I2(s), can undergo sublimation and change directly to a gas without passing through the liquid state. The molecules leave the solid’s surface with enough kinetic energy to exist as gas particles. If the temperature is lowered, the gas particles slow down and re-form the solid without passing through the liquid state in a process known as deposition.


Some particles at the surface of a liquid have enough kinetic energy to overcome the forces of attraction between themselves and they escape to form a gas. This process is evaporation and it takes place at all temperatures below the boiling point of the liquid. If the temperature is lowered, the reverse process, known as condensation, occurs. The gas particles move more slowly and enter the surface of the liquid.






•  Evaporation: When the particles from the surface of a liquid form a gas below its boiling point.








At the boiling point, the particles are trying to escape from the liquid so quickly that bubbles of gas form inside the bulk of the liquid and the pressure of the gas created above the liquid equals that of the air (atmospheric pressure). Liquids with higher boiling points have stronger bonds (intermolecular forces) between their particles.


When a gas is cooled, the average kinetic energy (and hence speed) of the particles decreases, the particles move closer and their average separation decreases. The forces of attraction become significant and, if the temperature is lowered to the condensation point, the gas will condense to form a liquid. When a liquid is cooled to its freezing point (equal in value to the melting point), it changes to a solid. During condensing and freezing, heat energy is released.






[image: ]


Top tip!


The heat released or absorbed during a change in state is known as the latent heat.












Tool 3: Mathematics


Interpret features of graphs including gradient, changes in gradient, intercepts, maxima and minima, and areas


Many investigations in science are concerned with finding relationships between continuous variables. After collecting a set of data, the data points for two variables can be plotted on a graph, and then a line drawn that best expresses the apparent relationship suggested by the data. This is called a line or curve of best fit.


For a linear relationship, the gradient at any point along the line is the same, but on a curve, the gradient varies at different points along the curve. On a graph that shows a change in a variable over time, the steepness of the line represents how fast the change is happening. In other words, the gradient of the line represents a rate of change. Since this is the rate of change at a particular instant in time, it is called an instantaneous rate of change.


The x-intercept is the point where a line or curve crosses the x-axis, and the y-intercept is the point where a line or curve crosses the y-axis. It may have some chemical significance depending on the graph. An intercept may also be determined by extrapolation.


Some lines or curves may appear to increase indefinitely. Graphs such as those showing the concentration or amount of a product in a reaction over time may level out as they reach a particular value whereas others, including those showing how reactant concentrations vary, may tend to a steady minimum value. Other curves, such as those showing how chemical potential energy between particles changes with separation, may have a turning point (maximum or minimum) that can be interpreted in a way that aids understanding of a process or interaction.


In some cases the area under the graph may have some chemical significance. For example, the area under the Maxwell–Boltzmann distribution is related to the total number of molecules in the gas being described.








[image: ]






ATL S1.1J


When a soluble solid, such as sodium chloride or citric acid, is added to water, its freezing point is lowered below 0 °C.


Plan an investigation on the effect of a range of salts (for example, NaCl, KCl and CaCl2) of different concentrations on the depression of distilled water’s freezing point.


Carry out a risk assessment and perform the investigation following approval from your teacher.


Present your findings alongside research into the concept of colligative properties.
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Top tip!


A substance is a solid at temperatures below its melting point, a liquid at temperatures between its melting and boiling points and a gas at temperatures above its boiling point.












[image: ]


Common mistake


Misconception: Since changes of state, such as freezing and sublimation, occur at constant temperature, they do not involve energy changes.


Scientific concept: Remember that physical processes and chemical changes both involve energy changes and these can involve both kinetic and potential energy.












ATL S1.1K


A heating curve shows the changes of state occurring when the temperature of a solid is gradually increased until it melts and boils. Similarly, a cooling curve shows the changes of state when a gas or liquid is cooled gradually until it forms a solid.








	Heating

	  

	Cooling






	Time / s ± 1 s

	Temperature / °C ± 0.1 °C

	 

	Time / s ± 1 s

	Temperature / °C ± 0.1 °C










	    0

	30.0

	 

	    0

	55.0






	  30

	33.2

	 

	  30

	52.6






	  60

	35.5

	 

	  60

	49.5






	  90

	37.5

	 

	  90

	45.5






	120

	39.0

	 

	120

	44.3






	150

	41.0

	 

	150

	44.1






	180

	42.0

	 

	180

	44.0






	210

	42.6

	 

	210

	44.0






	240

	43.0

	 

	240

	44.0






	270

	43.4

	 

	270

	44.0






	300

	43.6

	 

	300

	44.0






	330

	43.7

	 

	330

	44.0






	360

	43.8

	 

	360

	44.0






	390

	44.0

	 

	390

	44.0






	420

	44.0

	 

	420

	44.0






	440

	44.1

	 

	440

	43.7






	470

	44.2

	 

	470

	43.5






	500

	44.5

	 

	500

	43.3






	530

	45.2

	 

	530

	43.0






	560

	46.0

	 

	560

	42.6






	590

	47.5

	 

	590

	42.3






	620

	49.0

	 

	620

	41.9






	650

	51.4

	 

	650

	41.5











	
•  Use a spreadsheet to plot the data for the heating and cooling curves on a single graph of temperature versus time.


	
•  Use your graph to determine and compare the melting and freezing points of the substance (dodecanoic acid, C12H24O2).


	
•  Use the kinetic molecular theory to explain what is happening at all diagonal and flat parts of the two curves.
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Top tip!


Changes of state are physical changes: no new chemical substances are formed. Ice, water and steam all contain molecules with the formula H2O. Whenever melting, freezing, boiling or condensing occurs, the temperature remains constant during the change in state.












LINKING QUESTION


Why are some substances solid while others are fluid under standard conditions?












LINKING QUESTION


Why are some changes of state endothermic and some exothermic?

















Temperature



Temperature is measured by a thermometer and is directly related to the random motion of particles.






•  Temperature: Measure of the average kinetic energy of particles in a substance.


•  Absolute zero: A temperature (−273.15 °C) which corresponds to the complete absence of heat, and hence no particle vibrations.


•  Absolute temperature: A temperature expressed on the thermodynamic temperature scale (with units of kelvin).


•  Celsius scale: Scale of temperature based on a one-hundred degree range between the melting point of pure ice and the boiling point of water (under standard conditions).








At temperatures above absolute zero (0 K or −273.15 °C), all particles in matter have kinetic energy. Absolute zero is the lowest possible temperature and is the absence of particle vibration (internal energy). Whenever a substance’s temperature increases, the average kinetic energy of its particles has increased.


The kelvin (K) is the unit of absolute or thermodynamic temperature (Figure S1.19). The kelvin is the SI unit of temperature and should always be used in calculations involving temperature, such as those involving gas laws or thermodynamics.




[image: ]



Figure S1.19 The defining temperatures on the absolute and Celsius scales








However, you will usually measure temperature using a thermometer that measures in degrees Celsius with a scale based on two fixed points: the freezing and boiling points of water.


You can convert temperatures from the Celsius scale to the absolute scale by adding 273.15. Hence, the boiling point of water is approximately 100 °C + 273.15 = 373.15 K. Note that the kelvin unit does not have a degree symbol, °. Negative temperatures are possible on the Celsius scale but not on the Kelvin scale.
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Top tip!


The distribution of particle kinetic energies in a substance is given by the Maxwell–Boltzmann distribution. This is used in the collision theory of reaction rates to explain the effects of temperature changes on rates of reaction.








Figure S1.20 shows the difference between heat and temperature. The large and small beakers contain water at the same temperature. However, the masses of the water are different and when the same amount of heat is transferred to the water in the small beaker and in the large beaker, the temperature rises are different. The smaller mass of water has a larger increase in temperature.




[image: ]



Figure S1.20 The difference between heat and temperature
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Top tip!


A change in temperature has the same numerical value on both scales.












LINKING QUESTION


What is the graphical distribution of kinetic energy values of particles in a sample at a fixed temperature?












LINKING QUESTION


What must happen to particles for a chemical reaction to occur?





















S1.2 The nuclear atom










Guiding question




	
•  How do the nuclei of atoms differ?















Syllabus content


By the end of this chapter, you should understand that:




	
•  atoms contain a positively charged, dense nucleus composed of protons and neutrons (nucleons)


	
•  negatively charged electrons occupy the space outside the nucleus


	
•  subatomic particles have different masses and charges


	
•  isotopes are atoms of the same element with different numbers of neutrons


	
•  mass spectra are used to determine the relative atomic masses of elements from their isotopic composition (HL only).





By the end of this chapter you should know how to:




	
•  use the nuclear symbol [image: ] to deduce the number of protons, neutrons and electrons in atoms and ions


	
•  perform calculations involving non-integer relative atomic masses and abundances of isotopes from given data


	
•  interpret mass spectra in terms of identity and relative abundance of isotopes (HL only).













Atomic structure


Atoms are the smallest particles that can take part in a chemical reaction and are fundamental units of matter. Dalton’s atomic theory viewed the atom as a solid ball but the discovery of the three fundamental subatomic particles completely changed the scientific view of atoms. New theories and models had to be developed to account for the fact that the atom is composed of smaller particles.






•  Subatomic particles: The particles which atoms are composed of.


•  Proton: Positively charged particle found inside the nucleus of an atom.


•  Neutron: Neutral particle found inside the nucleus of an atom.


•  Electron: Negatively charged particle found in energy levels (shells) outside the nucleus inside atoms.


•  Nucleus: Small, dense region at the centre of atoms, containing protons and neutrons (nucleons).


•  Nucleons: Particles in a nucleus, either protons or neutrons.


•  Energy level (shell): The region an electron occupies outside the nucleus inside an atom.








Atoms are composed of three subatomic particles: protons, neutrons and electrons. Each atom consists of two regions: the nucleus and the electron shells (main energy levels).


The nucleus is a very small, dense, positively charged region located at the centre of the atom. The nucleus contains protons and neutrons. These are known as nucleons since they are found in the nucleus. Nearly all of the mass of an atom is due to the protons and neutrons.


The electrons occupy the empty space around the nucleus and are arranged in shells (main energy levels). Each shell can hold a specific maximum number of electrons. Electrons in different shells have different amounts of energy. The first shell can hold a maximum of two electrons and the second shell can hold up to eight electrons.


This simple nuclear model of the atom is illustrated in Figure S1.21 for hydrogen, helium and lithium atoms with atomic (proton) numbers of 1, 2 and 3.






[image: ]


Top tip!


Atoms have to be electrically neutral and must contain equal numbers of protons and electrons.










[image: ]



Figure S1.21 A simple model of hydrogen, helium and lithium atoms










Subatomic particles


Protons have a positive charge; neutrons have no electrical charge and are electrically neutral. These particles have almost the same mass.






•  Neutral: A particle with zero charge or no overall charge.


•  Attraction: A force pulling two (particles with) opposite charges together.








Electrons have a negative charge and a very small mass – almost negligible compared with the mass of protons or neutrons. Atoms are electrically neutral because they contain equal numbers of protons and electrons. The opposite charges of the proton and electron hold the atom together through electrostatic forces of attraction.


A summary of the characteristics of the subatomic particles is given in Table S1.5. The charge is measured relative to that of a proton; the mass is measured relative to that of the proton or neutron (as they have nearly the same mass).


Table S1.5 Characteristics of protons, neutrons and electrons








	Subatomic particle

	Symbol

	Nuclide notation

	Approximate relative mass

	Mass / kg

	Exact relative charge

	Charge / C










	proton

	p

	[image: ]

	1

	1.672 622 × 10−27


	+1

	1.602 189 × 10−19







	neutron

	n

	[image: ]

	1

	1.674 927 × 10−27


	0

	0






	electron

	e

	[image: ]

	5 × 10−4 
(negligible)

	9.109 383 × 10−31


	−1

	−1.602 189 × 10−19














Tool 3: Mathematics


Use and interpret scientific notation


Scientific notation is a way of writing numbers that are too large or too small to be conveniently written in decimal form. In scientific notation every number is expressed in the form a × 10b, where a is a decimal number larger than 1 and less than 10, and b is an integer called the exponent.


