Chapter 7 - ATOMIC STRUCTURE

The Atomic Composition:


Particles
Mass (u)
     Rel. Charge
Abs. Charge_____


Proton

1.00728

+1

+1.609 x 10-19 C


Neutron
1.00866
  
  0

  0


Electron
0.00055
 
 -1

-1.609 x 10-19 C


———————————————————————————————————


(1 u = 1.6605 x 10-24 g = 1.6605 x 10-27 kg)

Atom contains protons and neutrons that form the nucleus, and electrons occupying the space outside the nucleus. The number of protons (referred to as the atomic number) determines the identity of the atom; neutrons provide nuclear stability and together with protons, they account for most of the atomic mass. The atom contains a vast empty space where electrons are supposed to be present. Electrons may be transferred from one atom to another during chemical reactions, which converts neutral atoms into cations and anions. Although electrons are associated with the chemical properties of elements, it is the manner in which electrons are arranged in the atom (called the electron configuration) that actually characterizes the chemical property of an atom.

7.1 Electromagnetic Radiation and Wave


Much of our understanding of the electronic structure of atoms comes from observations of how matter interacts with light. Light, also known as electromagnetic radiation, is a form of transverse wave that is characterized by the wavelength (), frequency (), and velocity or speed (c), such that, c = .  In a given medium the speed of light is constant, and the speed of light in a vacuum is 2.9979 x 108 m/s.  Since the speed c =   is a constant, the frequency () and the wavelength () are inversely proportional to each other.  Frequency () has the unit s-1 or hertz (Hz), where 1 s-1 = 1 Hz; while the unit for wavelength ranges from picometer (pm) for -radiation to km for TV and radar. The maximum height of a wave on the y-axis, measured from the axis of propagation, is called the amplitude, which oscillates between a positive maximum (peak) to negative minimum (trough) along the y-axis as the wave propagates horizontally along the x-axis.  Along the axis of propagation the wave has zero amplitude, and this is called the nodes.

Consider an orange light with  = 6.00 x 102 nm, which has a frequency equal to:



 = 6.00 x 102 nm x (1 x 10-9 m/1 nm) = 6.00 x 10-7 m



 = c/ = (2.9979 x 108 m/s)/(6.00 x 10-7 m) = 5.00 x 1014 s-1 (Hz)

Exercise-1

1.
A radio station broadcasts on a frequency of 88.5 MHz.  What is the wavelength of this radiation in meters and nm, respectively?  (c = 2.9979 x 108 m/s) 


(Answer:  = 3.39 m; 3.39 x 109 nm)

2.
What is the frequency of light with a wavelength of 656 nm and 410. nm, respectively?


(Answer:  = 4.57 x 1014 Hz;   = 7.31 x 1014 Hz

3.
(a) Which has the higher frequency, a red light or blue light?  (b) Which has the longer wavelength, a red light or blue light? (Answer: (a) blue light;  (b) red light)

7.2  The Nature of Matter

Before the 20th century, matter and energy were treated as two separate entities that do not intermingle with each other. Matter was strictly treated as particulate with definite masses, volumes, and a defined location in space. While energy was described as a wave, which has no mass and undefined position in space.

In 1900, Max Planck proposed the quantum theory, which postulates that radiation energy is emitted in “packets” called quanta, such that the energy of each quantum is proportional to the frequency () of the radiation.



E = nh = nhc/;

Where, n is an integer: 1, 2, 3,…, and h = 6.626 x 10-34 J.s. is called the Planck’s constant. Radiation energy is emitted in an integer multiple of h. For example, if an object emits an orange light with a wavelength of 590 nm, a quantum of its radiation energy would have the value,

E = h hc/) = (6.626 x 10-34 J.s)(2.9979 x 108 m.s-1)/(5.90 x 10-7 m)  

  = 3.34 x 10-19 J

The energy of a mole of quanta = (3.34 x 10-19 J) x (6.02 x 1023 /mol) = 2.01 x 105 J/mol

Exercise-2

1.
What is the frequency and radiation energy per quantum of a green light with a wavelength of 486 nm?  What is the energy in kilojoules per mole of quanta?


(Answer: 4.09 x 10-19 J/quantum;  246 kJ/mol)

2.
Copper(I) chloride, CuCl, when burned emits blue light with a wavelength of 4.50 x 102 nm. What is its energy per quantum for this light? (1 nm = 10-9 m)


(Answer: 4.42 x 10-19 J/quantum)

___________________________________________________________________________

Einstein’s Explanations of  The Photoelectric Effect.

In 1887, Heinrich Hertz discovered that an electric current could be produced by shining light of appropriate wavelength onto the surface of a metal connected to an electrical circuit.  This phenomenon is called photoelectric effect. The light beam may be used like a switch to turn the electricity on and off. Experiments on photoelectric effect showed that for a given metal, there is a “threshold” energy value, referred to as the work function, that must be overcome in order to produce photoelectric current. No photoelectric current is produced if light with energy less than this “threshold” value is used. Also different metals were found to exhibit different work function. This minimum energy value was found to be associated with the frequency of light only. 



To explain the phenomenon of photoelectric effects, Einstein (in 1905) proposed that a beam of light is composed of a stream of energy quanta called photons. The energy of each photon, Ep, depends only on the frequency of light: Ep = h = hc/
According to Einstein, the intensity of light is proportional to the photon density of the light beam. When light strikes a metal surface, a photon carrying a quantum of energy is absorbed by an electron on the metal surface. He suggested that, in order to produce photoelectric effect on a certain metal, each photon must have sufficient energy to overcome the binding energy of the electron. If the photon energy absorbed by the electron is greater than the work function (Eo), electron will be ejected from the metal surface and the excess energy is converted into the kinetic energy (ek) of the ejected electrons. That is,

ek = E - Eo
(Eo = threshold energy)

ek = h - ho
(o = threshold frequency)



½meve2 = h( - o) = hc(1/ - 1/o);

For light with energy greater than the work function, the higher the intensity, the more electrons will be ejected and more photoelectric current will be produced. However, the kinetic energy of ejected electrons does not change, unless the light frequency is increased. 

Exercise-3:

1.
The threshold frequency for platinum is 1.3 x 1015 s-1. What is the minimum light energy per photon needed to produce photoelectric effect on platinum? Can uv light with a wavelength of 210 nm cause photoelectric effect on platinum? If the answer is yes, Calculate the kinetic energy of an electron ejected by light of wavelength 210 nm.


(Answer: 8.6 x 10-19 J/quantum;  Yes, 8.5 x 10-20 J)

2.
A typical microwave oven uses radiation with a wavelength of 12.2 cm.  Calculate the energy, in joules, of (a) a photon; (b) a mole of photons, from a microwave oven.  


(Answer: (a) 1.63 x 10-24 J/photon;  (b) 0.981 J)

___________________________________________________________________________

The work of Max Planck and Einstein lead to the following conclusions:

· The energy of matter is quantized – it occurs in discrete units called quanta.

· Light exhibits dual characteristics – it may be explained as a wave character as well as particle character. Certain properties of light, such as light diffraction and interference are best explained using the wave property. Whereas phenomenon like photoelectric effect and radiation energy are best explained using the quantum mechanic concept. 

From Einstein’s equation of relativity, E = mc2, and the equation for photon energy, E = hc/, we obtain the following relationship between mass and wavelength: 



E = hc/ = mc2;   (    = h/mc
This expression associates light both as wave with wavelength  and as particle with mass m. (Does photon has mass in the real sense? Can we collect photons and weigh them? The answer is NO. Photon has no rest mass like a golf ball. It only has mass in a relativistic sense.)

In 1924, a French physicist named Louis de Broglie (1892-1987) suggested that if light has particulate characteristics, then it is possible that matter may also have a wave-like characteristics. He proposed that a particle of mass m traveling at speed v would exhibit a wave property, such that,

 = h/mv  (which is similar to  = h/mc)

The de Broglie equation suggests that matter and energy are not separate entities. The wave characteristics of massive particles like protons and neutrons are insignificant compared to its particulate character, because the value of the Planck’s constant h is negligible compared to their masses. While matter with negligible mass (like photons) show mainly the wave characteristics. On the other hand, matter with an intermediate mass, such as protons, neutrons, and electrons, would be expected to show both the particle and wave properties. In fact, the wave property of electrons was demonstrated by the diffraction of electron beams and this property is employed in electron microscopy. In 1927, C. J. Davisson and L. H. Germer, working at the Bell Telephone Laboratories in N.J., observed that a beam of electrons was diffracted upon passing through a thin metal foil. Thus, it demonstrated the wave-like nature of electrons. This discovery led to the development of the electron diffraction microscopy.

Exercise-4:

1.
Calculate the wavelength () associated with (a) an electron, and (b) a neutron, each traveling at 40.0% the speed of light.  

(h = 6.63 x 10-34 J.s;  c = 3.00 x 108 m/s; me = 9.11 x 10-31 kg; mn = 1.73 x 10-27 kg)

(Answer: (a) 6.06 pm;  (b) 3.19 x 10-3 pm)

2.
How fast should an electron travel in order to exhibit a wavelength of 0.100 nm?


(Answer: 7.28 x 106 m/s)

___________________________________________________________________________

Interactions of Matter with Light

Light consists of a wide spectrum of frequencies and wavelengths.  Only a small portion of the light spectrum is visible to our naked eyes and this is called the visible region, which spans from the edge of red color ( = 780 nm) to the violet color ( = 400 nm). The interactions of matter with specific regions of the light spectrum cause certain changes, such as the electron configuration, vibrational and rotational energy, as well as the nuclear system of the substance.  The following table lists some of these interactions and what changes might result from them.

Changes in matter associated with various types of Electromagnetic Radiations

—————————————————————————————————————————
Radiation
Approx. 
Frequency ()

Associated change in matter


—————————————————————————————————————————
-rays

0.01 pm
~ 1022 Hz

changes in nuclear structure

X-rays

0.1 nm

~ 1018 Hz

Inner-shell electronic transition

uv-radiation
200 nm
~ 1015 Hz

(Outer-shell electron transitions in 

visible region
500 nm
~ 1014 Hz

(atoms and molecules.

IR radiation
15 m

~ 1013 Hz

vibrations of atoms in molecules

Microwave
1 cm

~ 1010 Hz

Rotation of molecules

Radio (NMR)
10 m

~ 107 Hz

modification of nuclear spins 

Television
1 km

~ 105 Hz

translational motion of molecules

—————————————————————————————————————————
7.3  The Atomic Spectrum of Hydrogen

When an ordinary light passes through a prism or a diffraction grating, it produces a continuous spectrum, which contains light of all wavelength. However, light emitted from a discharged gas, when passed through a prism, produces a spectrum that contains several (discrete) lines with specific wavelengths and frequencies characteristics of the element. For example, the emission spectrum from a hydrogen gas discharge shows four (4) discrete lines in the visible region, at wavelengths 656.3, 486.1, 434.0 and 410.1 nm. This line spectrum is characteristics for hydrogen gas; other gases exhibit different sets of line spectra. In fact, elements produce flame with distinctive colors that can be used for their identification.  The following table lists some elements and their distinctive flame colors.


Elements
Flame Color

Element
Flame Color_____


Lithium
carmine

Calcium
orange-red


Sodium
orange-yellow

Strontium
brick-red


Potassium
violet


Barium

yellowish green


Rubidium
red


Copper

azure blue


______________________________________________________

Hydrogen discharge lamp appears red because of the prominently intense red line at 656.3 nm; while sodium vapor produces an orange flame due to two intense lines at about 588 nm.  In 1885,  Johann Balmer introduced the following mathematical expression to correlate visible lines in the hydrogen spectrum:


 1/ = RH(1/22  -  1/n2); 
(where n = 3, 4, 5,....,  and  RH = 1.097 x 107 m-1)

Spectral lines that conform to the Balmer’s formula are called the Balmer series. For hydrogen spectrum, the Balmer’s series occurs in the visible region of light.  Other series of lines are also observed in different regions of the light spectrum.  For example, the set of spectral lines that appear in the uv region is called the Lyman series, which are defined by the expression:


1/ = RH(1  -  1/n2);

(where n = 2, 3, 4, 5, ..., and RH =  1.097 x 107 m-1)

The following mathematical expressions describe various spectral series of the hydrogen spectrum:


1.
1/  =  RH(1/n12  -  1/n22);   (where,  n1 = 1, 2, 3, 4, 5, ...;  n2 > n1)

2.
 = RHc(1/n12  -  1/n22);
(c = 2.998 x 108 m/s)

Different spectral series for hydrogen are defined by the values of n1 and n2.


Spectral series
n1
   n2


EM Region


———————————————————————————————————


Lyman


1
2, 3, 4, 5,....

ultraviolet


Balmer


2
3, 4, 5, 6,....

visible region


Paschen

3
4, 5, 6, 7,....

infrared


Brackett

4
5, 6, 7, 8,....

infrared


Pfund


5
6, 7, 8, 9,....

infrared

         ————————————————————————————————————

Exercise-5:

1. 
Calculate the wavelength of the line in the following spectra:


(a) Lyman series, where n2 = 2;  



(Answer:  = 121.5 nm)

  (b) Balmer series, where n2 = 5;



(Answer:  = 434.1 nm)

2.
The first line in the Balmer series of hydrogen spectrum has a wavelength of 656.3 nm.  What is the energy in joules of a photon in this emission? (Answer: Ep = 3.027 x 10-19 J)

___________________________________________________________________________


Line spectrum for hydrogen suggests that the energy of hydrogen atoms is quantized and this energy only changes by a specific amount. That is, hydrogen atom contains discrete energy levels where its electron can exist. Changes in electron energy occur in discrete quantities that are represented by the wavelengths of emitted light. A change in energy as a result of electronic transitions from a higher to lower levels will produce an emission whose frequency and wavelength can be calculated from the Planck’s equation:



E = h = hc/;  (     = E/h;
  =  hc/E

7.4  The Bohr Model

In 1913, Niels Bohr (1885 – 1962) an atomic model that use the quantum concept to explain the spectral pattern of hydrogen.  The Bohr’s model for the hydrogen atom is based on the following assumptions:

1.
Electron moves around the nucleus in one of a set of allowed orbits.  

2.
While in a particular orbit, electron does not lose or gain energy. This is called the stationary state.  (Here, "stationary" implies that electron stays in the same orbit.)