Scientific notation is useful for making the number of significant figures clear. It is also used for entering and displaying large and small numbers on calculators. ×10x or the letter E is often used on calculators to represent ‘times ten to the power of’. For example, 4.62E3 represents 4.62 × 103, or 4620.


Table S1.6 Some numbers in decimal and scientific notation








	Decimal notation

	Scientific notation










	                             3

	3 × 100







	                         400

	4 × 102







	                  −53 000

	−5.3 × 104







	        6 730 000 000

	6.73 × 109







	                             0.000 000 007 52

	7.52 × 10−9






















	
3  Refer to the table of physical constants in section 2 of the IB Chemistry data booklet. Calculate the charge (in coulombs) of one mole of electrons.


	
4  An atom has a radius of 0.1 nm and the nucleus has a radius of 10−15 m. The formula for the volume of a sphere is given by the expression [image: ], where r is the radius.



	
a  Calculate the volume in m3 of:



	
i   the atom


	
ii  the nucleus.













	
b  Deduce the percentage of the atom that is occupied by the nucleus.













	
5  Use the data in the IB Chemistry data booklet to calculate how many times heavier a hydrogen-1 atom (one proton and one electron) is than an electron.


	
6  Use the data in the IB Chemistry data booklet to calculate the mass of a carbon-12 atom. Give your answer in kg to 2 s.f.


	
7  To 3 s.f., the mass of a proton is 1.67 × 10−27 kg and the radius of a proton is 8.41 × 10−16 m. Calculate the density of the nucleus of a hydrogen atom giving the value to 3 s.f. in kg m−3.















[image: ]


Top tip!


Remember that: protons are positive, neutrons are neutral leaving electrons as negative.
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Common mistake


Misconception: Electrons have no mass but have a charge.


Electrons have a small mass and a charge that is equal in size but opposite in sign to the much more massive proton.












[image: ]


Common mistake


Misconception: An atom is neutral because it contains equal numbers of protons and neutrons.


An atom is neutral because it contains equal numbers of protons and electrons.








Charge is measured in coulombs, symbol C. An electron has a charge of −1.602 189 × 10−19 C and a proton has a charge of +1.602 189 × 10−19 C. This charge is known as the elementary charge. The size of the charges is the same but they have opposite signs.






•  Coulomb: The SI unit of electrical charge.


•  Elementary charge: The size of the charge carried by a proton or electron.


•  Electric field: A region of space where a force acts on electric charges.








Electric charges are surrounded by an electric field. Like charges repel, so two electrons repel and two protons also repel. Opposite charges attract, so a proton and an electron attract and experience electrostatic attraction for each other. The force of attraction between a proton and an electron decreases as the distance between the two charged particles increases.






ATL S1.2A


All types of chemical bonds and intermolecular forces can be explained in terms of electrostatic attraction (and repulsion).


Go to https://reader.activelylearn.com/authoring/preview/2841734/notes


Choose the Macro Scale screen to visualize the electrostatic force that two charges exert on each other. Adjust the charge magnitude and separation to see how these factors affect the force.








Moving charged particles such as protons, electrons and ions are deflected by electric (Figure S1.22) and magnetic fields in an evacuated vacuum tube. The deflection of positive ions in a magnetic field is a key feature of the mass spectrometer used to study gaseous atoms and molecules.




[image: ]



Figure S1.22 The behaviour of protons, neutrons and electrons in an electric field








Ions that enter a magnetic field are deflected from a straight line to follow a circular path, the radius of which depends on their mass-to-charge ratio, m / z.
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TOK


Why are many of the laws in the natural sciences stated using the language of mathematics?


Chemists use mathematics to describe and explain the physical world. They believe that mathematical relationships reflect real aspects of the physical world. Science relies on the assumption that we live in an ordered universe that is subject to precise mathematical laws. The laws of physics, the most fundamental of the sciences, are all expressed as mathematical equations, such as Coulomb’s law, which describes the attraction between charged particles as a function of charge and distance.


Mathematical concepts, such as differential equations and logarithms, which were developed for purely abstract reasons, turn out to explain real chemical phenomena. Their usefulness, as physicist Eugene Wigner once wrote, ‘is a wonderful gift which we neither understand nor deserve.’ Mathematics is a powerful tool for describing physical laws and especially making predictions. For example, James Clerk Maxwell’s equations of electromagnetism predicted the existence of radio waves two decades before the German physicist Hertz detected them. Radio waves are now widely used in MRI scanners in hospitals and in mobile phones.












[image: ]


TOK


What is the difference between a scientific theory and a law?


Scientists will often use language in specific ways. The term ‘law’ (as in Coulomb’s law) is one such example. A law in science is a generalized description of what is happening. The mathematical formulation of Coulomb’s law shows that, no matter what fundamental entities are being considered, the general properties of the forces between them can always be described in this manner.


In science, a law simply describes a phenomenon whereas a ‘theory’ is a series of beliefs and ideas which explain why some things happen in the way they do.


Confusion may arise when terms such as law or theory are used in the context of a different area of knowledge, or outside a community that uses them in some particular way. When a non-scientist uses the word theory, it might be a way of talking about a sort of educated guess or highlighting that the real facts have not yet been established. However, when a chemist uses atomic theory to explain chemical reactions, there is no suggestion that their explanation is merely an educated guess!














	  8  a  Complete the table below, showing the relative masses and charges of subatomic particles.











	Particle

	Mass relative to mass of proton

	Charge relative to charge of proton










	proton

	 

	 






	neutron

	 

	 






	electron

	 

	 











	      b  State where these particles are found in an atom.







	  9  State the type of electrostatic force (if any) between the following pairs of particles:



	
a  two protons


	
b  two neutrons


	
c  an electron and a proton.








	
10  The diagram shows a carbon atom. Deduce the numbers of protons, neutrons, electrons and nucleons.







[image: ]
















Nuclear forces



Inside the nucleus, the strong nuclear force binds the protons and neutrons together. It is an attractive force between protons and neutrons (nucleons). At very small distances, the attractive strong nuclear force prevents the electrical repulsion between protons from breaking the nucleus apart. However, as the nucleus becomes larger, and as the average distance between protons increases, the magnitude of the force of repulsion between protons becomes larger than that of the strong nuclear force (force of attraction between nucleons). This can make a nucleus unstable and, therefore, the nucleus of a large atom, such as uranium, may undergo radioactive decay to make itself stable.






•  Strong nuclear force: A force that acts between nucleons in a nucleus to keep it stable.


•  Repulsion: A force pushing apart two like charges (or two particles with the same charge).










[image: ]



Figure S1.23 The forces acting in a nucleus








Although electrons are the smallest of the three subatomic particles, they control the chemical properties of the chemical elements. Different elements have different chemical properties because they have different numbers of electrons and hence different arrangements in their electron shells.
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Common mistake


Misconception: The nucleus contains an equal number of protons and neutrons because the neutrons neutralize the charge on the protons.


There is no relationship between the numbers of protons and neutrons. The neutrons bind the protons together but the charges of the protons are neutralized by the electrons. In light atoms the numbers of protons and neutrons are often equal, but as the atomic number increases, the number of neutrons tends to increase more than the number of protons.












Inquiry 3: Concluding and evaluating


Compare the outcomes of your own investigation to the accepted scientific context


In your own investigative work, especially your internal assessment and extended essay, you must compare the outcomes of your own investigation to the accepted scientific context (the existing paradigm). Use the published studies, such as review papers, you have referenced in your background introduction to establish whether your own results agree with previous work in the field.
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Nature of science: Observations


The discovery of the nucleus


In 1909, Geiger and Marsden found a method of probing the inside of atoms using alpha particles emitted from radioactive radon as ‘bullets’ (Figure S1.24). Alpha particles are helium nuclei and consist of two protons bound to two neutrons. When alpha particles were fired at very thin sheets of gold foil, most of them passed straight through it. But some of the alpha particles were deflected by the gold foil and a few of them even bounced back from it.


In order to explain these observations, Rutherford proposed that each atom had a small dense positive nucleus, orbited by tiny negative electrons. During Geiger and Marsden’s experiments, nearly all of the positive alpha particles passed straight through the large empty spaces. However, a few alpha particles passed close to a positive nucleus and were deflected (Figure S1.25). A small proportion of the alpha particles approached a nucleus head-on. When this happened, the positive alpha particle was repelled by the positive nucleus and bounced back.


Five years before his discovery of the nucleus, Rutherford had observed that alpha particles beamed through a hole onto a photographic plate would make a sharp-edged picture, while alpha particles beamed through a thin sheet of mica (a silicate mineral) only 20 micrometres (0.002 cm) thick would make an impression with blurry edges. Remembering those results allowed Rutherford and his students to refine the gold-foil experiment and use very thin gold foils only 0.00004 cm thick.
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Figure S1.24 Alpha particle scattering experiment
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Figure S1.25 Alpha particles approaching a gold nucleus in Rutherford’s gold-foil experiment


















Inquiry 1: Exploring and designing


Consult a variety of sources


You should consult a wide variety of sources when selecting topics for a chemistry investigation. The sources that might be consulted include:




	
•  chemistry text books and practical books


	
•  journals and periodicals such as:



	
•  Chemistry Review, published by Hodder Education


	
•  The Australian Journal of Education in Chemistry



	
•  Journal of Chemical Education (JCE), published by the American Chemical Society (ACS)


	
•  School Science Review (SSR), published by the Association for Science Education (ASE) (print and online)








	
•  websites and other online resources.
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ATL S1.2B


The development of ideas about atomic structure illustrates how scientific models and theories develop over time. When new discoveries are made, existing models (such as that shown in Figure S1.26) and theories may have to be altered or, sometimes, completely replaced if they do not fit in with the new discoveries.
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Figure S1.26 Thomson’s plum-pudding model of atoms








You will need to collaborate in small groups for this activity. Each group is going to take the part of a scientist who collected some of the evidence (data) which has contributed to the current or past models of the atom. You are going to prepare a report on the scientist you have chosen, and present it to the rest of the class.


Your presentation should be 5 minutes long, illustrated with slides (produced using, for example, PowerPoint) and covering the following points:




	
•  Who you are and what country you are from.


	
•  When you did the research you are about to describe (the year or years in brackets).


	
•  What you already knew about the atom.


	
•  What conclusions you drew from the results of your experimentation.


	
•  An outline of your model of the atom.


	
•  What applications arose from your experimentation, or what theories or models were developed.


	
•  What aspects of this case suggest the knowledge created is more or less reliable.


	
•  A clear bibliography.





Use suitable textbooks, magazine articles or the internet to help you find the information you need.


The scientists are:


Pierre Gassendi (1660)


John Dalton (1803)


Joseph J. Thomson (1897–1899)


Ernest Rutherford (1909)


Henry Moseley (1913)


Niels Bohr (1913)


Erwin Schrödinger (1926)


James Chadwick (1932)
















Electron arrangement


The electrons in atoms are arranged in shells. The hydrogen atom has an atomic number of 1 and therefore its nucleus contains one proton. The atomic number is the number of protons in the nucleus and determines the number of electrons. There is one electron for electrical neutrality in a hydrogen atom. This electron enters the first shell nearest the nucleus.






•  Shells: The main energy levels of an atom where the electrons are located.


•  Atomic number: The number of protons in the nucleus of an atom or ion.


•  Electron arrangement: Describes the arrangement of electrons in the shells (main energy levels and sub-levels) of atoms and ions.