3.
Only a particular set of orbits are allowed and these are those with radii that satisfy an angular momentum, mevr, restricted to values that depend only on the integer n.  That is, 

mevr =  n(h/2);


where n = 1, 2, 3,....; me is the mass of an electron and u is its speed (velocity).  n is also known as the principal quantum number.  

4.
When an electron jumps from an outer orbit (one further away from the nucleus) to an inner one (one closer to the nucleus), a quantum of energy is emitted as light (electromagnetic radiation). This energy is equal to the energy difference (E) between the two orbits.  If it jumps from an inner to the outer orbits, a quantum of radiation energy is absorbed.

The energy level of each orbit in the Bohr's model for hydrogen may be calculated using the equation:



En =  - RHhc(1/n2)  = - 2.179 x 10-18 J(1/n2)

where RHhc = (1.097 X 107 m-1) (6.626 x 10-34 J.s) (2.998 x 108 m.s-1) = 2.179 x 10-18 J;

n being the principal quantum number that define the electronic energy levels.

E = h  = hc/;     = E/h;
 = hc/E

For hydrogen atoms, the lowest energy level for an electron is 

E1 = -2.179 x 10-18 J;   (this is called the ground state)

The second energy level, which corresponds to Bohr's second orbit, has an energy, 

E2 = -2.179 x 10-18 J (1/22) = -5.448 x 10-19 J 

Using similar calculations, energy levels in the hydrogen atom can be computed to yield the following values:  E3 = -2.421 x 10-19 J;  E4 = -1.362 x 10-19 J, and  E5 = -8.716 x 10-20 J.

At infinite distance from the nucleus, E( = 0.0000 J. The minimum energy needed to remove an electron from a hydrogen atom is 2.179 x 10-18 J if the electron were initially at level n = 1, or 5.448 x 10-19 J if the electron were initially at level n = 2.


Bohr explained that each line in the hydrogen spectrum is due to the energy change when electrons jump from an outer (higher energy) to an inner (lower energy) orbits.  For example, when an electron jumps from the third orbit (n = 3) to the second orbit (n = 2), the energy change corresponding to this jump is,

E = E2 - E3 = - 5.448 x 10-19 J - (- 2.421 x 10-19 J)

                  = - 3.027 x 10-19 J  (the negative value => energy is emitted)

The photon energy that corresponds to this electron transition is  

Ep = 3.027 x 10-19 J, which corresponds to the wavelength  656.3 nm.

The wavelength of light emitted is calculated as follows:


 = hc/Ep = (6.626 x 10-34 J.s)(2.998 x 108 m/s)/(3.027 x 10-19 J)  

    = 6.563 x 10-7 m  = 656.3 nm.

An electron jumping from energy level E2 to E1 is associated with an energy change, E = 1.634 x 10-18 J, and such an electron would have to absorb a photon of light with wavelength  = 121.7 nm.  If all electrons were initially at energy level E1, then each electron must absorb a quantum (fixed amount) of energy, such as 1.634 x 10-18 J, 1.937 x 10-18 J, 2.043 x 10-18 J, etc., to be excited to the energy levels, E2, E3, E4, etc.  Once excited, electrons will return to the lower energy levels, but not necessarily all to level E1. When it does, energy is released in the form of electromagnetic radiation that shows fixed frequencies and wavelengths. 

The corresponding radii of Bohr's orbits in hydrogen atom can be calculated from the expression:  rn = n2ao;  where ao = 52.9 pm is called the Bohr's radius, that is, the orbit radius with n = 1;  rn is the radius of the nth orbit for an electron moving around the hydrogen nucleus.  The radii of the 2nd. and 3rd. orbits in the hydrogen atom are:  r2 = 212 pm  and  r3 = 476 pm.

The Failure of Bohr's Model
The Bohr's model fits well for hydrogen atom as well as for species containing only one electron, such as He+, Li2+, etc.. 

For He+,  E1 = - 2.179 x 10-18 J(Z2/n2) = - 2.179 x 10-18 J(22/12)  = - 8.716 x 10-18 J;

For Li2+,  E1 = - 2.179 x 10-18 J(Z2/n2)  = - 2.179 x 10-18 J(32/12)  = - 1.961 x 10-17 J

Bohr's model fails to explain the atomic spectra of species containing more than one electron. 

The Uncertainty Principle

The failure of Bohr’s model is explained by the Heisenberg uncertainty principle, which states that, it is impossible to simultaneously determine both the location and the momentum or energy of an electron in atom with any degree of certainty. 

The Heisenberg uncertainty principle is given by the expression,  x.(mv) > h/4;

where, x refers to the uncertainty in finding the location of an electron, and (mv) refers to the uncertainty in determining its momentum (which is related to energy). When both the location and momentum of a particle is determined, the minimum uncertainty in the product x.(mv) is h/4. This uncertainty will be negligible when applied to macroscopic objects such as baseballs or golf balls. However, for a subatomic particle like the electron, the limitation becomes quite important. Therefore, if we attempt to determine both the location and the energy of an electron in an atom, the resulting error will be much too large for the energy value and the location to be meaningful.  


For example, assuming that an electron has a diameter of about 10-14 m (0.01 pm). In order to locate this electron in an atom we would need a very high precision microscope that is illuminated with light having a wavelength in the order of 10-14 m. Such light would have a frequency in the order of 1022 Hz and an energy of about 10-11 J. This energy is several order of magnitude larger than the ionization energy for hydrogen. A photon with an energy in this magnitude would easily knock the electron out of an atom. The uncertainty principle implies that we cannot know the actual motion of an electron in the atom. It is therefore not appropriate to assume that the electron is moving around the nucleus in a well-defined path as defined by an orbit (as suggested by the Bohr model). 

7.5  The Quantum Mechanical Model of Atom
Traveling Wave versus Standing Wave

Light waves and water waves are examples of traveling waves, which may acquire any values of wavelength and frequencies. Waves formed by a vibrating string tied at both ends, such as a guitar string, are called the standing or stationary wave. This type of waves propagates within a specific boundary such that their wavelengths are governed by the equation:  = 2L/n;  where L = distance between the two boundaries, and n is an integer (1, 2, 3,...).  Like traveling waves, standing waves are also characterized by having two or more points of zero amplitude called nodes.  The distance between consecutive nodes is always /2.

The de Broglie wave-mechanic concept suggests that an electron in hydrogen atom has the standing wave property. If this electron moves in a wave-like pattern around the nucleus, its orbit must have a circumference that is a whole number multiple of the wavelength. This is basically a quantization of standing electron waves in atoms.

In 1927, Erwin Schrödinger (1887-1961), an Austrian theoretical physicist, used this standing wave and de Broglie’s particle wave models to derive a wave equation to describe the wave-mechanic behavior of an electron in atom.  Schrödinger’s equation has the form:  Ĥ = E;  where (x, y, z), called the wave function, is a function of the coordinates (x, y, and z) of the electron’s position in three-dimensional space. Ĥ is a set of mathematical operators, which when carried out on the wave equation, produces the total energy E of the electron in atom. This total energy is the sum of potential energy due to the attraction between proton and electron and the kinetic energy of the moving electron). The solution to this complex Schrödinger’s equation is a wave function  that is characterized by a particular value of E.  Most importantly, the square of this wave function ||2 yield a probability space (or region) called orbital that defines the probable location where an electron is most likely to be found. However, the wave function does not predict the manner in which an electron moves inside the atom. The following points should be noted.

1.
The energy of an electron in atom is described using a standing wave concept and only certain wave functions () are allowed.

2.
Each wave function  relates to a particular energy value for the electron.  For each integer n there is an atomic state characterized by its own wave function n and an energy value En.

3.
The square of the wave function ||2 represents a probability distribution for the probable location of electron inside atom. In the Schrodinger’s wave equation, the energy of the electron is defined, but only the probability of its location is calculated.  Thus, the wave function conforms to the Heisenberg uncertainty principle.

4.
To solve the Schrodinger’s wave equation for an electron in a three-dimensional space requires the inclusion of three integer values, which are called the quantum numbers n, l, and ml.  These quantum numbers may have only certain combinations of values.  

5.
When a specific combination of quantum numbers is assigned to the wave function, the square of the resulting wave function yields a probability space called orbital.  Each orbital is described in terms of the combinations of these quantum numbers.

Schrodinger’s wave function conforms to the Heisenberg uncertainty principle – that is, if we assign a specific energy value to the electron, then we can only calculate the probability of locating the electron within a given space in the atom. Orbital are arranged about the nucleus according to their energy and sizes. 

7.6  Quantum Numbers

When the Schrodinger’s wave equation is solved, it yields many orbital, each of which is characterized by a set of three numbers called quantum numbers, which describes the energy, size, shape, and the number of orbital of each type.  They are called the principal quantum number n, the angular momentum quantum number l, and the magnetic quantum number ml.


The principal quantum number, n, defines the main energy level (also called electronic shell) and the size of the orbital.  It is assigned the integer values: 1, 2, 3,...etc.  As n increases, the energy and size of the orbital also increase.  Upper case letters, K (n = 1), L (n = 2), M (n = 3, N (n = 4), etc., are sometimes used to denote the electronic shells.  


The angular momentum quantum number, l, (also called the orbital quantum number), represents the subshells or sublevels within a given principal shell.  It describes the shape of the orbital.  Within a given shell, the orbital quantum number may be assigned any value from 0 to (n - 1).  The sublevels and orbital also use the lower case letters for the symbols, which are: s, p, d, and f,...,corresponding to l = 0, 1, 2, and 3, respectively.  

For example, the notation 3s, 3p, and 3d, describe three different sets of orbital within the third shell (n = 3).  Each of these sets contains orbital with shapes that are different from those found in other subshells. The quantum notation 1s, 2s and 3s correspond to three sets of orbital in different shells that contain orbital that are similar in shape, but different in sizes and energy. All s orbital have spherical shape, but the size increases as the principal quantum number n increases; that is 1s <2s < 3s. 


Each p-subshell contains three orbital, px, py, and pz, each of which has two identical lobes, like a dumb-bell.  All p orbital have the same shape - the dumb-bell shape, with a nodal plane running through the nucleus, but they have different sizes depending on which shells (principal energy levels) they are located; thus, 4p > 3p > 2p, (there is no 1p orbital).  Electrons may occupy any one of these orbital, but the probability or electron density decreases and approaches zero at regions near the nucleus. 


The magnetic quantum number, ml, describes the relative orientation of the orbital in the x-, y-, and z-coordinates.  For each subshell, ml takes values = 0, ±1, ±2, ±3,..,+l.   Thus, for each l value there are (2l + 1) values for ml. It also describes the total number of orbital in each subshell defined by the value l.  For example, when n = 2, and l = 0, ml = 0, implying that the 2s subshell has one orbital only.  But, when n = 2, and l = 1, ml has three possible values, -1, 0, and +1, which implies that there are three p-orbital in the 2p sublevel. (Other p-subshells also have three orbital per set). 

7.7  Orbital Shapes and Energy

Although probability has no external boundary, an orbital is assigned an arbitrary boundary such that within this boundary, the chances of finding an electron with a particular energy value is greater than 90%. The size and shape of the orbital is determined by the quantum numbers n and l. 

· All orbital with l = 0 such as 1s, 2s, and 3s are spherical, but their sizes increase as the principal quantum number n increases. Unlike the 1s orbital, the 2s and 3s orbital contain regions of high probability separated by areas of zero probability called nodes. For s orbital, the number of radial nodes is (n – 1). Therefore, 1s orbital has no radial nodes, 2s has one radial node, 3s has 2 radial nodes, etc.

· There are three p-orbital in each sublevel with l = 1. Each p-orbital has two lobes – like a dumb-bell shape - and a nodal plane through the nucleus. For the p orbital, the number of nodal planes = l and the number of radial nodes = (n – l – 1). Thus, the 2p orbital has one nodal plane each, but no radial node; the 3p orbital has one nodal plane and one radial node; while the 4p orbital has one nodal plane and two radial nodes.

· The d orbital first occur in level n = 3; there is no 1d or 2d. The five 3d-orbitals are 3dxz, 3dxy, 3dyz, 3dx2 – y2, and 3dz2. Each of the four 3d-orbitals (3dxz, 3dxy, 3dyz, and 3dx2 – y2) has four lobes, with two nodal planes passing through the nucleus. The lobes for 3dxz, 3dxy, and 3dyz lie on the planes between the respective axes; while the four lobes in the 3dx2 – y2 orbital lie along the xy-axes. The 4d and 5d orbital also look like the 3d but have larger lobes. 

· The f orbital first occurs is level n = 4, and their shapes are more complex.