The first shell (n = 1) can hold a maximum of two electrons so, in the lithium atom (atomic number 3), the third electron has to enter the second shell (second main energy level). The second shell (n = 2) can hold a maximum of eight electrons.


The maximum number of electrons each shell can hold is given by the expression 2n2, where n is the shell number. The first, second, third and fourth shells can hold up to 2 × 12 = 2, 2 × 22 = 8, 2 × 32 = 18 and 2 × 42 = 32 electrons, respectively. The second and subsequent shells are divided into a number of sublevels.


Chemists often use a shorthand notation to describe the arrangement of electrons in shells. This is known as the electron arrangement. Hydrogen has an electron arrangement of 1; lithium, which has three electrons, has an electron arrangement of 2.1; and sodium, which has 11 electrons, has an electron arrangement of 2.8.1. Figure S1.27 shows the electron shells (shell structures) for atoms of these and selected other elements. Table S1.7 lists electron arrangements for atoms of the first 20 elements.
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Figure S1.27 Electron arrangements of hydrogen, lithium, sodium, argon and potassium atoms shown as shell structures








Table S1.7 Electron arrangements for the first 20 chemical elements








	 

	 

	Shell (main energy level)

	    

	 

	 

	Shell (main energy level)










	Name

	Atomic number

	1st

	2nd

	3rd

	4th

	 

	Name

	Atomic number

	1st

	2nd

	3rd

	4th






	hydrogen

	1

	1

	 

	 

	 

	 

	sodium

	11

	2

	8

	1

	 






	helium

	2

	2

	 

	 

	 

	 

	magnesium

	12

	2

	8

	2

	 






	lithium

	3

	2

	1

	 

	 

	 

	aluminium

	13

	2

	8

	3

	 






	beryllium

	4

	2

	2

	 

	 

	 

	silicon

	14

	2

	8

	4

	 






	boron

	5

	2

	3

	 

	 

	 

	phosphorus

	15

	2

	8

	5

	 






	carbon

	6

	2

	4

	 

	 

	 

	sulfur

	16

	2

	8

	6

	 






	nitrogen

	7

	2

	5

	 

	 

	 

	chlorine

	17

	2

	8

	7

	 






	oxygen

	8

	2

	6

	 

	 

	 

	argon

	18

	2

	8

	8

	 






	fluorine

	9

	2

	7

	 

	 

	 

	potassium

	19

	2

	8

	8

	1






	neon

	10  

	2

	8

	 

	 

	 

	calcium

	20

	2

	8

	8

	2













[image: ]


Top tip!


The third shell can hold a maximum of 18 electrons. However, when there are eight electrons in the third shell, there is a degree of stability and the next two electrons enter the fourth shell. For the transition metals beyond calcium, the additional electrons enter the third shell until it contains a maximum of 18 electrons.








The valence electrons, found in the shell furthest from the nucleus, are the most important since it is these electrons which are involved in the formation of chemical bonds. For example, a potassium atom (2.8.8.1) has a single valence electron in the fourth shell.






•  Valence electron: An electron in the outer shell (main energy level) of an atom that takes part in bond formation.








Another important concept is electron shielding (Figure S1.28). The electrons in the different shells experience different attractive forces from the nucleus due to the repulsive forces from other electrons. The outer electrons experience the most shielding since electrons in inner shells approach the nucleus more closely and so partially neutralize and reduce its charge.




[image: ]



Figure S1.28 Electron shielding












[image: ]


TOK


Why is scientific knowledge falsifiable?


Theories in chemistry can never be verified or proved true; chemical knowledge is always provisional. Theories can only be shown to be false (refuted) by experimental results. So, chemists only accept those laws, models and theories which have been extensively tested and, so far, have not been falsified. According to Karl Popper, the difference between science and non-science (or pseudoscience) is that scientific statements are open to being falsified by experimental data. Often facts are offered which look like scientific facts in the sense that they rely only on confirmation. For example: ‘Holding this crystal will make you feel better.’ If you happen to feel better while holding the crystal, you might think that the claim has been tested and confirmed. But there may be any number of other reasons for feeling better. Thus, for Popper, this means nothing: it is pseudoscience that only looks like science.













Nuclide notation


The atomic number or proton number (symbol Z) is the same for every atom of a particular element and no two different elements have the same atomic number. In the periodic table, the elements are arranged in increasing order of atomic (proton) number.


The total number of protons and neutrons is called the mass number (symbol A).






•  Mass number: The number of protons and neutrons in an atom or ion.


•  Nuclide: One particular type of atom (or ion), as defined by the number of protons and neutrons in its nucleus.


•  Nuclear symbol: The general notation for a nuclide, [image: ], where X is the symbol of the atom or element, Z is the atomic or proton number and A is the nucleon or mass number.








Nuclides of a chemical element are described by their atomic and mass numbers using nuclear symbols [image: ] where X represents the symbol of the chemical element, Z represents the atomic number (number of protons) and A represents the mass number or nucleon number (number of protons and neutrons). Here is how this notation works for aluminium-27:


[image: ]


The number of neutrons in an atom can be found from the following relationship:


number of neutrons = mass number (A) − atomic number (Z)


So an atom of aluminium-27 contains 13 protons, 13 electrons and (27 − 13) = 14 neutrons.






[image: ]


Common mistake


Misconception: No two nuclides may have the same mass or nucleon number.


Different nuclides may have the same nucleon number, for example: [image: ].








An element forms an ion when one or more electrons are added or removed from the atom. A positive ion is formed by the removal of electrons and a negative ion is formed by the addition of electrons. The number of protons, neutrons and electrons in an atom or ion can therefore be calculated from the mass number, atomic number and charge.






[image: ]


Top tip!


Not all of the atoms in naturally occurring samples of some chemical elements are identical. Atoms of the same element that have different mass numbers are called isotopes.












[image: ]


Common mistake


Misconception: The elements in the periodic table are arranged in order of increasing relative atomic mass.


The elements in the periodic table are arranged in order of increasing atomic (proton) number which usually correlates with increasing relative atomic mass.














	
11  Deduce and fill in the missing data in the table below.











	Element and nuclide symbol

	Atomic number

	Mass number

	Number of protons

	Number of neutrons

	Number of electrons










	 

	8

	 

	 

	  8

	 






	 

	 

	56

	 

	28

	 






	 

	 

	 

	 

	21

	20






	 

	11

	23

	 

	 

	 






	Fe

	 

	57

	 

	 

	 











	
12  Deduce the number of electrons, protons and neutrons in a [image: ] and b [image: ]. Explain your answers.















[image: ]


Top tip!


Positive ions have more protons than electrons. Negative ions have more electrons than protons. This is because electrons are negatively charged.












LINKING QUESTION


What determines the different chemical properties of atoms?












[image: ]


Common mistake


Misconception: Ionic bonding occurs between metals and non-metals, while covalent bonds form between non-metals.


The true nature of a chemical bond is determined using the differences in electronegativities. Bonds have ‘ionic character’ or ‘covalent character’ along a bonding continuum.












LINKING QUESTION


How does the atomic number relate to the position of an element in the periodic table?













Isotopes


Many elements exist as a mixture of isotopes (this was established by the invention of the mass spectrometer). Figure S1.29 shows the stable isotopes of carbon, chlorine and hydrogen as nuclide symbols and Figure S1.30 shows the subatomic particles of the three isotopes of hydrogen.






•  Isotopes: Atoms with the same number of protons but a different number of neutrons.


•  Radioisotopes: Atoms of an unstable element that release radiation from the nucleus.












[image: ]


Common mistake


Misconception: For all nuclides, the proton number is always less than the mass or nucleon number.


Protium (hydrogen-1) has a proton number equal to the mass or nucleon number.










[image: ]



Figure S1.29 Stable isotopes of carbon, chlorine and hydrogen










[image: ]



Figure S1.30 The three isotopes of hydrogen: protium (1H), deuterium (2H) and tritium (3H)








Isotopes of the same chemical element have identical chemical properties but slightly different physical properties due to the different masses. For example, samples of [image: ] and [image: ] have different densities, different melting points and different boiling points. The lighter isotope, [image: ], will diffuse more rapidly than the heavier isotope, [image: ], at the same temperature. The lighter isotope, neon-20, has a slightly lower melting point, boiling point and density than the heavier isotope, neon-22.


Some isotopes of some elements are unstable and are known as radioisotopes. Their nuclei break down spontaneously, in a process known as radioactive decay; these isotopes are described as radioactive. They emit rays and particles known as nuclear radiation. For some radioisotopes, nuclear decay occurs quickly; for others the decay is very slow.






ATL S1.2C


Investigate how the balance of neutrons (N) and protons (Z) in the nucleus influences the stability of an atom by using the simulation at https://phet.colorado.edu/sims/html/build-an-atom/latest/build-an-atom_en.html to build the atoms shown in the table. Explore which atoms are stable and which are unstable and release radiation.








	Isotope

	N

	Z

	
N/Z ratio

	Stable?

	    

	Isotope

	N

	Z

	
N/Z ratio

	Stable?










	hydrogen-1

	 

	 

	 

	 

	 

	carbon-11

	 

	 

	 

	 






	hydrogen-2

	 

	 

	 

	 

	 

	carbon-12

	 

	 

	 

	 






	hydrogen-3

	 

	 

	 

	 

	 

	carbon-13

	 

	 

	 

	 






	hydrogen-4

	 

	 

	 

	 

	 

	carbon-14

	 

	 

	 

	 






	helium-2

	 

	 

	 

	 

	 

	nitrogen-13

	 

	 

	 

	 






	helium-3

	 

	 

	 

	 

	 

	nitrogen-14

	 

	 

	 

	 






	helium-4

	 

	 

	 

	 

	 

	nitrogen-15

	 

	 

	 

	 






	helium-5

	 

	 

	 

	 

	 

	nitrogen-16

	 

	 

	 

	 






	lithium-5

	 

	 

	 

	 

	 

	oxygen-15

	 

	 

	 

	 






	lithium-6

	 

	 

	 

	 

	 

	oxygen-16

	 

	 

	 

	 






	lithium-7

	 

	 

	 

	 

	 

	oxygen-17

	 

	 

	 

	 






	lithium-8

	 

	 

	 

	 

	 

	oxygen-18

	 

	 

	 

	 






	beryllium-7

	 

	 

	 

	 

	 

	fluorine-17

	 

	 

	 

	 






	beryllium-8

	 

	 

	 

	 

	 

	fluorine-18

	 

	 

	 

	 






	beryllium-9

	 

	 

	 

	 

	 

	fluorine-19

	 

	 

	 

	 






	beryllium-10

	 

	 

	 

	 

	 

	fluorine-20

	 

	 

	 

	 






	boron-9

	 

	 

	 

	 

	 

	neon-18

	 

	 

	 

	 






	boron-10

	 

	 

	 

	 

	 

	neon-19

	 

	 

	 

	 






	boron-11

	 

	 

	 

	 

	 

	neon-20

	 

	 

	 

	 






	boron-12

	 

	 

	 

	 

	 

	neon-21

	 

	 

	 

	 











	
•  Generate a graph of atomic number (Z) on the x-axis and number of neutrons (N) on the y-axis. Plot the unstable isotopes using a different colour.





On a graph like this, stable isotopes are found in an area known as the band of stability.




	
•  Deduce and explain the observed relationship between N and Z for atoms that lie in this region.


	
•  Explain how you could use this plot to predict if an isotope is stable or unstable.















•  Isotopic abundance: The proportions, often expressed as percentages, of the different isotopes in a naturally occurring sample of an element.








A few elements, such as fluorine and aluminium, have been found to consist of only one isotope. However, most elements exist as a mixture of two or more isotopes. The isotopic abundance (relative abundance) of an isotope in a sample of the element can be expressed as a fraction or percentage (Table S1.8).