In the hydrogen atom, the energy of a particular orbital is determined only by the principal quantum number n. Thus, all orbital in the same principal energy level, such as 3s, 3p, and 3d, all have the same energy – they are said to be degenerate. The one electron in hydrogen atom may occupy any of its atomic orbital, but when in the lowest energy state, called the ground state, this electron resides in the 1s orbital. If the atom absorbs sufficient amount of energy, the electron may be excited to a higher-energy orbital, producing an excited state.

7.8  Electron Spin and the Pauli Exclusion Principle

A set of three quantum numbers, n, l, and ml, are required to describe any orbital in an atom.  However, a fourth quantum number, called the spin quantum number, ms, is needed to describe a particular electron in an atom.  ms can only have one of the two possible values, which is ½  or –½, which indicates the direction of electron spin.  This fourth quantum number is the result of observations that a beam of atoms containing odd number of electrons is split into two after passing though a strong magnetic field.

The significance of electron spins is associated with the Pauli exclusion principle, which states that, in a given atom no two electrons can have the same set of four quantum numbers (n, l, ml, and ms). This postulate suggests that if two electrons occupy the same orbital, they must have opposite spins, that is, different values of ms. As a consequence of the Pauli exclusion principle, an orbital may accommodate a maximum number of two electrons.

ELECTRONIC SHELLS, SUBSHELLS, AND QUANTUM NUMBERS

-----------------------------------------------------------------------------------------------------

Principal

  Shell:
1st
   2nd


3rd


  4th

----------------------------------------------------------------------------------------------------

Quantum  Nos:


n =
1
2
  2
  3
  3
  3
  4
  4
 4
4


l =
0
0
  1
  0
  1
  2
  0
  1
 2
3


ml  =
0
0
+1
  0
+1
+2
  0
+1     +2      +3





  0

  0
+1

  0     +1      +2





-1

 -1
  0

 -1
 0      +1








 -1


-1
 0








 -2



-1












-2












-3

Orbital 

  designation
1s
2s
2p
3s
3p
3d
4s
4p
4d
4f
No. of Orbital 

    in Subshell
 1
1
3
1
3
 5
1
3
5
 7

Max. No. of e-
   in Subshell
 2
2
6
2
6
10
2
6
10
14

Max. No. of e- 

    in Shell
 2
   8


18


    32

No. of orbital

    per Shell
 1
   4


 9


    16

_________________________________________________________________________

7.9  Polyelectronic Atoms

The solutions to the wave equations for atoms with more than one electrons are more complicated than that of hydrogen (or other one-electron system). This is because another energy factor – the potential energy due to electron-electron repulsion, has to be included. In hydrogen atom the energy component that is taken into account are the kinetic energy of electron and its potential energy due to nuclear attraction. Calculating energy that arises from electron-electron repulsion is very difficult because the electron pathways in the atom are unknown. We cannot predict when this repulsion is going to increase or decrease. This is called the electron correlation problem. Therefore, in solving Schrodinger’s wave equations for many-electron atoms, certain approximation has to be made. This is done by treating each electron in the atom as if it were moving in a field of charge that is the net result of the nuclear attraction and the average repulsions of other electrons.


For example, consider a lithium atom that has 3 electrons. If we take the outermost electron and consider the forces it experiences, we will see that this electron will feels both the strong attraction of the nucleus as well as the repulsion of the other two electrons. The net effect is that the electron is not attracted to the nucleus as strongly as it would be if the other electrons are not there. Therefore, we say that the electron is shielded from the nuclear charge by the repulsions it experiences from the other electrons. 

Although the orbital that resulted from Schrodinger’s wave equation for many-electron atoms are very similar to that of hydrogen, their sizes and energies are different. These differences are due to the interplay between nuclear attraction on the electron and the repulsion from other electrons. One especially important difference between the wave functions of many-electron atoms from that of the hydrogen atom is that: 

· for hydrogen, all orbitals in a given quantum level are degenerate. 

· Whereas, in many-electron atoms the energy of orbital in the same principal quantum level varies as follows:  Ens < Enp < End < Enf. 

Therefore, when electrons are placed in a particular quantum level (or electron shell), they are assigned in the order s, p, d, and then f. For example, the energy levels in the third quantum shell are in the order: E3s < E3p < E3d. When electrons are assigned into the third level, they fill up the 3s sublevel first, followed by the 3p, and then 3d. This order of assigning electrons into an electron shell produces a stable atom.

7.10  Building Electron Configuration Using the Aufbau Method
1.
We assume that the same types of orbital that have been described for the hydrogen atom are also found in many-electron atoms. Electrons are assigned into each of these orbital starting with one having the lowest energy. This method of building electron configuration is called the Aufbau process. In many-electron atoms, orbital energy levels increase in the following order:

1s < 2s < 2p < 3s < 3p < 4s < 3d < 4p < 5s < 4d < 5p < 6s < 4f < 5d < 6p < 7s < 5f 

The electron configurations of the first six elements (H through C) are shown below:

H (Z = 1):
1s1 

He (Z = 2):
1s2  

Li (Z = 3):
1s22s1,   

Be (Z = 4):
1s2 2s2,
or  [He] 2s2, where [He] represents the inner shell.

B (Z = 5):
1s2 2s2 2p1,
or  [He] 2s2 2p1
C (Z = 6):
1s2 2s2 2p2,
or  [He] 2s2 2p2
2.
The Pauli Exclusion principle must be obeyed; that is, only two electrons can be in the same orbital, and when this happens, they must have opposite spins. For example, two electrons that occupy the 1s orbital in helium atom must have opposite spins. Similarly in beryllium (Z = 4), we also find that the next pair of electrons occupies the 2s orbital with opposite spins.




He:  1s2  (   _((_;

Be: 1s2 2s2   (  _((_  _((_





 1s



     1s
    2s
3.
According to the Hund’s rule, when assigning electrons to a set of degenerate orbital (such as np’s, nd’s, and nf’s), the electrons must be assigned to each orbital singly with their spin parallel until the entire set is half-filled before any pairing of electrons takes place. For example, the orbital diagrams from nitrogen to neon are as follows:



N (Z = 7):  1s2 2s2 2p3 ;
     _((_  _((_   _(_ _(_ _(_







       1s     2s             2p



O (Z = 8):  1s2 2s2 2p4 ;
     _((_  _((_   _((_ _(_ _(_







       1s     2s              2p



F (Z = 9):  1s2 2s2 2p5 ;
     _((_  _((_   _((_ _((_ _(_







       1s     2s              2p



Ne (Z = 10): 1s2 2s2 2p6 ;
     _((_  _((_   _((_ _((_ _((_







       1s     2s              2p


In sodium and magnesium, the first ten electrons occupy the 1s, 2s, and 2p orbital, while the eleventh and twelfth electrons occupy the 3s orbital. 