Table S1.8 Isotopes of chromium








	Isotope

	Relative abundance / %

	Fractional abundance










	chromium-50

	  4

	0.04






	chromium-52

	84

	0.84






	chromium-53

	10

	0.10






	chromium-54

	  2

	0.02















	
13  Deduce the number of protons, neutrons and electrons in the following hydrogen species:



	
a  [image: ]



	
b  [image: ]



	
c  [image: ]



	
d  [image: ]






















Going further


Nuclear power


Nuclear power plants depend on uranium-235 nuclei undergoing fission (splitting) when bombarded with slow moving neutrons. During fission, several neutrons are emitted from the nucleus and a large amount of energy is released. These neutrons bombard more uranium-235 nuclei and the process continues as a chain reaction with the release of more energy. However, natural uranium only has a very small percentage of U-235 with over 99% of the uranium atoms being U-238 which do not undergo fission.


To increase the percentage of uranium-235 in a sample of uranium, a process called enrichment is carried out. The uranium is reacted with fluorine gas, converting it to uranium hexafluoride, UF6, which is volatile (easily vaporized). The UF6 is allowed to diffuse through a series of membranes with small holes.


Because the lighter 235-UF6 molecules travel about 0.4% faster than the heavier 238-UF6 molecules, the gas that first passes through the membrane has a higher concentration of uranium-235. When this vapour passes through another membrane, the uranium-235 vapour becomes further concentrated. It takes many of these effusion stages (Figure S1.31) to produce enriched uranium suitable for use in nuclear power stations.




[image: ]



Figure S1.31 Separation of uranium isotopes by effusion


















[image: ]


TOK: Scope


How might developments in scientific knowledge trigger political controversies or controversies in other areas of knowledge?


The relationship between science and politics can be described as the coupling of two interdependent developments: the ‘scientification’ of politics and the politicization of science.


A number of political problems were first recognized and described by scientists: for example, environmental pollution only entered the political agenda after scientists discovered the insecticide DDT in the food chain. The greater the extent to which science becomes part of the political process, the greater its role becomes in defining the problems that it is then asked to solve.


The coupling of scientific knowledge with politics drives the politicization of science. As it enters the public arena, scientific knowledge is assessed and evaluated by society. The expert’s position in a controversy is therefore viewed as determined as much by politics as by scientific knowledge.








[image: ]






ATL S1.2D


Nuclear power stations produce large amounts of electrical energy with small amounts of fuel and very low greenhouse gas emissions. This can enable industrialized countries to become less dependent on imported fossil fuels. Opponents will highlight the accident risks of reactors, proliferation concerns (nuclear proliferation refers to the spread of nuclear weapons or fissile material to countries or terrorist groups that do not have them) and storage of nuclear waste. Present and defend an ethical argument (using ethical theories) involving the concepts of sustainability and intergenerational justice for or against the use of nuclear power.












Going further


Nuclear medicine


Nuclear medicine involves the use of radioactive substances to detect (or treat) abnormalities, especially cancer, in the function of particular organs in the body. Substances introduced into the body for this purpose are called tracers. This is because they emit radiation which can be detected and allow the substance to be traced. They may be injected or ingested (eaten or drunk).


The radioactive substance most commonly used is technetium-99m. This is an excited atom produced from molybdenum-99 by beta decay (which involves a proton forming a neutron and a high energy electron).












ATL S1.2E


Research the properties of technetium-99m and explain why it is often chosen as a source of radiation for use in medical diagnosis.













Mass spectrometry




Relative atomic mass


The majority of chemical elements in nature exist as a mixture of isotopes in fixed proportions. For example, a natural sample of chlorine atoms consists of 75% chlorine-35 and 25% chlorine-37. This is why the atomic mass may not be a whole number: instead of showing the mass of a single nuclide it shows the relative atomic mass (Figure S1.32).




[image: ]



Figure S1.32 The representation of elements in the periodic table of the IB Chemistry data booklet. 20.18 is the relative atomic mass of neon. The nuclide notation for neon-20 is [image: ].








The relative atomic mass, Ar, of an element is the weighted average mass of the atoms of its isotopes compared to one-twelfth of the mass of one atom of carbon-12:


[image: ]






•  Relative atomic mass: The ratio of the average mass per atom of the naturally occurring form of an element to one-twelfth of the mass of a carbon-12 atom.








However, since one-twelfth the mass of one atom of carbon-12 is 1, then the relative atomic mass of a chemical element is effectively the weighted average isotopic mass divided by 1.


Relative atomic masses can be calculated from a mass spectrum of a chemical element by multiplying the relative isotopic mass of each isotope by its fractional abundance and adding all the values together.


Conversely, the use of simple algebra allows us to calculate the percentage abundance of one isotope given the relative atomic mass of the chemical element and the mass numbers of both isotopes.






Link


Using mass spectrometry as a technique to determine an accurate value for the molar mass of an organic compound (HL only) is covered in Chapter S3.2, page 290.












[image: ]


Top tip!


Relative atomic mass is not the same as mass number. Mass numbers are integers because they are the number of protons plus the number of neutrons. Relative atomic mass is an average mass that takes into account all the isotopes of an element and so is not usually an integer.














	
14  Rubidium exists as a mixture of two isotopes, 85Rb and 87Rb. The percentage abundances are 72.1% and 27.9%, respectively. Calculate the relative atomic mass of rubidium.


	
15  The relative atomic mass of gallium is 69.7. Gallium is composed of two isotopes: gallium-69 and gallium-71. Let %Ga-69, the percentage abundance of gallium-69, equal x. Calculate x.















[image: ]


Top tip!


When you calculate relative atomic mass, the answer should have a value somewhere between the masses of the lightest isotope and the heaviest isotope.












ATL S1.2F


Find out how mass spectrometry was used in the discovery of carbon-60, carbon-70 and other fullerenes. Outline how the clusters of carbon were generated and analysed in a mass spectrum and how their structures gained greater support from ‘shrink wrapping’ experiments.












LINKING QUESTION


How can isotope tracers provide evidence for a reaction mechanism?













Mass spectrometers


A mass spectrometer (Figure S1.33) allows chemists to determine accurately the relative atomic masses of atoms. The instrument produces gaseous positive ions from vaporized atoms, separates them and detects and measures their abundances. Mass spectrometry can also be used to determine the relative molecular masses of molecular compounds and establish their structure.






•  Mass spectrometer: An analytical instrument that separates gaseous ions according to their mass to charge ratio.


•  Mass spectrometry: Study of substances from gas-phase ions using a mass spectrometer.


•  Mass spectrum: A bar graph of ion abundance against the mass/charge ratio.


•  Radical cation: A cation containing an unpaired electron (in its ground state).


•  Molecular ion: An ion formed by the removal of an electron from a molecule.










[image: ]



Figure S1.33 A mass spectrometer in cross section








A mass spectrum for chlorine atoms is shown in Figure S1.34. The two peaks indicate the detection of 35Cl+ and 37Cl+ ions. The mass spectrum shows that chlorine is composed of two isotopes, chlorine-35 and chlorine-37, in a 3 : 1 or 75% : 25% ratio by abundance.




[image: ]



Figure S1.34 Mass spectrum of a sample of naturally occurring chlorine atoms












LINKING QUESTION


How does the fragmentation pattern of a compound in the mass spectrometer help in the determination of its structure?












[image: ]


Top tip!


The horizontal axis for a mass spectrum is actually mass-to-charge ratio (m / z). However, since all the ions are unipositive, the scale is equivalent to mass since the charge on all the ions is +1.








The mass spectrometer (Figure S1.35) uses a beam of electrons with a high kinetic energy to ionize molecules. An outer electron is removed from the molecule, leaving an unpaired electron and forming a radical cation: a positive ion with an unpaired electron. Figure S1.36 shows the formation of a molecular ion (radical cation) from propanone.




[image: ]



Figure S1.35 A mass spectrometer










[image: ]



Figure S1.36 Ionization of a propanone molecule (with lone pairs of electrons shown as green dots) to form a unipositive radical cation








If the ionizing electron beam in a mass spectrometer has sufficient kinetic energy, the propanone molecular ions can undergo bond cleavage or fission (Figure S1.37) and molecular fragments are formed due to electron bombardment. Some of these fragments will carry a positive charge and therefore appear as further peaks in the mass spectrum. The mass spectrum of propanone therefore contains peaks at m / z = 15 and 43 (Figure S1.38), as well as the molecular ion peak at 58.




[image: ]



Figure S1.37 Fragment ions produced from the propanone molecule










[image: ]



Figure S1.38 Mass spectrum of propanone












[image: ]


Top tip!


The more stable an ion, the more likely it is to form and the greater its peak height (relative abundance). Small, highly charged ions, such as H+, are unstable. Fragments with ions or tertiary carbocations (Figure S1.39) are made more stable by the inductive effect, which pushes electron density toward the positively charged carbon.










[image: ]



Figure S1.39 The acylium ion (resonance stabilized) and tertiary carbocation; R is an alkyl group such as –CH3 or –CH2CH3








Table S1.9 lists peaks that are often seen in the fragmentation patterns of mass spectra. They provide useful clues for determining the structure of an organic molecule.


Table S1.9 Common peaks in mass spectra








	Mass lost

	Fragment lost










	15

	CH3







	17

	OH






	18

	H2O






	28

	CH2=CH2, C=O






	29

	CH3CH2, CHO






	31

	CH3O






	45

	COOH













WORKED EXAMPLE S1.2A


The diagram shows the mass spectra of two compounds with the molecular formula C2H4O2. One compound is methyl methanoate and the other is ethanoic acid. Decide from the major fragments which mass spectrum corresponds to which substance.




[image: ]




Answer


The major peaks in mass spectrum a are due to: CH3+ (m / z = 15); CHO+ (m / z = 29) and CH3O+ (m / z = 31). These fragments can be readily generated from methyl methanoate.




[image: ]




The peak at m / z = 31 can only be generated from methyl methanoate, and not from ethanoic acid. The major peaks in mass spectrum b are due to: CO+ (m / z = 28), CH3CO+ (m / z = 43) and COOH+ (m / z = 45). These fragments can be readily generated from ethanoic acid.




[image: ]










Isotope patterns for organic compounds containing one chlorine atom or one bromine atom can be easily recognized.


Chlorine has two isotopes, 35Cl and 37Cl, and these are present in the ratio 35Cl : 37Cl = 3 : 1. Therefore, any molecule or fragment that contains one chlorine atom will give rise to two peaks, separated by two mass units and with a 3 : 1 height ratio.


Figure S1.40 shows the mass spectrum of chloroethane, C2H5Cl. There are two molecular ion peaks, at masses of 64 and 66, with heights in the ratio 3 : 1. These are due to the formation of the ions CH3CH235Cl+ and CH3CH237Cl+, respectively. There are also peaks at masses of 49 and 51. These also have heights in the ratio 3 : 1. These peaks represent the loss of 15 units of mass, or a CH3 group, from the molecule leaving CH235Cl+ and CH237Cl+ ions. The peak at mass 29 corresponds to loss of chlorine and formation of [CH3CH2]+.




[image: ]



Figure S1.40 The mass spectrum of chloroethane












[image: ]


Top tip!


A molecule containing one bromine atom will show a molecular ion with two peaks separated by two mass units in an approximate 1 : 1 ratio. This is because the ratio of the two isotopes 79Br and 81Br is approximately 1 : 1.
























S1.3 Electron configurations










Guiding question




	
•  How can we model the energy states of electrons in atoms?















Syllabus content


By the end of this chapter, you should understand that:




	
•  emission spectra are produced by atoms emitting photons when electrons in excited states return to lower energy levels


	
•  the line emission spectrum of hydrogen provides evidence for the existence of electrons in discrete energy levels, which converge at higher energies


	
•  the main energy level is given an integer number, n, and can hold a maximum of 2n2 electrons


	
•  a more detailed model of the atom describes the division of the main energy levels into s, p, d and f sublevels of successively higher energy


	
•  each orbital has a defined energy state for a given electron configuration and chemical environment, and can hold two electrons of opposite spin


	
•  sublevels contain a fixed number of orbitals, regions of space where there is a high probability of finding electrons


	
•  in an emission spectrum, the limit of convergence at higher frequency corresponds to ionization (HL only)


	
•  successive ionization (IE) data for an element give information about its electron configuration (HL only).





By the end of this chapter you should know how to:




	
•  qualitatively describe the relationship between colour, wavelength, frequency and energy across the electromagnetic spectrum


	
•  distinguish between a continuous spectrum and a line spectrum


	
•  describe the emission spectrum of a hydrogen atom, including the relationship between the lines and energy transitions to the first, second and third energy levels


	
•  deduce the maximum number of electrons that can occupy each energy level


	
•  recognize the shape and orientation of an s atomic orbital and the three p atomic orbitals


	
•  apply the Aufbau principle, Hund’s rule and the Pauli exclusion principle to deduce electron configurations for atoms and ions up to Z = 36


	
•  explain the trends and discontinuities in first ionization energy (IE) across a period and down a group (HL only)


	
•  calculate the value of the first IE from spectral data that gives the wavelength or frequency of the convergence limit (HL only)


	
•  deduce the group of an element from its successive ionization data (HL only).













Introduction


In Chapter S1.2, electrons were described as particles in electron shells (main energy levels) around the nucleus. Experimental evidence has shown that electrons can behave as particles and waves and are found in regions within atoms known as atomic orbitals. The electrons in atoms can, under certain conditions, undergo transitions between orbitals and release or absorb light.


Figure S1.41 shows the change from a simple Bohr model of a sodium atom with electrons orbiting in circular shells (main energy levels) of different energies (2,8,1), to a quantum-mechanical model of a sodium atom based on atomic orbitals of different energies, shapes and orientations forming sublevels within the shells (1s2 2s2 2p6 3s1).






•  Bohr model: A model of the hydrogen atom (and other one-electron systems) with a proton in the nucleus and an electron moving in circular orbits, with each orbit corresponding to a specific fixed energy. A similar model with electrons in main energy levels can also be used to describe other atoms (in a more approximate manner) with more than one electron.










[image: ]



Figure S1.41 Quantum-mechanical and Bohr models of a sodium atom








Each orbital has a label, for example, 1s. The number indicates the electron shell in which the orbital is located. The 1s orbital is in the first shell, closest to the nucleus. The letters s and p indicate the shape of the orbitals: spherical and dumbbell.


Orbitals with the same shape and in the same shell have the same energy and are grouped together to form sublevels (Figure S1.42). Sublevels of similar energy, for example, 2s and 2p, are grouped together into main energy levels (electron shells).




[image: ]



Figure S1.42 Arrangement of electrons in atoms (and ions)













Light


Light can be described as an electromagnetic wave or by a particle model which views light as a stream of photons or tiny ‘packets’ or quanta (singular: quantum) of light energy (Figure S1.43).






•  Wave: Oscillations that carry energy.


•  Photon: A particle consisting of a quantum of electromagnetic radiation.


•  Quantum: The minimum amount of energy by which the energy of a system can change.


•  Planck’s equation: E = hf; the energy of a photon is proportional to its frequency.


•  Frequency: Number of waves that pass a point in one second.


•  Hertz: SI unit of frequency equal to one cycle per second.


•  Planck’s constant: A fundamental constant equal to the ratio of the energy of a quantum of energy to its frequency, h = 6.63 × 10–34 Js.


•  Wavelength: Distance between two neighbouring crests or troughs of a wave.


•  Wave equation: The velocity of a wave is given by the product of the wavelength, λ, and the frequency (ν), c = λ × f.










	
•  Light waves and other electromagnetic waves are described by wavelength (Figure S1.44) and frequency.







[image: ]



Figure S1.43 Wave and particle nature of light










[image: ]



Figure S1.44 Wave A has twice the wavelength of wave B












[image: ]


Top tip!


Each quantum has a very small but fixed amount of energy that varies with the colour of the light.










	
•  The two models of light are linked by Planck’s equation: E = h × f, where E is the energy of a photon (in joules), f is the frequency of the light (in hertz, Hz, or s−1) and h represents Planck’s constant (6.63 × 10−34 J s). The frequency, f, and wavelength, λ, are related to the speed by the wave equation: c = f × λ, or f = c / λ where c is the velocity of light.









[image: ]


Top tip!


Another unit of frequency often used by spectroscopists is wavenumber (reciprocal of wavelength).












•  Wavenumber: The reciprocal of the wavelength (in cm); the number of waves per cm.












[image: ]


Top tip!


Light and other electromagnetic waves travel in a vacuum at a speed of 3.00 × 108 m s−1.














	
16  The yellow light emitted by a sodium streetlight has a wavelength of 589 nm. Calculate:



	
a  the frequency of the light (in Hz or s−1)


	
b  the energy (in J) carried by one of these photons


	
c  the energy (in kJ mol−1) carried by one mole of these photons (NA = 6.02 × 1023 mol−1).





















Tool 3: Mathematics


Apply and use SI prefixes and units


Most quantities in science consist of a number and a unit. A measured quantity without units is usually meaningless. However, there are some derived quantities in chemistry that do not have units (for example, pH and absorbance) because they are based on ratios or logarithmic functions.


The Système Internationale (SI) is a system of units used throughout the scientific world. All SI units are derived from the units of seven base quantities (Table S1.10 shows five of these base quantities).


Table S1.10 Selected SI base units








	Property measured

	Name of unit

	Abbreviated unit










	mass

	kilogram

	kg






	length

	metre

	m






	temperature

	kelvin

	K






	electric current

	ampere

	A






	amount of substance

	mole

	mol









Volumes in chemistry are usually measured in cubic centimetres (cm3) or cubic decimetres (dm3) and masses are usually measured in grams (g). SI units should be used for other quantities where possible and appropriate.


Express compound units using negative powers rather than a solidus (/): for example, write the speed of light as 3 × 108 m s−1 rather than 3 × 108 m/s.


Use prefixes to indicate multiples of 103, so that numbers are kept between 0.1 and 1000.


Treat a combination of a prefix and a symbol as a single symbol.


Table S1.11 Standard SI prefixes








	Prefix (word)

	Prefix (symbol)

	Power










	giga

	G

	109







	mega

	M

	106







	kilo

	k

	103







	deci

	d

	10−1







	centi

	c

	10−2







	milli

	m

	10−3







	micro

	μ

	10−6







	nano

	n

	10−9










Express very small or large numbers in scientific notation: for example, 6.02 × 1023 mol−1.








Different colours in visible light correspond to electromagnetic waves of different wavelengths, frequencies and energies, with red light having the longest wavelength and hence the lowest energy and frequency. These different colours are separated out in a spectrum (Figure S1.45).




[image: ]



Figure S1.45 Continuous emission spectrum of white light separated into all its merging colours












•  Spectrum: The range of electromagnetic energies arrayed in order of increasing or decreasing wavelength or frequency.








Figure S1.46 shows the electromagnetic spectrum. It is an arrangement of all the types of electromagnetic radiation in increasing order of wavelength or decreasing order of frequency.






•  Electromagnetic spectrum: The range of wavelengths over which electromagnetic radiation extends.


•  Continuous spectrum: A spectrum containing all frequencies over a wide range.


•  Electron excitation: A process by which an electron gains energy that moves it to a higher energy level.








Figure S1.46 also shows the visible region of light as a continuous spectrum (‘rainbow’) ranging from red to violet with an infinite number of colours.




[image: ]



Figure S1.46 The electromagnetic spectrum














	
17  Identify the region of the electromagnetic spectrum where the following will be found:



	
a  an absorption with a wavelength of 5.00 × 104 m


	
b  an absorption with a wavelength of 5.00 × 10−7 m


	
c  an absorption with a frequency of 5 × 1015 s−1






















WORKED EXAMPLE S1.3A (HL ONLY)


Astronomical observations, signals observed from the distant stars, are generally weak. If a photon detector receives a total of 3.15 × 10–18 J from radiation of 600 nm, calculate the number of photons (to the nearest integer) received by the detector.


Answer


Energy of one photon, [image: ]


Therefore number of photons received, [image: ]














	
18  Compare the relative frequencies, wavelengths, energies and wavenumbers of ultraviolet and infrared radiations.
















Electron excitation


If gaseous atoms are excited, they emit light of certain frequencies. The process of electron excitation may be thermal or electrical. Thermal excitation occurs when a substance is vaporized and a flame is formed (Figure S1.47).




[image: ]



Figure S1.47 The flames generated by lithium, sodium, potassium, calcium, strontium and barium








Electrical excitation also occurs when a high voltage is passed across a tube containing a gaseous sample of the element at low pressure. Molecules will be dissociated by the high voltage and excited atoms formed. Advertising signs using noble gases in high-voltage discharge tubes and flame tests are both examples of electron excitation.






•  Discharge tube: A glass tube, containing gas of an element (or compound) at low pressure, with a cathode and an anode; when a high voltage is applied to the electrodes, the gas glows and emits an emission spectrum consisting of narrow lines.


•  Emission spectrum: The line spectrum produced when gaseous atoms are excited.


•  Spectral series: A group of related lines in an emission (or absorption) spectrum produced by transitions between one specific energy level and a set of different energy levels.


•  Orbit: The path of an electron as it travels around the nucleus of an atom.


•  Energy level: A fixed energy that an electron, an atom or a molecule can have.








If the light from gaseous hydrogen atoms with excited electrons is passed through a prism (or diffraction grating), the visible region of the emission spectrum can be viewed. This spectrum consists of four narrow coloured lines (red, aqua, blue and violet) on a black background. The lines converge (get progressively closer) as the frequency or energy of the emission lines increases.


Figure S1.48 shows the complete emission spectrum of hydrogen atoms including the similar sets of lines (spectral series) that are observed in the ultraviolet and infrared regions of the electromagnetic spectrum.




[image: ]



Figure S1.48 The complete emission spectrum of atomic hydrogen












[image: ]


Top tip!


Balmer and later Rydberg found simple mathematical relationships involving spectral lines in the emission spectrum of hydrogen.












ATL S1.3A


Go to https://teachchemistry.org/classroom-resources/exciting-electrons-simulation


Use this simulation to explore what happens when electrons in an atom are excited from their ground state. You will see that when an electron moves from an excited state to its ground state, energy is released in the form of electromagnetic radiation (in the form of a wave).


Now go to https://interactives.ck12.org/simulations/chemistry/bohr-model-of-electron/app/


Use this second simulation to explore how electrons create coloured light in a hydrogen gas discharge tube. Relate what you see in the simulation to Bohr’s model, spectral lines of hydrogen, and atomic emission spectra.













Energy levels and spectra


The spectrum of the simplest atom, hydrogen, shows several series of lines at different energies (frequencies and wavelengths). This suggests that the hydrogen atom can lose different amounts of energy, which in turn suggests that its electrons can exist with a range of energies.


The Danish physicist Niels Bohr explained the many lines in the emission spectrum of hydrogen and other atoms by suggesting that electron orbits were related to discrete energy levels—each orbit corresponded to a fixed amount of energy. The further the orbit was away from the nucleus, the greater the amount of energy the electron had.






[image: ]


Top tip!


‘Discrete energy levels’ means an electron can exist at a distinct number of levels. It cannot be between these levels. A ladder has discrete potential energy levels when it is being climbed.