Na (Z = 11): 1s2 2s2 2p6 3s1  =  _((_  _((_   _((_ _((_ _((_   _(_





        1s     2s               2p

 3s


Mg (Z = 12): 1s2 2s2 2p6 3s2  =  _((_  _((_   _((_ _((_ _((_   _((_






        1s     2s               2p

  3s
Since the first two energy levels in sodium and magnesium are completely filled and the electron configuration of these inner or “core” shells (principal quantum level) are identical to that of neon, we can substitute these “inner shells” with the “neon core”, as shown bellow:


Na (Z = 11): [Ne] 3s1  =  [Ne]  _(_ ;  
Mg (Z = 12): [Ne] 3s2 =  [Ne]  _((_





      3s





      3s

In multi-electrons atoms, the 4s orbital is lower in energy than the 3d orbital. Therefore, after the 3p is completely filled (as in Ar), the next available electron occupies the 4s instead of 3d. The electron configurations of potassium and calcium are as follows:

K (Z = 19):
1s2 2s2 2p6 3s2 3p6 4s1,   or
[Ar] 4s1

Ca (Z = 20):
1s2 2s2 2p6 3s2 3p6 4s2,   or
[Ar] 4s2 

The five 3d orbital are filled in elements Sc through Zn:

Sc (Z = 21):
1s2 2s2 2p6 3s2 3p6 4s2 3d1,   or
[Ar] 4s2 3d1
   Ti (Z = 22) :  1s2 2s2 2p6 3s2 3p6 4s2 3d2,   or
[Ar] 4s2 3d2
 V (Z = 23) :  1s2 2s2 2p6 3s2 3p6 4s2 3d3,   or
[Ar] 4s2 3d3

Cr (Z = 24):
1s2 2s2 2p6 3s2 3p6 4s1 3d5,   or
[Ar] 4s1 3d5 


Mn (Z = 25):
1s2 2s2 2p6 3s2 3p6 4s2 3d5,   or
[Ar] 4s2 3d5

Fe (Z = 26) : 1s2 2s2 2p6 3s2 3p6 4s2 3d6,   or
[Ar] 4s2 3d6

Co (Z = 27) : 1s2 2s2 2p6 3s2 3p6 4s2 3d7,   or
[Ar] 4s2 3d7 


Ni (Z = 28) :  1s2 2s2 2p6 3s2 3p6 4s2 3d8,   or
[Ar] 4s2 3d8 


Cu (Z = 29):
1s2 2s2 2p6 3s2 3p6 3d10 4s1,  
OR
[Ar] 3d10 4s1 


Zn (Z = 30):
1s2 2s2 2p6 3s2 3p6 3d10 4s2,   OR
[Ar] 3d10 4s2 

Applying the Hund’s rule, electrons occupy the five 3d orbital singly with their spins parallel and then start pairing up (with opposite spins) after each of these orbital has one electron. The orbital diagrams for the 4s and 3d orbital in chromium, manganese, and iron are shown below:


Cr (Z = 25): [Ar] 4s1 3d5;
[Ar] _(_   _(_ _(_  (_ _(_ _(_   






       4s
       3d


Mn (Z = 25): [Ar] 4s2 3d5;
[Ar] _((_  _(_ _(_  (_ _(_ _(_   






        4s
        3d


Fe (Z = 26): [Ar] 4s2 3d6;
[Ar] _((_  _((_ _(_  (_ _(_ _(_   






        4s
          3d

Although the 4s orbital is generally filled before the 3d orbital, an anomaly is noted in the electron configuration of chromium, where one of the 4s electrons has moved to the last empty 3d orbital, creating a 4s1 3d5 configuration. In such a state, both 4s and 3d sets are half-filled with six electrons adopting parallel spins. Such a configuration of half-filled orbital with electrons having a maximum spin multiplicity was shown to result in a lower energy state than the alternative configuration of 4s23d4. 

A similar trend also occurs in molybdenum (element below chromium in the periodic table), where the electron configuration is [Kr]5s1 4d5, instead of [Kr]5s2 3d4. An anomaly is also observed in copper and silver, which have the electron configurations [Ar]4s13d10 and [Kr]5s14d10, respectively, instead of the expected [Ar]4s2 3d9 and [Kr]5s24d9. It appears that a configuration is more stable when the set of degenerate orbital are either completely filled or half-filled.

Valence-Shell Electron Configurations

For elements Li through Ne, the highest energy level containing electrons is the quantum level n = 2; while in elements Na through Ar, the outermost shell filled is n = 3. For any element, the highest quantum level or the outermost shell with electrons is called the valence shell and the electrons in this level are called valence electrons. The chemical properties of an element are determined by the configurations of its valence shell. Thus, elements in the same group have similar valence shell configurations, and they share similar chemical properties. For example, the alkali metals (the group 1A) have a general valence shell configuration of ns1, where n varies from 2 in Li to 6 in Cs. Each of these elements contains one valence electron per atom. Similarly, elements in group 2A (the alkaline earth metals: Be through Ba) have the general valence shell configuration of ns2 (n = 2 for Be and n = 6 for Ba). For the main groups elements, we write the general valence-shell electron configurations as follow:

Group:

1A
2A
  3A
     4A
        5A
   6A
      7A

8A
Valence-shell 

   Configuration:
ns1
ns2
ns2 np1
   ns2 np2    ns2 np3
 ns2 np4   ns2 np5    ns2 np6 

___________________________________________________________________________

For main group elements, the number of valence electrons is the same as the group number (in the American system of numbering groups). Note that the sets of orbital ns and np being filled are in the same shell (or principal energy level). When we consider what set of orbital in each element are filled, we see that the periodic table may be divided into four different blocks, namely the s-, p-, d-, and f-blocks. The s-block consists of groups 1A(1) and 2A(2), the p-block consists of groups 3A(13) through 8A(18), the d-block covers the entire transition metals, and the f-block contains the lanthanide and actinide elements. Both s- and p-blocks contain the main group or representative elements.

7.11  The History of the Periodic Table

By the middle of nineteenth century, chemists had discovered a large number of elements, determined their relative atomic masses, and measured a host of their properties. Now they needed a system of classification that would enable them to put these elements into various groups based on their physical and chemical properties. They searched for patterns among the various properties of elements already known. 

One of them, Johann Dobereiner (1780-1849), introduced the so called Dobereiner’s triad. That is, he placed elements in groups of three based on their atomic masses, such that the atomic mass of the middle element appeared to be approximately equal to the average mass of the other two elements (with lower and higher atomic masses). For example, the atomic mass of bromine (81) is approximately the average of those of chlorine (35) and iodine (127). (The actual atomic mass for bromine is 79.9) However, the “triad model” was found to be applicable only to certain groups of elements. In 1864, an English chemist named John Newlands proposed that elements should be arranged in octaves, like the musical scale. 