According to Bohr’s theory, an electron moving in an orbit does not emit energy. To move to an orbit further away from the nucleus, the electron must absorb energy (electrical or thermal energy) to do work against the attraction of the positively charged nucleus. The atom or electron would then be in an unstable excited state.


An emission (line) spectrum is formed when excited electrons move from orbits of high energy to orbits of lower energy. During this transition, the electrons emit light of a particular frequency (Figure S1.49). The energy of the emitted photon of light is equal to the difference between the two energy levels (ΔE) and the frequency of the light is related to the energy difference (ΔE = hf).




[image: ]



Figure S1.49 The origin of spectral lines in the emission spectrum of gaseous atoms














	
19  Calculate the energy difference (in joules) corresponding to an electron transition that emits a photon of light with a wavelength of 600 nm.











Figure S1.50 shows how the Bohr model can be used to explain the origin of the Lyman series (in the ultraviolet) in the spectrum of hydrogen atoms. The circles represent the electron energy levels. The distances between them represent the energy differences between the energy levels.




[image: ]



Figure S1.50 How the discrete energy levels in the hydrogen atom give rise to the emission lines of the Lyman series in the ultraviolet region of the electromagnetic spectrum












•  Excited state: An atom (ion or molecule) with an electron in an energy level higher than its ground state.


•  Lyman series: A series of lines in the emission spectrum of hydrogen caused by the transition of electrons from the second energy level (n = 2) or higher to the ground state (n = 1), emitting ultraviolet radiation.


•  Ground state: The lowest stable energy state of an atom (or ion or molecule).


•  Balmer series: A series of lines in the emission spectrum of visible light emitted by excited hydrogen atoms which correspond to the electrons undergoing a transition from the third (n = 3) or higher energy level to the second-lowest energy level (n = 2), emitting visible light.








The energy levels or orbits are labelled as n = 1, n = 2, n = 3 starting from the nucleus. An electron in the lowest energy level (nearest the nucleus) is in its ground state (n = 1), the most stable state for a hydrogen atom. The energy levels or orbits correspond to electron shells (main energy levels).


The Balmer series of lines, in the visible region, is formed when excited electrons transition from higher energy levels to the second energy level (n = 2).






[image: ]


Top tip!


All atoms have the converging arrangement of energy levels seen in the hydrogen atom but the spacing, and hence energy differences, are unique to each atom.








Figure S1.50 shows that the energy levels become more closely spaced until they converge at high potential energy. This is known as the convergence limit and the difference in energy between the convergence limit and the ground state is the ionization energy, the minimum energy required to remove a mole of electrons from a mole of gaseous atoms to form a mole of unipositive gaseous ions. The converging energy levels are directly responsible for the convergence of emission lines in the Lyman and other spectral series.






•  Convergence limit: The frequency (or wavelength) at which spectral lines converge.


•  Ionization energy: The minimum energy required to remove a mole of electrons from a mole of gaseous atoms or ions to form a mole of unipositive gaseous ions.








Figure S1.51 is similar to Figure S1.50 except the energy levels have been drawn as straight lines, rather than as circles. In addition, the electron transitions that give rise to the other spectral series have been added.




[image: ]



Figure S1.51 The origin of all the major spectral series in the atomic hydrogen emission spectrum












[image: ]


Top tip!


You do not need to remember the names of the spectral series, but you need to know that all electron transitions to n = 2 from a higher energy level will lead to the release of light in the visible region; all electron transitions to n = 1 from a higher energy level will lead to the release of light in the ultraviolet region; and all electron transitions to n = 3 from a higher energy level will lead to the release of light in the infrared region.












Figure S1.51 above is a simplified diagram showing the origin of the visible emission spectrum of atomic hydrogen (gaseous hydrogen atoms at low pressure).




	
20  Identify three physical quantities about light that could be represented by values on the horizontal axis.


	
21  State whether these quantities are increasing or decreasing from left to right.


	
22  Explain why the emission spectrum of hydrogen consists of a series of spectral lines that converge.


	
23  State which energy level the electron transitions corresponding to the visible lines in the emission spectrum of hydrogen relate to.


	
24  Find out why the emission spectrum of an element is sometimes compared to the fingerprint of a criminal.











If white light is passed through a sample of gaseous atoms, the transmitted light will be missing certain wavelengths of light due to absorption. The absorbed energy has caused electron excitation; electrons have undergone a transition to a higher energy level. These absorptions are observed as black lines against the coloured background of the visible spectrum.


Figure S1.52 shows the relationship between the absorption spectrum and the highest energy series of the emission spectrum of an excited atom of the same element.




[image: ]



Figure S1.52 Relationship between an absorption spectrum and an emission spectrum of atoms of the same element












•  Absorption spectrum: A spectrum of electromagnetic radiation transmitted through a substance, showing dark lines due to absorptions at specific frequencies.








The study of absorption spectra of the Sun and other stars reveals the presence of hydrogen, helium and other elements depending on the type of star, its age and its temperature.






[image: ]


TOK


Do the natural sciences provide us with good examples of people who approach knowledge in a rigorous and responsible way?


Werner Heisenberg (1901–1976) was one of the founders of quantum mechanics and was awarded the Nobel Prize for Physics in 1932. He was not anti-Semitic and did not join the Nazi party, but he was a dedicated German nationalist.


Interestingly, during the Second World War (in September 1941 when German victory in Europe seemed likely), Heisenberg visited Niels Bohr (1885–1962) in Denmark. There has been much speculation about this meeting over the years.


Did Heisenberg try to find out more about the feasibility of nuclear fission from Bohr in order to help develop nuclear weapons for Nazi Germany? Or was he discussing the ethical objections to developing nuclear weapons?


Heisenberg was involved in Nazi Germany’s secret war-time project to develop atomic weapons. Some historians believe he participated in the project to deliberately slow progress and prevent Hitler from having nuclear weapons; other historians believe he tried hard to make an atomic bomb but failed because he did not understand the physics properly.


After the Second World War, Bohr and Heisenberg managed to re-establish their personal and professional relationship, but it was only maintained by their tacit agreement to disagree about their conversation in 1941. Heisenberg always maintained that the German physicists ‘had been spared the difficult moral decision of whether we should build an atomic bomb.’


The issue at stake is whether scientists should develop knowledge responsibly—not in terms of following the scientific method, but in considering whether the knowledge gained will be used as a force for good or evil. There is little doubt that scientific knowledge about how the world works is beneficial: without it we could not harness energy and there would be no medicine. However, neither would there be nuclear and chemical weapons or dying environmental systems. Should scientists seek knowledge (about the energy stored in atoms and how to release it, for example) knowing that the primary application is as a weapon? Is that knowledge valuable in and of itself, or valuable enough to risk that it will not be used as a force for good?


For a full discussion of what might have occurred during the conversations between Bohr and Heisenberg, see www.nww2m.com/2011/09/the-mysterious-meeting-between-niels-bohr-and-werner-heisenberg/












LINKING QUESTION


What qualitative and quantitative data can be collected from instruments such as gas discharge tubes and prisms in the study of emission spectra from gaseous elements and from light?










Determination of ionization energy from an atomic emission spectrum


The ionization energy of hydrogen can be calculated from the point in the atomic emission spectrum where the lines of the Lyman series (Figure S1.53) converge. This is the minimum amount of energy required to remove one mole of electrons from one mole of gaseous hydrogen atoms and can be represented by the equation H(g) → [image: ].




[image: ]



Figure S1.53 The Lyman series in the emission spectrum of atomic hydrogen












[image: ]


Top tip!


If an electron receives enough energy to remove it completely from the attraction of the nucleus, the atom is ionized. The energy required to ionize a mole of gaseous atoms is known as the ionization energy. It is equivalent to the electron transition n = 1 to n = ∞ (infinity).












WORKED EXAMPLE S1.3B


For the atomic hydrogen emission spectrum, the convergence limit occurs at a frequency of 3.27 × 1015 Hz. Calculate the ionization energy for a single hydrogen atom and for a mole of hydrogen atoms.


Answer


Planck’s relationship, E = hf, is used to convert the frequency to energy:


[image: ]


To convert to ionization energy in kilojoules per mole, multiply by the Avogadro constant:


[image: ]














	
25  For the helium atom emission spectrum, the convergence limit occurs at a wavelength of 5.04 × 10−7 m. Calculate the ionization energy for a single helium atom and a mole of helium atoms.


	
26  Explain why the convergence limit in the visible spectrum is not used to calculate the ionization energy.















Going further


Balmer and Rydberg equations


The Swiss mathematician Johann Balmer (1825–1898) examined the five visible lines in the spectrum of the hydrogen atom (Figure S1.54); their wavelengths are 397 nm, 410 nm, 434 nm, 486 nm and 656 nm.


In 1885 he derived an empirical (experimentally determined) relationship for the wavelengths observed in the visible region of the hydrogen atom emission spectrum:


[image: ]


where λ is the wavelength of a specific emission line, n = 2 and m = 3, 4, 5, 6 etc., and h = 3.6456 × 10−7 m (the Balmer constant). Here, n = 2 is the lower level reached by the electron and m = 3, 4, 5… represents the higher energy level from which the electron has undergone a transition.


Balmer’s formula was later found to be a special case of the Rydberg formula derived by Swedish physicist Johannes Rydberg in 1888. Rydberg studied the wavelengths of alkali metals and found he could simplify his calculations using the wavenumber.




[image: ]



Figure S1.54 Balmer series of hydrogen








[image: ]


where RH is the Rydberg constant for hydrogen (≈1.096 78 × 107 m−1), n1 = 2 for Balmer’s formula and n2 > n1. A full explanation of why the Balmer and Rydberg formulas work was not forthcoming until Neils Bohr (1885–1962) developed his atomic model in 1913.


A value for the Rydberg constant can be determined by plotting a graph of reciprocal wavelength (in m−1) for the lines from a chosen spectral series (Lyman, Balmer and so on) against [image: ]. The Rydberg constant is given by the gradient of the plot (Figure S1.55).




[image: ]



Figure S1.55 A graph of the reciprocal wavelength (in m−1) for lines from the Balmer series against [image: ]


















Tool 2: Technology


Use spreadsheets to manipulate data


Calculators and spreadsheets, such as Excel, are widely used for processing and displaying information. Spreadsheets provide a very effective way of processing raw data, particularly when there is a lot of it. They can be used to sort data, carry out calculations, generate graphs, perform statistics and even create simple simulations using formulas in cells.




	
•  (HL only) Construct a spreadsheet with formulas to calculate theoretical wavelengths using the Balmer formula.















LINKING QUESTION


How do emission spectra provide evidence for the existence of different elements?












[image: ]


TOK


What knowledge, if any, is likely to always remain beyond the capabilities of science to investigate or verify?


It is perhaps unwise to explicitly suggest that there will be some physical phenomenon that cannot be investigated by the scientific method. The history of science has many examples of intuition or a fresh perspective leading to new and unexpected scientific knowledge.


August Comte (1798–1857) was a French scientist and philosopher who formulated the doctrine of positivism which, at a simple level, can be described as generating scientific knowledge using empirical data from experimentation.


‘We shall never be able to study, by any method, the chemical composition of stars,’ Comte asserted. He was unaware of the faint radiation from stars that can now be studied spectroscopically to detect the elements present in their atmospheres (Figure S1.56).


However, what are the known unknowns, those things which we believe will remain forever unknown? Are there any? They may include the following:




	
•  Did time have a beginning and does it have an end?


	
•  We have evidence for the Big Bang but can we ever know what happened before?


	
•  Will we ever understand consciousness?





Some of the answers to these questions might be unknowable because (like Comte) we simply cannot imagine that we will ever have the technology or understanding of the universe to provide an answer. Maybe there are answers, but we are not smart enough or skilled enough to find them.