In 1869, Dmitri Ivanovich Mendeleev (1834-1907), a Russian, and Julius Lothar Meyer (1830-1895), a German chemist, independently proposed a system of classification of elements based on the periodic law: that is, when elements are arranged in order of increasing atomic mass, certain sets properties recur periodically.  Meyer based his periodic law on the atomic volume, which was calculated by dividing the atomic mass of the element by the density of the solid:


Molar (atomic) volume (cm3/mol) = molar mass (g/mol) x 1/d (cm3/g)

The graph of atomic volume versus atomic mass demonstrates a periodic pattern. It shows that high atomic volumes recur periodically for the alkali metals (Li, Na, K, Rb, Cs). Meyer also noted that other properties such as hardness, compressibility, and boiling points also showed periodic variation when plotted against the atomic mass of elements. [After the discovery of atomic number by Henry G. J. Moseley (1887 – 1915), it was found to be more appropriate to graph the periodic patterns of atomic properties against atomic number.]


Mendeleev introduced a periodic table that consists of eight column and twelve rows. Elements are arranged horizontally from left to right along the row in increasing atomic mass (not atomic number as seen in the modern periodic table). Elements with similar physical and chemical properties were placed in the same column, called group. For example, elements such as Li, Na, K, Rb, and Cs, which exhibit high atomic volumes, low melting points, high reactivity, and form similar types of compounds, are placed in Group I. The grouping was also based on the type of oxides and chlorides the elements form. Some spaces were left blank, which Mendeleev reserved for elements that have yet to be discovered. In fact, using his table, Mendeleev was able to correctly predict the properties of some of these yet to be discovered elements. For example, in 1871, he predicted the existence of an element, which he called “eka-silicon”, that would have the following properties: 





Predicted


Observed

Properties



Eka-silicon (1871)

Germanium (1886)

Atomic mass 



72 



72.6

Density, g/cm3


5.5



5.47

Color




dirty gray


whitish gray

Density of oxide, g/cm3

EsO2: 4.7


GeO2: 4.703

Boiling point of chloride

EsCl4: below 100oC

GeCl4: 86 oC

Density of chloride, g/cm3

EsCl4: 1.9


GeCl4: 1.887

__________________________________________________________________

These data suggest a strong agreement between Mendeleev’s prediction and the observed properties of germanium, which was discovered in 1886. Other elements that he predicted were those with atomic mass 44, 68, and 100 - now we know them as scandium, gallium, and technetium. Using his table, Mendeleev was also able to correct the atomic masses of certain elements, such as beryllium, indium and uranium. For example, the atomic mass of indium was originally thought to be 76, which was based on the assumption that indium oxide has the formula InO. This atomic mass placed indium, which is a metal, among the nonmetals. Mendeleev thought that the atomic mass was probably incorrect and proposed that the formula of indium oxide might be In2O3. Based on this new formula, indium has an atomic mass of approximately 113, placing the element among the metals. The success of Mendeleev predictions stimulated other chemists to quickly adopt his table, and it remains as one of the most valuable tools at the chemist’s disposal. 

A New Group for the Periodic Table


One group of element that Mendeleev did not anticipate was the noble gases. Sir William Ramsey, the discoverer of these elements, proposed that these elements be placed in a separate group, called Group 0, located between Group VII (the halogens) and Group I (the alkali metals). 

Atomic Number as the Basis for the Periodic Table
In his periodic table Mendeleev had to place certain elements out of the order of increasing atomic mass in order to get them into the proper group. He assumed this was because of errors in calculating atomic masses. However, with improved methods of determining atomic masses and with the discovery of argon (group 0, atomic mass 39.9), which was placed ahead of potassium (group I, atomic mass 39.1), it became clear that a few elements might always remain “out of order”. At the time, these out-of-order placements were justified by chemical evidence. Elements were placed in the groups based on their chemical properties. However, this “out-of-order” placement was easily corrected when atomic numbers (introduced by Moseley) were used instead of atomic masses. For example, placing argon (Z = 18) before potassium (Z = 19) was actually correct and not out-of-place according to their atomic masses. From the standpoint of Moseley’s discovery of atomic number (1913), the periodic law should be re-state as follows:

· Similar properties recur periodically when elements are arranged according to increasing atomic number.

7.12  Periodic Trends in Atomic Properties

Atomic radius

Because orbital have no specific boundaries, the size of an atom cannot be specified precisely. The easiest way to express the size of an atom is through the measurement of its radius, and there are two ways in which this can be accomplished. For elements that form diatomic molecules, the atomic radius is equal to one-half the internuclear distance. This is called the covalent atomic radius. For example, X-ray crystallography determined that the internuclear distance in Br2 is 228 pm. The covalent atomic radius for bromine is 114 pm. 

For nonmetals that do not form diatomic molecules, the atomic radii are estimated from their various covalent compounds. The radii for metals atoms (called metallic radii) are obtained from half the internuclear distance of two adjacent atoms in metal crystals. Covalent atomic radii are always smaller than if the radii were estimated from the 90% electron density volumes of isolated atoms. This is because, when two atoms approach each other to form covalent bonds, their “electron cloud” interpenetrates. However, these values form a self-consistent data set, and we are more interested in their trends in the periodic table than their absolute values.

· In general, the atomic radii decrease in going from left to right across a given period in the periodic table. 

This decrease in atomic radii is due to the increasing “effective nuclear charge” in going from left to right, and valence electrons are drawn closer to the nucleus, decreasing the atomic size. For example,

Li > Be > B > C > N > O > F;
Na > Mg > Al > Si > P > S > Cl;

· Atomic radii increase from top to bottom down a group. 

This is because of the increase in orbital size due to increasing principal quantum levels. As one goes down a given group, the valence electrons occupy energy levels with a higher quantum number than the one before. For example,

Li < Na < K < Rb < Cs;
F < Cl < Br < I

· The radii of cations are smaller and the radii of anions are larger than those of the corresponding atoms from which the ions are derived. 

This is because, when an atom loses one of more electrons, repulsions between electrons decreases and effective nuclear attractions on the remaining electrons increase. This results in a decrease in atomic sizes. For a set of isoelectronic cations (ions containing the same number of electrons), the higher the positive charge on the cation, the smaller the size. In the formation of anions, electrons are added to the atoms, which results in an increase of the electron-electron repulsions and expansion of charge cloud expands. For isoelectronic species, the trends of their radii are as follows:

     Al3+ < Mg2+ < Na+ < Ne < F- < O2- < N3-;
 Ca2+ < K+ < Ar < Cl- < S2- ;

Ionization Energy

Ionization energy is the amount of energy required to remove an electron from a gaseous atom or ion:




    M(g)  (  M+(g) +  e-;

M+(g)  (  M2+(g)  +  e- ;

Where the atom or ion is assumed to be in its ground state (lowest electronic energy state). The ionization energy values are normally expressed in kJ/mol. For example,



Al(g)  (  Al+(g)  +  e- ;

I1 = 580 kJ/mol;



Al+(g)  (  Al2+(g) + e- ;

I2 = 1815 kJ/mol;



Al2+(g) (  Al3+(g) + e- ;

I3 = 2740 kJ/mol;



Al3+(g) (  Al4+(g) + e- ;

I4 = 11, 600 kJ/mol;

The first ionization energy (I1) is the energy needed to remove an electron from a neutral atom, and this would be the electron occupying the highest energy orbital. For aluminum ([Ne]3s23p1), it will be the electron in the 3p orbital, and its removal yields Al+ ion with electron configuration [Ne]3s2. The next two electrons are removed from the 3s orbital, and the fourth from the 2p orbital. The removal of second electron requires about three times as much energy as the first one. This is because, the electrons are at a lower electronic energy state (more stable state) and after the removal of the first electron, the effective nuclear charge on the remaining electrons increases and the removal the subsequent electrons becomes more difficult. 