Other questions might be of the sort that simply cannot be answered with the methods we use. For example, our scientific method begins with observations of the world. Without observations there can be no experiments, no scientific hypotheses, no falsifiable predictions. However, this means that phenomena which are not observable pose questions that science cannot answer.




	
•  What happens after death?—a state which, by definition, we cannot observe—is not a scientific question.


	
•  What happened before the beginning of time and space? also refers to something which, by definition, is not observable.


	
•  Why are the scientific laws the way they are and not some other way? is a question which the scientific method is not equipped to answer.







[image: ]



Figure S1.56 The absorption spectra of a B-type (very luminous and blue) star and the Sun (luminous and yellow)






















Orbitals and energy levels


The maximum number of electrons that a main energy level can have is 2n2 where n is the principal quantum number (shell number or main energy level).






•  Principal quantum number (n): Indicates the main energy levels and has values of 1, 2, 3 and so on; the higher the number, the further the electron is from the nucleus.


•  Atomic orbital: A region in space where there is a high probability that an electron of a specific energy may be found. It represents the three-dimensional motion of an electron described by a mathematical wave function.








Electrons can behave as waves and if their behaviour in atoms is modelled mathematically, the result is a series of three-dimensional shapes or atomic orbitals. An orbital is the volume of space around the nucleus of an atom in which there is a very high probability of locating an electron.


Table S1.12 Structure of the first four main energy levels (shells)








	Main energy level (shell) / principal quantum number, n


	Total number of electrons (2n2)

	Type and number of orbitals

	Total number of orbitals










	1

	2

	s (one)

	1






	2

	8

	s (one) p (three)

	4






	3

	18

	s (one) p (three) d (five)

	9






	4

	32

	s (one) p (three) d (five) f (seven)

	16











Spin






[image: ]


Nature of science: Experiments


The Stern-Gerlach experiment


Experiments by Otto Stern and Walther Gerlach, in Germany in the 1920s, showed that an electron has a magnetic dipole moment. In the Stern–Gerlach experiment, a beam of hot atoms was passed through a non-uniform magnetic field. The electrons were deflected either up or down by a constant amount, in roughly equal numbers.


Electromagnetic theory predicts that a spinning electrically charged sphere produces a magnetic dipole: it acts like a tiny bar magnet, with a north and a south pole. The results of the Stern–Gerlach experiment can be explained if the electron is spinning on its axis and the direction of spin is quantized—able to take one of two distinct values: clockwise or anticlockwise. These two directions of spin produce magnetic moments in opposite directions, often described as ‘up’ (given the symbol ↑) and ‘down’ (given the symbol ↓).












•  Spin: A quantum mechanical property of subatomic particles related to their spin about their axis.


•  Spin pair: Two electrons with opposite spins, occupying the same orbital.


•  Sublevel: A subdivision (s, p, d or f) of a main energy level (electron shell).








Electrons (considered as particles) spin and generate a magnetic field. They have two spin states: ‘clockwise’ and ‘anticlockwise’ (Figure S1.57), represented by arrows pointing up and down.




[image: ]



Figure S1.57 Electron spin








In any orbital, the electron spins must be opposite: a single atomic orbital can hold a maximum number of two electrons as a spin pair.


Consider the helium atom. The two electrons in the 1s orbital must have opposite spins: one clockwise and one anticlockwise (Figure S1.58).




[image: ]



Figure S1.58 Permitted and forbidden electron configurations for a helium atom








This type of ‘electrons in boxes’ diagram is often used to show the arrangement of electrons.







Types of orbital


There are four types of orbitals (in atoms in the ground state of the first seven periods) – s, p, d and f – which have different shapes and energies, and form sublevels within each shell. They can be visualized as groups of boxes, as in Figure S1.59, and each box can hold up to two electrons. An s sublevel holds two electrons, a p sublevel holds six electrons, a d sublevel holds 10 electrons and an f sublevel holds 14 electrons.




[image: ]



Figure S1.59 1s, 2p, 3d and 4f sublevels, each containing an unpaired electron, shown as boxes








The s orbitals are spherical and exist individually. Figure S1.60 shows the shapes of the 1s, 2s and 3s orbitals. The 3s orbital is larger and of higher energy than the 2s orbital which, in turn, is larger and of higher energy than the 1s orbital. Each s orbital can hold up to two electrons.




[image: ]



Figure S1.60 a Shapes of s orbitals and b Shapes of three p orbitals from the same sublevel








p orbitals have a dumbbell shape (with two lobes) and exist in groups of three arranged at right angles to each other. They are labelled according to the axis along which they lie. Figure S1.60 shows the shapes and arrangements of three p orbitals from the same sublevel.






[image: ]


Top tip!


For clarity, the three different p orbitals have been drawn separately. In reality, it is assumed that they are all superimposed on top of each other.












•  Lobe: A region of electron density of an atomic orbital pointing away from the nucleus.


•  Degenerate: Quantum states with the same energy.








Each single p orbital can hold up to two electrons. The three p orbitals all have the same energy—the orbitals are said to be degenerate. The 3p orbitals have the same shape as the 2p orbitals but are larger with a lower electron density.








	
27  Deduce the total number of electrons in the fifth main energy level (n = 5) and the number of orbitals in the 5s, 5p and 5d sublevels.











Atoms may also have electrons in d orbitals (from n = 3 onwards) and in f orbitals (from n = 4 onwards). d orbitals exist in groups of five and f orbitals exist in groups of seven.


The five 3d orbitals have five different shapes. Four of these orbitals (3dxy, 3dxz, 3dyz and 3dx2 – y2) consist of four lobes in the same plane as one another and pointing mutually at right angles. The fifth (3dz2) is best represented as a two-lobed orbital surrounded by a ‘doughnut’ of electron density around the nodal plane (Figure S1.61).




[image: ]



Figure S1.61 The shapes of the 3d orbitals








The most important orbitals are those in the outer or valence shells, which are involved in the formation of chemical bonds.


Covalent bonds are formed when orbitals overlap and merge to form molecular orbitals. The electron pair in a single bond occupies a molecular orbital formed by the overlap of an atomic orbital on each atom (Figure S1.62). The atomic orbitals can be s orbitals, p orbitals, or a combination of s and p orbitals.






[image: ]


Top tip!


The shapes of the d orbitals do not need to be known but d orbitals are important in the bonding of transition metal complexes. Their shapes and the orientations of their lobes are used to explain the splitting patterns of the d orbitals in complexes.












LINKING QUESTION


How does an element’s highest main energy level relate to its period number in the periodic table?










[image: ]



Figure S1.62 Molecular orbitals formed by the overlap of s and p atomic orbitals to form sigma bonds where the electron density (shown by the overlap) will be located between the two nuclei












Going further


Penetration and shielding


The electron density of the 1s orbital is shown in Figure S1.63. Notice how the electron density is highest at the nucleus and falls off exponentially with increasing distance from the nucleus (in all directions).


Like the 1s orbital, the 2s orbital is a sphere but its electron density is not a simple exponential function. The 2s orbital has a smaller amount of electron density close to the nucleus.


Most of the electron density is farther away, beyond a region of zero electron density called a node (Figure S1.63). Because most of the 2s electron density is farther from the nucleus than the 1s, the 2s orbital is higher in energy. This means that the 2s orbital is less penetrating and has a smaller shielding effect than the 1s orbital. Shielding describes the amount of screening from nuclear charge that an electron can do compared to its neighbouring electrons. Electrons that are more penetrating can get closer to the nucleus and effectively block out the charge from electrons that are further away.




[image: ]



Figure S1.63 Graph and diagram of the 1s and 2s orbitals


















LINKING QUESTION


What is the relationship between energy sublevels and the block nature of the periodic table?

















Filling atomic orbitals



Figure S1.64 shows the arrangement of s, p, d and f atomic orbitals as boxes, where n represents the main energy level. The higher up the diagram, the greater the energy the electrons have and the further they are from the nucleus (on average).
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Figure S1.64 Orbital structure of atoms












•  Aufbau principle: A principle that gives the order in which atoms’ orbitals are filled from lowest to highest energy in successive elements in the periodic table.


•  Electron configuration (full): The arrangement of all the electrons within the atomic orbitals of an atom.


•  Electron configuration (condensed): Includes the symbol for the nearest noble gas in square brackets and then the symbols for the occupied orbitals that contain valence electrons.












[image: ]


Top tip!


Exceptions to the Aufbau principle may occur when orbitals have similar energies and electron repulsion favour the presence of a single electron in each orbital.








Figure S1.65 shows the order in which atomic orbitals are filled with electrons. Electrons fill the lowest-energy orbitals until these are full and then fill the next lowest levels. This rule is known as the Aufbau principle (Aufbau is German for ‘building up’).




[image: ]



Figure S1.65 Electrons in energy levels or orbitals to show the application of the Aufbau principle










[image: ]



Figure S1.66 The Aufbau principle for filling atomic orbitals with electrons








Figure S1.66 shows the Aufbau principle applied to four atoms: hydrogen, sodium, carbon and sulfur. Electrons are added to their atomic orbitals to produce the most stable electron configuration (this is the ground state). The diagram also shows how the detailed electron configuration of an element can be written on a single line.


Condensed electron configurations can be written by replacing the inner electron configuration with a noble gas symbol. For example, the full configuration of the lithium atom is 1s2 2s1 and the condensed configuration is [He] 2s1.








	
28  Draw electrons in atomic orbitals for a silicon atom with the orbitals arranged in a linear sequence from lowest to highest energy. Label the sublevels with s, p, d and f, as appropriate.











As the principal quantum number (n) increases, the energy levels of the sublevels come close to each other. As a result, overlapping of sublevels occurs. The first overlap occurs between the 3d and 4s sublevels (Figure S1.67). The 3d orbitals are at a slightly higher energy level than the 4s orbitals and so the 4s orbital fills first. The 3d orbitals are filled in the first row of the transition metals: scandium to zinc.
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Figure S1.67 The 3d–4s sublevel overlap










Rules for filling atomic orbitals




	
1  Aufbau principle: electrons enter the lowest available energy level according to the energy levels.


	
2  Pauli exclusion principle: two electrons of opposite spin enter each orbital.


	
3  Hund’s rule: the orbitals of a sublevel (p, d or f) must be occupied singly by electrons (with parallel spins) before they can be occupied in spin pairs.









•  Pauli exclusion principle: A maximum of two electrons (with opposite spins) can occupy an atomic orbital.


•  Hund’s rule: Every orbital in a sublevel is singly occupied with one electron before any one orbital is doubly occupied, and all electrons in singly occupied orbitals have the same spin.


•  Quantum mechanics: A branch of physics that describes the behaviour of light, molecules, atoms and subatomic particles.








Consider two electrons in the orbitals of a 2p sublevel (Figure S1.68). The permitted configuration has two electrons with the same spin.
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Figure S1.68 Permitted electron configurations of two electrons in a 2p sublevel












Going further


Pauli exclusion principle


The Pauli exclusion principle is one of the fundamental principles of quantum mechanics. It can be tested by a simple experiment with liquid helium.


If the two electrons in the 1s orbital of a helium atom (in the ground state) had the same (parallel) spins (↑↑ or ↓↓), their overall magnetic fields would reinforce each other (Figure S1.69). Such an arrangement would make helium gas paramagnetic. Paramagnetic substances are those that contain unpaired electrons and are weakly attracted by a strong magnetic field. However, if the electron spins are paired and antiparallel to each other (↓↑ or ↑↓), the magnetic effects cancel out and the gas is diamagnetic.