It is noted that, the ionization of the fourth electron in aluminum requires more than quadruple the amount of energy needed to remove the third electron. This electron is removed from the 2p orbital, which is in the inner quantum level or “core” shell, thus requiring much more energy. The pattern in which ionization energies of a given element increase provides evidences of the existence of quantized energy levels in atoms.

The trends of ionization energy in the periodic table are as follows:

· Ionization energy generally increases from left to right across periods and decrease from top to bottom down groups.

We see some discontinuities in the ionization energy in going across a period. For example, in Period 2, discontinuities occur in going from beryllium to boron and from nitrogen to oxygen. This anomaly can be explain in terms of electron shielding as well as electron-electron repulsion effects. The decrease in ionization energy in going from beryllium to boron is due to the fact that electrons in the filled 2s orbital provide some shielding for electrons in the 2p orbital from the nuclear charge. The decrease in ionization energy in going from nitrogen to oxygen is due to the extra electron repulsions in the doubly occupied 2p orbital in oxygen atom. In Period 3, discontinuities occur in going from magnesium to aluminum and from phosphorus to sulfur. 

Electron Affinity

Electron affinity is the energy change associated with the addition of an electron to a gaseous atom:



     X(g)  +  e-  (  X-(g)

Electron affinities generally have negative values because the process is exothermic – the added electrons are experiencing a net nuclear attractions when entering the atoms. 

Electron affinity generally increases (become more negative or more exothermic) from left to right across periods and decreases (become less negative) top to bottom down groups, although certain anomalies are noted. Both nuclear attractions and electron repulsions appear to influence electron affinity. For example, nitrogen atom does not form stable, isolated N-(g) ion, whereas its neighbors, carbon and oxygen, form stable C-(g) and O-(g) ions. These facts reflect the difference in their electron configurations. Nitrogen has the configuration 1s2 2s2 2p3, in which the 2p orbital are half-filled (a stable configuration). Adding one more electron to the 2p orbital would decrease the electronic stability due to increasing electron repulsions. Carbon has the configuration [He]2s22p2, where one of the 2p orbital is empty. An electron added to carbon would occupy this empty 2p orbital, which would not result in a significant electron repulsion. While oxygen contains one more proton than nitrogen; although adding an electron to oxygen would increase the electron repulsion, this will be countered by the higher nuclear attraction in oxygen. 

Electron affinities of the halogens are given below:

Atoms:

F
  Cl
     Br

  I___

E.A. (kJ/mol):
       -328
-349
   -325

-295

————————————————————————————


While we see a general trend of decreasing electron affinity going down the group, electron affinity increases (becomes more negative) from fluorine to chlorine. The 2p subshell in fluorine is much smaller compared to the 3p subshell in chlorine. Having eight electrons in the 2p subshell would create a much stronger electron-electron repulsions compared to having the same number of electrons in the 3p subshell. Although an electron added to fluorine atom would experience a greater nuclear attraction, hence the negative energy change, the strong electron repulsion encountered in fluorine reduces this exothermic energy change. The decreasing trend observed in bromine and iodine is due to the fact that the added electrons are experiencing weaker nuclear attractions as a result of larger atomic size.

7.13  The Properties of a Group: The Alkali Metals
Representative elements within the same group exhibit similar chemical properties that change in a regular pattern. This is explained by the fact that these elements have similar valence-shell electron configuration. It is the electron configuration of the valence shell that primarily determines the chemical properties of an atom.


The alkali metals (Group 1A: Li, Na, K, Rb, Cs, and Fr) represent the most reactive group of metals. As a group, they have the largest atomic sizes and lowest ionization energies. The large shielding effect by “core” (inner-shell) electrons results in weak effective nuclear charge experienced by the valence electrons. This results in their relatively low ionization energy and consequently, their high reactivity. The alkali metals have relatively low melting points and they are generally soft. This is because they have weak metallic bonds that result from the single valence electrons per atom. Their melting points decrease going down the group. The density of the alkali metals increases going down the group. This is because atomic masses increase more rapidly than atomic sizes.


As atomic size increases down the group, ionization energy decreases and reactivity increases – the lower the ionization energy, the more easily the atoms lose the single valence-shell electrons. Thus, francium would be the most reactive metal and lithium the least reactive in that group. Alkali metals are strong reducing agents. The expected reducing trend for these metals is  Li < Na < K < Rb < Cs.


Alkali metals react with the halogens to form alkali halides with the general formula MX. Only lithium reacts with oxygen to form the expected simple oxide with a formula Li2O. Sodium and potassium react with oxygen to form sodium peroxide (Na2O2) and potassium superoxide (KO2), respectively. Their reactions with water is very vigorous and exothermic, producing hydrogen gas and hydroxide solutions: 2M(s)  +  2H2O(l)  (  2MOH(aq) +  H2(g).

Additional Exercises:

1.
The Lyman series in the hydrogen emission spectrum results from electrons jumping from upper levels to the ground state level (n=1). What is the frequency and wavelength that corresponds to the line with the lowest frequency in the Lyman series of hydrogen spectrum?  (Answer:  = 2.466 x 1015 s-1;  = 121.6 nm)

2.
A typical microwave oven uses microwave radiation with wavelength of 12.2 cm.  Calculate (a) the frequency, (b) the energy associated with a photon, and (c) the energy of one mole of photons of the microwave radiation.  


Are there any electronic transitions in the hydrogen atom that could produce microwave radiation of wavelength 12.2 cm?  

(Answer: (a) n = 2.46 x 109 s-1;  (b) Ep = 1.63 x 10-24 J; E/mol photon = 0.982 J)

3.
The photoelectric work function of a metal is the minimum energy needed to eject an electron from the meal surface by irradiating the latter with light.  The photoelectric work function for magnesium is 5.90 x 10-19J.  Calculate the maximum wavelength of light required to eject electrons from magnesium?  (Answer: o = 337 nm)

4.
An electron is accelerated to one-tenth the speed of light. What is its wavelength? What is the wavelength of a proton traveling at the same speed?  (me = 9.11 x 10-31 kg;  

mp = 1.67 x 10-27 kg; c = 3.00 x 108 m/s). (Answer: e = 24.2 pm; p = 1.32 x 10-2 pm)
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