Diamagnetic substances do not contain any unpaired electrons and are slightly repelled by a strong magnetic field. Experiments have shown that helium is diamagnetic and therefore the 1s orbital has a spin pair with paired or antiparallel spins.
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Figure S1.69 The a parallel and b antiparallel spins of two electrons. In a the two magnetic fields reinforce each other and in b the two magnetic fields cancel each other.














When an electron is added to an atom, a negative ion is formed. The electron is added to the empty orbital of the lowest energy, for example: F 1s2 2s2 2p5; F− 1s2 2s2 2p6. When an electron is removed from a metal atom, a positive ion is formed. The electron is removed from the occupied orbital with the highest energy, for example: Mg 1s2 2s2 2p6 3s2; Mg2+ 1s2 2s2 2p6.


When one or more electrons absorb thermal or electrical energy, they are promoted into higher energy orbitals. An excited sodium atom is shown in Figure S1.70. The return of the excited electron to the ground state will give rise to emission of electromagnetic radiation corresponding to a specific line in the emission spectrum of gaseous sodium atoms.




[image: ]



Figure S1.70 Orbital notation for sodium atoms in ground and excited states













Transition elements


The elements from scandium to zinc form the first row of the d-block (Table S1.13). This block contains ten metallic elements, because the 3d sublevel contains five 3d orbitals, each able to hold two electrons (a spin pair).


Table S1.13 Outer electron configurations of the first-row d-block metals ([Ar] represents the configuration of the noble gas argon). Electron configurations are condensed configurations and orbital diagrams have arrows representing electrons








	 

	 

	Electron configurations






	Element

	Atomic number

	 

	3d

	4s










	Sc

	21

	[Ar]

	3d1 4s2


	[Ar]

	↑

	 

	 

	 

	 

	↑↓






	Ti

	22

	[Ar]

	3d2 4s2


	[Ar]

	↑

	↑

	 

	 

	 

	↑↓






	V

	23

	[Ar]

	3d3 4s2


	[Ar]

	↑

	↑

	↑

	 

	 

	↑↓






	Cr

	24

	[Ar]

	3d5 4s1


	[Ar]

	↑

	↑

	↑

	↑

	↑

	↑






	Mn

	25

	[Ar]

	3d5 4s2


	[Ar]

	↑

	↑

	↑

	↑

	↑

	↑↓






	Fe

	26

	[Ar]

	3d6 4s2


	[Ar]

	↑↓

	↑

	↑

	↑

	↑

	↑↓






	Co

	27

	[Ar]

	3d7 4s2


	[Ar]

	↑↓

	↑↓

	↑

	↑

	↑

	↑↓






	Ni

	28

	[Ar]

	3d8 4s2


	[Ar]

	↑↓

	↑↓

	↑↓

	↑

	↑

	↑↓






	Cu

	29

	[Ar]

	3d10 4s1


	[Ar]

	↑↓

	↑↓

	↑↓

	↑↓

	↑↓

	↑






	Zn

	30

	[Ar]

	3d10 4s2


	[Ar]

	↑↓

	↑↓

	↑↓

	↑↓

	↑↓

	↑↓









Note that chromium and copper have one 4s electron, not two. This is to allow either a half-filled or a filled d sublevel to be formed: the chromium atom has a 3d5 4s1 configuration and a copper atom is 3d10 4s1.
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Top tip!


A simplified explanation for these observations is that a half-filled or completely filled 3d sublevel is a particularly stable electron configuration. These configurations can be more fully explained using the concept of exchange energy (a quantum-mechanical effect).












WORKED EXAMPLE S1.3C


Deduce the total number of electrons in d orbitals in a tin atom.


Answer


A tin atom has the following electron configuration: 1s2 2s2 2p6 3s2 3p6 3d10 4s2 4p6 4d10 5s2 5p2, so it has 20 d electrons.








The d-block elements form positive ions as they are metals (most are transition metals). This means electrons are removed from the atom and a cation is formed. The 4s electrons are removed before the 3d electrons—this can be seen in, for example, the iron(II) ion, [Ar] 3d6 and the iron(III) ion, [Ar] 3d5; and the copper(I) ion, [Ar] 3d10 and the copper(II) ion, [Ar] 3d9.








	
29  Write full and condensed electron configurations for the following:

[image: ]


Assume all atoms and ions are gaseous and in the ground state.
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ATL S1.3B


Quantum numbers specify the properties of the atomic orbitals and the electrons in those orbitals. An electron in an atom has four quantum numbers to describe its state, including its energy and spin. Research and make a presentation to your class on the four quantum numbers and apply them to the atoms of the first ten elements.
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TOK


Does the precision of the language used in the natural sciences successfully eliminate all ambiguity?


A traditional view of language in science is that it plays a passive role: it is simply a ‘vehicle’ conveying meaning and information from one person to another. Attempting to express a new scientific idea becomes simply ‘trying to find the right words’. Such an attitude is an extension of the assumption that the essential role of language is to transport a cargo which has meaning or content.


However, many scientists and philosophers, including Niels Bohr, consider that language plays a more active role than is implied by this model. Bohr made the point that scientific investigations do not just employ mathematical analysis; they also include discussions centred around concepts that are described by words. Quoting Bohr:


Quantum mechanics provides us with a striking illustration of the fact that though we can fully understand a connection we can only speak of it in images and parables. We must be clear that when it comes to atoms, language can only be used as in poetry. The poet, too, is not so nearly concerned with describing facts as with creating images and establishing mental connections.


During a paradigm shift—a change in scientific perspective, such as the move from classical mechanics to quantum mechanics—the meaning of words often changes. Like a map, the availability and choice of certain concepts and terms may constrain the knowledge being sought. Bohr argued that some words (such as position, momentum, space and time) refer to classical concepts which are irrelevant to quantum theory. He also believed that it was not possible to easily modify or change the meanings of words used to describe classical concepts. This is the challenge faced by emerging paradigms of how to describe the natural world: until the new language, or the new understanding of old concepts, is developed and accepted, it is difficult to shift our descriptions of the world.


One example is the term ‘spin’. In the classical paradigm, spin is defined as the number of rotations a particle must make to regain its original state and ‘look’ exactly ‘the same’. For example, an asymmetrical object like a book requires a complete rotation of 360° in order to appear as it did before it was turned round. It has a spin of 1: it is back in the same state after a full rotation.


However, the spin of a particle is a purely quantum-mechanical quantity. Electrons are assigned a spin number of ±½. A spin −½ particle needs two full rotations (2 × 360° = 720°) in order to return to the same state. There is nothing in our classical, macroscopic world which has a symmetry like that.
















Ionization energies


Ionization energy (sometimes abbreviated to IE) is a measure of the amount of energy needed to remove one mole of electrons from gaseous atoms. As electrons are negatively charged and protons in the nucleus are positively charged, there is electrostatic attraction between them.


The greater the electrostatic ‘pull’ of the nucleus, the harder it is to remove an electron from an atom. The first ionization energy is the minimum energy required to convert one mole of gaseous atoms into gaseous ions with a single positive charge.


Ionization energies are always endothermic: energy has to be absorbed and work done so that the negatively charged electron can be removed from the influence of the positively charged nucleus.




[image: ]



Figure S1.71 Electrostatic forces operating on the outer or valence electron in a lithium atom








For example, the first ionization energy of chlorine is the energy required to bring about the process [image: ]. The electron is removed from the outer 3p sublevel of the chlorine atom. Figure S1.71 shows the removal of the outer 2s electron of a lithium atom (Li) and the formation of its cation (Li+).
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Top tip!


Ionization energies are always endothermic, even for reactive group 1 metals. Ionization energies are measured for isolated gas-phase atoms. Ions are more stable, and hence lower in energy, when in a lattice or hydrated in aqueous solution.










Factors that affect ionization energy




Atomic radius


As the distance of the outer electrons from the nucleus increases, the attraction of the positive nucleus for the negatively charged electrons falls. This causes the ionization energy to decrease.







Nuclear charge


When the nuclear charge becomes more positive (due to the presence of additional protons), its attraction on all the electrons increases. This causes the ionization energy to increase.







Shielding effect


The outer or valence electrons are repelled by all the other electrons in the atom in addition to being attracted by the positively charged nucleus. The outer valence electrons are shielded from the attraction of the nucleus (Figure S1.72) due to the presence of the inner electrons (core electrons).






•  Shielding: For atoms or ions with more than one electron, the effect that electrons have on each other in terms of shielding and hence reducing the nuclear charge experienced by the valence (outer) electrons.
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Figure S1.72 The shielding effect
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Common mistake


Misconception: A low value of ionization energy means it is harder to remove an electron from an atom.


The lower the value of the ionization energy, the easier it is to remove an electron from an atom since less energy is required.








In general, the shielding effect is greatest when the electrons are close to the nucleus. Consequently, electrons in the first shell, where there is high electron density, have a stronger shielding effect than electrons in the second shell, which have a stronger shielding effect than electrons in the third shell. Electrons added to the same shell have a relatively small shielding effect. The simplest model of electron shielding is that each inner electron shields one unit of nuclear charge irrespective of the energy level it is in.






Going further


Effective nuclear charges


The attractive force experienced by valence electrons is known as the effective nuclear charge (ENC). It can be approximated by the expression:


ENC = nuclear charge (proton number) − number of shielding (inner) electrons


The greater the ENC, the greater the amount of energy needed to remove the electron (Table S1.14). The simple ENC calculations suggest sodium will have the lowest IE and chlorine will have the highest IE. ENC increases across a period of elements and decreases down a group of elements.


Table S1.14 Calculation of ENC for selected atoms








	Element and electron arrangement

	Nuclear charge

	Number of core electrons

	ENC










	Na (2,8,1)

	+11

	10

	+1






	Mg (2,8,2)

	+12

	10

	+2






	P (2,8,5)

	+15

	10

	+5






	Cl (2,8,7)

	+17

	10

	+7
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Common mistake


Misconception: The electrons in an inner shell of an atom set up a barrier to the attractive force between the nucleus and electrons in an outer shell.


The inner (core) electrons of an atom approach more closely to the nucleus and so partially neutralize its charge.
















Ionization energies down a group and across a period


Figure S1.73 shows a plot of the first ionization energies for atoms of the first forty elements. Some clear trends can be observed for the elements before the transition metals (d-block).




[image: ]



Figure S1.73 First ionization energies for atoms of elements 1 to 40











Changes down a group


Figure S1.73 shows that down a particular group, for example from helium to neon to argon, or from lithium to sodium to potassium, ionization energies decrease. The larger the atom, the less energy is needed to remove an electron from it and the lower the value of the first ionization energy.


The larger the radius of the atom, the larger the distance between the outer electron and the nucleus, so the smaller the electrostatic attraction between them. The increase in nuclear charge (due to an increase in proton number) down a group is cancelled by electron shielding, with more core electrons located between the nucleus and the valence electrons, reducing the charge on the nucleus.








	
30  Explain why the hydrogen atom, H(g), has a smaller value of first ionization energy than the helium ion, He+(g).
















Changes across a period


Ionization energies tend to increase across a period: atoms of the group 1 elements (the alkali metals) have the lowest ionization energy within each period, and atoms of the noble gases in group 18 have the highest values. However, the increase is not uniform. For example, in periods 2 and 3 there are dips between groups 2 and 13 and between groups 15 and 16.
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Figure S1.74 A diagram illustrating how the balance between electron shielding and nuclear charge changes across period 2








Going across a period, the atom of each element has an extra proton in the nucleus and an extra electron in the outermost (valence) shell, increasing the attractive force between electrons and the nucleus. The additional valence electron enters the same shell (main energy level). Because electrons in the same shell are at (approximately) the same distance from the nucleus, the increase in shielding is very small (Figure S1.74). Thus, the effective nuclear charge increases, the atomic radius is reduced, and the increased electrostatic attraction results in a greater ionization energy across the period.
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